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PREFACE 

The present laboratory manual has been prepared for undergraduate students who are 

studying chemistry as one of the subjects in the Indian Universities. This is the first 

volume and includes the most common topics on quantitative analyses in chemistry 

(volumetric analysis & gravimetric analysis) and inorganic preparations. A large 

amount of literature is available on these topics but in this book the authors have 

included the experiments keeping in mind the syllabi prescribed for B.Sc. courses 

(Honor’s and Pass Course Program) by UGC, HP University and other Indian 

Universities under the choice-based credit (CBCS) system along with B. Pharmacy 

course. The book has been designed in such a way that the students develop a scientific 

attitude and understand the importance of analyses in chemistry and related fields. All 

the analytical procedures have been preceded by discussions on the topic and 

illustrations to clear both the theoretical and practical aspect of the experiment. Special 

effort has been made by giving complete observation tables and calculations using 

fictional values so that the students can easily reach the result with their observations. 

Separate notes have been given at the end of each experiment which include procedure 

for preparation of solutions and precautionary measures to be taken while performing 

the experiment. These notes are also useful for the teachers and laboratory staff besides 

training the students in the basic steps of preparing solutions. The safety measures 

required essentially in the chemistry laboratory have been dealt with separately in the 

first chapter which includes 50 golden rules of safety. Besides this the authors on the 

basis of their long teaching experience have given special emphasis to the common 

mistakes made by the first-year students in chemistry laboratory. 

The topics have been organized in the book into eleven chapters which provide 

theoretical and practical knowledge of each experiment. The first two chapters deal with 

the laboratory etiquettes and safety measures required while working in a chemistry 

laboratory. The third chapter provides a basic knowledge of volumetric analysis 

including the calibration of apparatus.  Various types of titrations have been dealt with 
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separately in the next six chapters. The last two chapters cover the topics on gravimetric 

analysis and inorganic preparations. The authors have tried to provide a detailed account 

of different apparatuses used in these practical’s at the start of the chapter.   Some 

questions for practice and model questions have been provided at the end of the chapter 

for practice. The difficult points have also been cleared through the viva questions with 

answers at the end of each chapter. At the end of book preparation of important bench 

reagents and a number of important appendices have been added to make the book 

informative and useful for students, teachers, laboratory staff and research scholars as a 

reference book. In this volume I of the laboratory manual the classical methods of 

quantitative analyses (volumetric and gravimetric) have been dealt with in detail and the 

modern electro-analytical methods of analyses along with qualitative analyses will be 

taken up in volume II. Though every effort has been made to make the book error free, 

yet the readers might encounter some errors and their criticism with suggestions are 

always welcome. Our thanks to Empyreal Publishing House for their cooperation and 

bringing out this book in short time. 
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Syllabi 

 
Himachal Pradesh University 

LAB COURSE 

CHEM 101 PR 

ATOMIC STRUCTURE, BONDING, GENERAL ORGANIC CHEMISTRY & ALIPHATIC 
HYDROCARBONS LAB 

TIME ALLOWED: 03 HOURS 

Max Marks: 20   Credits – 2 

I. Inorganic Chemistry - Volumetric Analysis 

Estimation of sodium carbonate and sodium hydrogen carbonate present in a mixture. 

Estimation of oxalic acid by titrating it with KMnO4. 

Estimation of water of crystallization in Mohr’s salt by titrating with KMnO4. 

Estimation of Fe (II) ions by titrating it with K2Cr2O7 using internal indicator. 

Estimation of Cu (II) ions iodometrically using Na2S2O3. 

II. Organic Chemistry 

Purification of organic compounds by crystallization (from water and alcohol) and distillation. 

Separation of mixtures 

Chromatography: Measurement of Rf value of a mixture of two organic compounds. 

 

Himachal Pradesh University 

LAB COURSE 

CHEM 302 PR 

INDUSTRIAL CHEMISTRY AND ENVIRONMENT LAB 

TIME ALLOWED: 03 HOURS 

Max Marks: 20    Credits -2 

1. Determination of dissolved oxygen in water. 

2. Determination of Chemical Oxygen Demand (COD) 

3. Determination of Biological Oxygen Demand (BOD) 

4. Percentage of available chlorine in bleaching powder. 

5.Measurement of chloride, sulphate and salinity of water samples by simple titration method 
(AgNO3and potassium chromate). 
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6. Estimation of total alkalinity of water samples (CO3
2-, HCO3

-) using double titration method. 

7. Measurement of dissolved CO2. 

8. Study of some of the common bio-indicators of pollution. 

9. Estimation of SPM in air samples. 

10. Preparation of borax/ boric acid. 

 

Himachal Pradesh University 

LAB COURSE 

CHEM 304 PR 
CHEMISTRY OF TRANSITION AND INNER TRANSITION ELEMENTS, 
COORDINATION CHEMISTRY, ORGANOMETTALICS, ACIDS and BASES LAB 

TIME ALLOWED: 03 HOURS 

Max Marks: 20   Credits – 2 

1. Iodometric estimation of potassium dichromate and copper estimate. 

2. Iodimetric estimation of antimony in tartaremetic. 

3. Estimation of amount of available chlorine in bleaching powder and household bleachers. 

4. Estimation of iodine in iodized salts 

5. Iodimetric estimation of ascorbic acid in fruit juices 

6. Gravimetric estimation of sulphate in barium sulphate. 

7. Gravimetric estimation of aluminum in oximato complex. 

8. Inorganic preparation of 

i) Potash alum ii) Chrome alum iii) tetraamminecopper(II)sulphate iv) potassium 
trioxalatoferrate(III) v) hexaammine nickel(II) chloride 

9.  Complexometric titrations 

a)  Estimation of (i) Mg2+ or (ii) Zn2+ by complexometric titrations using EDTA. 

b) Estimation of total hardness of a given sample of water by complexometric titration 

 

Choice Based Credit System BSc with Chemistry-UGC 

CHEMISTRY LAB: DSC 2A LAB 
ATOMIC STRUCTURE, BONDING, GENERAL ORGANIC CHEMISTRY & ALIPHATIC 
HYDROCARBONS 

60 Lectures 

Section A: 

Inorganic Chemistry – Volumetric Analysis 
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1. Estimation of sodium carbonate and sodium hydrogen carbonate present in a mixture. 

2. Estimation of oxalic acid by titrating it with KMnO4. 

3. Estimation of water of crystallization in Mohr’s salt by titrating with KMnO4. 

4. Estimation of Fe (II) ions by titrating it with K2Cr2O7 using internal indicator. 

5. Estimation of Cu (II) ions iodometrically using Na2S2O3. 

Section B: 

Organic Chemistry 

1. Detection of extra elements (N, S, Cl, Br, I) in organic compounds (containing up to two 
extra elements) 

2. Separation of mixtures by Chromatography: Measure the Rf value in each case (combination 
of two compounds to be given) 

Identify and separate the components of a given mixture of 2 amino acids (glycine, aspartic 
acid, glutamic acid, tyrosine or any other amino acid) by paper chromatography 

Identify and separate the sugars present in the given mixture by paper chromatography. 

 

CHEMISTRY LAB-DSC 2D LAB 

COORDINATION CHEMISTRY, STATES OF MATTER & CHEMICAL KINETICS 

60 Lectures 

Section A: 

Inorganic Chemistry 

Semi-micro qualitative analysis using H2S of mixtures – not more than four ionic species (two 
anions and two cations and excluding insoluble salts) out of the following: 

Cations NH4+, Pb2+, Ag+, Bi3+, Cu2+, Cd2+, Sn2+, Fe3+, Al3+, Co2+, Cr3+, Ni2+, Mn2+, Zn2+, Ba2+, 
Sr2+, Ca2+, K+. 

Anions: CO3
2-, S2–, SO3

2–, S2O3
2–, NO3

–, CH3COO–, Cl–, Br–, I–, NO3
–, SO4

2-, PO4
3-, BO3

3-, 
C2O4

2-, F-. 

(Spot tests should be carried out wherever feasible) 

1. Estimate the amount of nickel present in a given solution as bis(dimethylglyoximato) nickel 
(II) or aluminium as oxinate in a given solution gravimetrically. 

2. Draw calibration curve (absorbance at λmax vs. concentration) for various concentrations of a 
given coloured compound (KMnO4/CuSO4) and estimate the concentration of the same in a 
given solution. 

3. Determine the composition of the Fe3+-salicylic acid complex solution by Job’s method. 

4. Estimation of (i) Mg2+ or (ii) Zn2+ by complexometric titrations using EDTA. 

5. Estimation of total hardness of a given sample of water by complexometric titration. 

6. Determination of concentration of Na+ and K+ using Flame Photometry. 
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CHEMISTRY PRACTICAL - DSE LAB 
INDUSTRIAL CHEMICALS & ENVIRONMENT  60 Lectures 

1. Determination of dissolved oxygen in water. 

2. Determination of Chemical Oxygen Demand (COD) 

3. Determination of Biological Oxygen Demand (BOD) 

4. Percentage of available chlorine in bleaching powder. 

5. Measurement of chloride, sulphate and salinity of water samples by simple titration method 
(AgNO3 and potassium chromate). 

6. Estimation of total alkalinity of water samples (CO3
2-, HCO3

-) using double titration method. 

7. Measurement of dissolved CO2. 

8. Study of some of the common bio-indicators of pollution. 

9. Estimation of SPM in air samples. 

10. Preparation of borax/ boric acid. 

 

DSE LAB 

60 Lectures 

Section A: Inorganic Chemistry 

1. Separation of mixtures by chromatography: Measure the Rf value in each case. (Combination 
of two ions to be given) Paper chromatographic separation of Fe3+, A13+ and Cr3+ or Paper 
chromatographic separation of Ni2+, Co2+, Mn2+ and Zn2+ 

2. Preparation of any two of the following complexes and measurement of their conductivity: 

(i) tetraamminecarbonatocobalt (III) nitrate 

(ii) tetraamminecopper (II) sulphate 

(iii) potassium trioxalatoferrate (III) trihydrate 

Compare the conductance of the complexes with that of M/1000 solution of NaCl, MgCl2 and 
LiCl3. 

Section B: Organic Chemistry 

Systematic Qualitative Organic Analysis of Organic Compounds possessing monofunctional 
groups (-COOH, phenolic, aldehydic, ketonic, amide, nitro, amines) and preparation of one 
derivative. 
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50 Golden rules of laboratory etiquette 

1.1.0.0 Proper laboratory attire: 

 

Figure 1.1 (Lab coat) 

1.1.1.0 Rule 1: Avoid wearing sandals and open shoes in the laboratory. Wear proper closed 

toed shoes and avoid wearing loose clothes. 

1.1.2.0 Rule 2: Always wear a long-sleeved, full-length cotton Laboratory coat (Figure 1.1) or 

chemical resistant apron inside the laboratory. Besides this carry a mask made of cloth, safety 

glasses for eye protection with you so that it may be used when required. 

1.1.3.0 Rule 3: Never wear a Laboratory coat outside the Laboratory as it may be a source of 

undesirable things which may be harmful. 

1.1.4.0 Rule 4: Long hair should always be tied back to avoid any untoward incident like 
tangling of hair in some instrument or catching fire through a burner. A cotton cap can be worn 

for safety. 

1.1.5.0 Rule 5: Avoid using any kind of cosmetics in the laboratory. Dangling jewelry of any 

metal should be avoided in the Laboratory. 

1.2.0.0 Laboratory not to be used as kitchen: 

 

Figure 1.2 Logo (Image source: clipart.library.com) 

1.2.1.0 Rule 6: Eatables of any kind should not be brought in the laboratory. 

1.2.2.0 Rule 7: Don’t eat or drink anything while working in lab. (Logo: Figure 1.2) 

1.2.3.0 Rule 8:  Refrigerator, Microwave, Hotplate which are used in the laboratory practical 

should never be used for keeping food items. 

1.2.4.0 Rule 9: Don’t use beaker or any other glassware for drinking water. 

1.2.5.0. Rule 10: Never taste any chemical like mostly students do out of curiosity specially for 
commonly known chemicals like common salt (NaCl), Table sugar(sucrose). Also never smell 

or inhale a chemical substance unless instructed to do so. If instructed to note the odor of a 

substance, then use your hand with palm to direct the vapors towards your nose. This is also 

called wafting. (Figure 1.3) 
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Figure 1.3 (wafting gases with hand) 

1.2.6.0. Rule 11: Don’t use the laboratory as sitting area for having lunch or tea. 

1.3.0.0 Clean laboratory is safe laboratory 

 

Figure 1.4 

1.3.1.0 Rule 12: The area /seat assigned to you in the laboratory should be kept as clean as 

possible by removing the spilled chemicals as per the instructions given by the instructor. 

1.3.2.0 Rule 13: Report the breakage of any material, any kind of spill on clothes or surface or 

any kind of fire immediately to the lab staff to avoid accident. 

1.3.3.0 Rule 14: If there is a spill on the floor, immediately bring it to the notice of the 

laboratory staff and get it cleaned to avoid slipping or any other hazard. 

1.3.4.0 Rule 15: The apparatus should be cleaned properly and soap solution can be used for this 

purpose but final rinsing should be done with distilled water and if required with the solution 

provided for the experiment. 

1.3.5.0 Rule 16:  Don’t choke the sinks of the laboratory with filter paper or other debris. If the 

drain is clogged immediately bring it to the notice of your instructor. 

1.4.0.0 Well organized laboratory for meticulous lab work. 

1.4.1.0 Rule 17:  Place the reagent bottles back on the shelves immediately after use. 

1.4.2 .0 Rule 18: The reagent bottles or the containers having chemicals should always be closed 

after use. No such bottle which has its lid open or without stopper should lie in the working area 

after being used. 

1.4.3.0 Rule 19:  The chemicals without labels should never be used. Always ask the instructor 

before taking any reagent to your seat. 
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1.4.4.0 Rule 20: The time spent in the laboratory should be wisely used for performing the 

particular experiment and noting the readings. The theory behind the experiment and the 

procedure to be followed should be made clear before entering the laboratory. 

1.4.5.0 Rule 21:  Cooperation is must in the laboratory but avoid unnecessary movement and 

talking in the laboratory. 

1.4.6.0 Rule 22:  The possible sources of error in the experiment should be well known 

beforehand so that the experiment can be performed with accuracy and precision. 

1.4.7.0 Rule 23:  Accidents   due to carelessness should be avoided. 

1.4.8.0 Rule 24: All personal belongings including the cell phones, water bottles, books should 

be kept in a bag in the space separately provided in the laboratory. 

1.4.9.0 Rule 25: Bring practical file daily in the laboratory and record the observations in a 

separate note book while performing the experiment. 

1.4.10.0 Rule 26: Don’t roam in the laboratory and try to remain confined to the seat allotted to 

you. Always ask the instructor for what you require. 

1.4.11.0 Rule 27: Use a marker to label the solutions in the beaker, flask, test tube etc. that are 

being used while performing the experiment. 

1.4.12.0 Rule 28: The solutions in the laboratory should be prepared under the guidance of 

laboratory   staff. 

1.4.13.0 Rule 29: Use common sense in interpreting the procedure, observations, readings and 

in preparing the required solutions. 

1.4.14.0 Rule 30: If you have a medical problem like some serious ailment related to skin, eyes, 

respiratory system, some kind of allergy to certain chemicals or any other medical issue, it 

should be immediately brought to the notice of Teacher/Laboratory staff. 

1.4.15.0. Rule 31: Make sure that your contact number for any emergency situation is available 

with the instructor/Laboratory staff. 

1.4.16.0 Rule 32:  Be well aware of the storage of chemicals, proper use and maintenance of 

instruments and glassware in the laboratory. 

1.4.17.0 Rule 33: A complete knowledge of all the apparatus to be handled for the given 

experiment should be made a day in advance to the day of performance of the Practical. 

1.4.18.0 Rule 34: Handling of chemicals and instruments should be done safely and with 

precaution under the supervision of instructor /Lab staff. 

1.4.19.0 Rule 35: Don’t enter the prohibited areas like the gas room, store room without 

permission. 

1.4.20.0 Rule 36: Never try to judge the chemical by sniffing as in case of hydrocarbons, 

Naphthalene, camphor and common aromatic liquids like benzaldehyde (bitter almond smell), 

ammonia, picric acid, thio compounds etc. 

1.4.21.0 Rule 37: Don’t try to mix the chemicals randomly just to find the reaction as it may be 

explosive and life threatening. 

1.4.22.0 Rule 38: Don’t try to self-experiment in the laboratory out of curiosity even if you are 
genius and have a scientific background. Always perform the experiment as per the instructions 

of the instructor/lab staff. 
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1.5.0.0 Check outs before leaving the laboratory 

1.5.1.0 Rule 39: Always complete the experiment and then leave the laboratory   with the 

permission of the instructor. 

1.5.2.0 Rule 40: Remove your lab coat, safety glasses, mask, gloves after completing your lab 

work and before leaving the laboratory. 

1.5.3.0 Rule 41:  Always wash your hands before leaving the laboratory. Always keep a paper 

soap with you. 

1.5.4.0 Rule 42: Make sure to turn off the burner, water taps and any electric appliances after 

using them. 

1.5.5.0 Rule 43:  Make sure to return the unused material, apparatus and any other equipment to 

the Lab Assistant before leaving the laboratory. 

1.5.6.0 Rule 44:  Get your work checked by your teacher before leaving the laboratory. 

1.5.7.0 Rule 45: Don’t try to dispose of the chemicals, broken glassware immediately after 

finishing your experiment. You should be well aware of the guidelines for disposing off the 

chemicals/ glassware. If not then ask the instructor and then dispose of the items accordingly. 

1.5.8.0 Rule 46: Don’t take any chemical/Inorganic or Organic Preparation from the laboratory 
to your home. It can be dangerous. The preparations (Inorganic or Organic) synthesized by you 

have to be placed in a closed plain rectangular packaging plastic pouch and then securing it to 

the concerned page in the practical file with stapler. 

1.6.0.0 Emergency and first aid: 

 

Figure 1.5 

1.6.1.0 Rule 47: Get yourself well acquainted with the first aid box available in the laboratory. 

1.6.2.0 Rule 48: Be well aware of the fire extinguishers and other emergency equipment in the 

laboratory 

1.6.3.0 Rule 49: The common emergency situation that may arise in a Chemistry Laboratory 
have been discussed in next Chapter. Every student should go through these before starting the 

lab work. 

1.6.4.0 Rule 50: Alertness in laboratory is the key to safety. 

So, the students should always stay alert in the laboratory and listen to the guidelines given by 
the instructor at the beginning of the practical session. A notebook should be kept separately to 

note the important points dictated by the instructor. 
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The notebook should be used to note the daily observations taken during the experiments and 

students should get it checked by the teacher before leaving the laboratory. 

 

 

 

 

 

“I consider nature a vast chemical laboratory in which all kinds of compositions and 

decompositions are formed.” Antoine Lavoisier 

 

 

 Wearing of laboratory coat started as early as 1890 and the colour white was chosen because 

white colour fabric is easy to wash at high temperature and it is easy to see the stains on it. 
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2.1.0.0 Introduction and First Aid Kit: There are many emergency situations that a student 

may face while working in a chemistry laboratory. So, it is important for every student to have a 
thorough knowledge about the safety measures, the preventive measures and first aid measures 

in case of any untoward incident in the laboratory with them or with their fellow beings. The 

First Aid is done to Preserve Life, Prevent Harm and Promote Recovery. Normally they are 

called three P’s of first aid. 

The following first aid measures should be followed by the students for safety. 

2.1.1.0 The students must be well aware of the In -charge of First Aid Room and the location of 

the room as well as of the First Aid Kit. 

2.1.2.0 Every student must give his emergency contact number to the In- charge of the 

Laboratory. The number should be of his Parents or guardians who can be immediately called in 

case of emergency. 

2.1.3.0 The student should invariably tell his /her medical history in case he/she is allergic to 

some fumes/chemicals or even if allergic to some medicines. 

2.1.4.0 The student should bring his latest Prescription and SOS medicine if he/she has recently 

undergone some treatment from a doctor and should tell his/her problem to the in-charge before 

proceeding for any kind of laboratory work. 

2.1.5.0 The student should be well aware that First Aid provided in Laboratory is just to 

mitigate the damages caused by exposure to chemical or fire or some injury and expert medical 
help is essential immediately after First Aid. The actual treatment has to be taken from the 

hospital. 

2.1.6.0 The students should know about the contents of the First Aid Kit. In a Chemistry 

Laboratory the First Aid Kit normally contains: 

2.1.6.1 Adhesive dressings. 

2.1.6.2 Antiseptic solution like Dettol, Savlon etc. 

2.1.6.3 Antiseptic wipes. 

2.1.6.4 Bandages. 

2.1.6.5 Cotton balls or swabs. 

2.1.6.6 Emergency Blankets. 

2.1.6.7 Eyewash. 

2.1.6.8 Gauze 

2.1.6.9 Gloves. 

2.1.6.10 Hand Sanitizer. 

2.1.6.11 Ice pack. 

2.1.6.12 Tissues. 

2.1.6.13 Tweezers. 

2.1.6.14 Thermometer. 

2.1.6.15 Safety pins for pinning bandages. 
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2.1.6.16 Some medicines like Pain killers (Paracetamol, Ibuprofen etc.) and oral rehydration 

salts. 

2.1.6.17 A simple burn gel as a cooling agent for burns. 

2.1.6.18 Water proof Band Aids. 

2.2.0.0 Commonly encountered accidents in chemistry lab and ways to mitigate them 

2.2.1.0 Burns:  Burns may be caused by strong acid, alkali, liquid bromine, fire, hot 

solutions/solvents or simply hot water. 

2.2.1.1 For a minor burn due to heat wash with tap water followed by ice cold water and then 

apply suitable antiseptic like silver sulphadiazine, Burnol or acriflavine. The affected individual 

should immediately be referred to the physician after first aid. 

2.2.1.2 The flammable solvents like ethanol, ether should always be heated on a water bath 

because such chemicals are the common cause of fire accident. 

2.2.1.3 Major Burns: If the victim is on fire, then roll him in a blanket to lessen the flames. If 

some body part has been burnt then wash with tap water followed by ice cold water and inform 

the physician immediately 

2.2.1.4 Burn due to strong acid should be treated with dilute 8% sodium bicarbonate solution 
and then with water. If the burn is due to H2SO4, water cannot be used. It can be wiped with 

clean sterilized cotton cloth and the individual should be immediately referred to the physician. 

2.2.1.5 Burn due to strong alkali should be treated with water followed by 1% acetic acid 

solution. 

2.2.1.6 Burn due to bromine is highly dangerous and the affected person should be immediately 

sent to the hospital. As a first aid it can be washed with petrol. 

2.2.1.7 Burn due to sodium metal used in fusion tubes for organic analysis should be carefully 

treated by first removing any piece with forceps, washed with dilute 1% acetic acid solution. 

(This has to be done only by a trained person If such a person is not available, the affected 

person should be immediately shifted to hospital.) 

2.2.2.0 Cuts/bleeding: 

2.2.2.1 For a minor cut wash with water, dry, apply disinfectant (Dettol, Savlon) followed by 

antibiotic ointment like Neosporin /Nebasulf /Bacitracin. Dilute ferric chloride or tincture iodine 

can also be used. 

2.2.2.2 For major cut wash with disinfectant and apply pressure to the stop bleeding of the 

wound. Consult the doctor immediately. 

2.2.3.0 Spills: All kinds of spill on surfaces should be wiped off with cloth using a wiper and 
then the area should be washed with water. Direct contact of spill with skin should be avoided. 

Some common methods to mitigate the spills are: 

2.2.3.1Acidic spill on skin: Wash the skin with water and neutralize with baking soda. 

2.2.3.2 Basic spill on skin: Wash the skin with water and neutralize with boric acid. 

2.2.3.3 Formalin spill on skin: Wash skin with plenty of water and wipe with alcohol. 

2.2.3.4 Formalin spill on surface: Wipe up with wet paper towel and place the paper towel in 

fume hood to avoid inhalation. 
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2.2.3.5 Acidic /Basic spill on surface: These spills on the floor or the tile surface should be 

carefully wiped with a wiper and then the surface should be washed with water thoroughly. 

2.2.3.6 Sodium metal spill on surface: Use tweezers to pick sodium metal pieces   and put them 

in container containing oil, close the container and dispose off. 

2.2.4.0 Inhalation of fumes of poisonous gas: Before starting the experimental work, make 

sure that the Laboratory is well ventilated and exhaust fans and fume hood are in working 
condition. Treatment in case of inhalation of poisonous gases is urgently required so the person 

should be immediately shifted to hospital and artificial respiration if required should be given by 

a trained person only. As no specific antidote is available as a first aid to treat the fumes of 
poisonous gases, so the students must perform the experiments with caution using safety masks 

while dealing with these chemical fumes. Some common gases having poisonous fumes are: 

2.2.4.1 Ammonia vapors from concentrated ammonia solution. 

2.2.4.2 Bromine vapors from liquid bromine. 

2.2.4.3 Fumes from H2S gas prepared in the Kipp’s apparatus. 

2.2.4.4 Chloroform vapors. 

2.2.4.5 Fumes from concentrated HCl. 

In all these cases the affected person should be immediately shifted to fresh air and any clothing 

on the neck should be loosened. If a trained person is available artificial respiration can be 

given. 

2.2.5.0 Swallowing chemicals: 

2.2.5.1 Any chemical swallowed accidentally should be spit immediately and mouth thoroughly 

rinsed with water. 

2.2.5.2 For emergency the affected person should be given emetic (concentrated common salt 

solution) to vomit out. After this the person should be immediately taken to the doctor. 

2.2.5.3 In case an acid is swallowed let the person drink or gargle soap solution and rinse the 

mouth with 2% aqueous sodium bicarbonate solution. 

2.2.5.4 In case an alkali has been swallowed, let the person drink lemon juice. If the lips and 

tongue are burnt with alkali rinse thoroughly with water and then with 5% acetic acid. Eating a 

banana can also neutralize the effect of alkali. 

2.2.5.5 Salts of heavy metals if ingested can be neutralized to some extent by taking milk or 

white of egg or charcoal tablet orally. 

2.2.5.6 Formalin if ingested can be inactivated to some extent by taking milk. There is no 

accurate first aid antidote for formalin, so the affected person should be shifted to the hospital. 

2.2.6.0 Fire hazard and its management: Fire in the laboratory can occur due to Bunsen 

burner; leakage of gas, use of inflammable reagents. All laboratories should have a fire 

extinguisher and easy access to buckets of dry sand and fire blankets. Fire extinguishers should 
be placed at appropriate exit points of laboratory. They should be used if fire is controllable and 

the person handling them is well trained. The main gas supply should be immediately turned 

off. 

2.2.6.1 The basic structure of fire extinguisher (Figure 2.1) A fire extinguisher consists of a 

locking pin or safety pin with operating levers, a cylindrical pressure vessel, a pressure indicator 
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gauge, a discharge hose and a discharge nozzle. The label indicating the type, classification, 

capacity and other instructions are written on the cylindrical portion. Only trained persons can 
use a fire extinguisher in the right way. The basic steps in using a fire extinguisher are generally 

abbreviated as P.A.S.S. (Pull, Aim, Squeeze, Sweep) 

Pull the safety pin. 

Aim at the base of the fire. 

Squeeze the lever slowly. 

Sweep from side to side. 

 

Figure 2.1 (Fire extinguisher) 

2.2.6.2 The classes of fires are A, B, C, D, E and F (See table 2.1) Fire extinguishers are of 

different types (Figure 2.2) depending on the class of fire that needs to be extinguished. 

Table 2.1 

Symbol Class Fire risk 

 

Class A Solid combustible material 

i.e., Paper, Wood, Textiles, 

Plastic and most kind of trash 

 

Class B Flammable liquids i.e., Petrol, 

Diesel, Oil 



 

 

 

12 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

 

Class C Flammable gases i.e., Natural 

gas, Propane. 

 

Class D Combustible metals i.e., 

Magnesium, Potassium, 

Lithium 

 

Class E Electrical fires i.e., short 
circuiting from electrical 

equipment. 

 

Class F Unsaturated Cooking oils, fats 

used in commercial kitchens 

Types of Fire Extinguishers 

 

Figure 2.2 Types of fire extinguishers 

2.2.6.3 Sometimes it is difficult to control the fires just by fire extinguisher and therefore the 

following methods should also be used accordingly 

Sand:  Buckets of dry sand should always be easily available because most of the fires 

including those by organic solvents are easily extinguished by ample use of sand. Sand used for 

extinguishing fire should be discarded and not to be used again. 
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Blankets:  Fire proof blankets should be kept in transparent boxes which must be kept at easily 

available places in the laboratory so that they should be readily available 

Carbon tetrachloride is also used as a fire extinguisher under the name PYRENE, as it forms a 

protective coat over the burning object and does not let the air to enter and fire is extinguished, 

but it should be used for small fires and not for fires due to metals like sodium. 

Extinguish fire by covering the mouth of vessel: If a liquid being heated in a flask/beaker 
catches fire, it can be extinguished by simply covering the mouth of vessel. Lack of air helps in 

extinguishing fire immediately and the solution in the vessel can also be recovered unharmed. 

Green chemistry options: Sodium metal when used in organic analysis should be completely 
fused with the compound before plunging the tube in water.  Unreacted sodium metal catches 

fire with water. If accidentally thrown in the China dish containing water or in the sink then 

immediately add sand to extinguish the fire. These days with the coming up of green chemistry, 
alternate green chemicals are preferably used, as they are less hazardous for the laboratory and 

safer for environment Instead of sodium metal for organic analysis, a 1:1 mixture of zinc dust 

and sodium carbonate is used and the results are also better. 

2.3.0.0 Some common mistakes that lead to accidents in laboratory: 

2.3.1.0 Mistake #1: Adding water to acid: 

During preparation of dilute acids always add acid to water and not water to acid. Mixing of 

acids and water is a highly exothermic reaction and releases large amount of heat. When water 
is accidentally or unknowingly added to acids the concentrated solution boils immediately, 

splashing the acid out of the container. This may result in a major accident. However, when acid 

is being slowly added to water, the solution formed is dilute initially and does not release much 
heat. This avoids the splashing of acid out of the container and hence is safe. Generally, this rule 

is also called “add the acid last” 

2.3.2.0 Mistake #2: Mislabeling of reagents/solutions: 

While performing a particular experiment make sure that the reagents or solutions that you have 
prepared are properly labelled in a legible handwriting and should be suitable as per your needs, 

i.e., if it has to be kept in oven/freezer; mark it accordingly so that it does not fade with time and 

does not fall off. If there is muddling up of samples due to mislabeling then it can lead to some 
major accident or even if there is slight confusion as in inorganic mixture analysis, you may 

have to start the experiment again. 

2.3.3.0 Mistake #3: Using broken burette or any other glassware 

Normally while performing volumetric analysis burettes /pipettes /funnel/beaker/flask which are 
slightly broken from the top are not noticed and students use them unknowingly. Such 

glassware is the cause of accidental cuts to the hands and in many cases lead to profuse 

bleeding. So, the students should first thoroughly check the glassware and report the broken 

glassware to the Lab in -charge and get it replaced before starting the experiment. 

2.3.4.0 Mistake #4: Hastily handling hot items in laboratory 

The students handle the hot beaker/flask / water bath /china dish /test tubes hastily without using 
proper tongs/test tube holders and result in serious burns to fingers and hands. So, before 

starting any kind of heating process the students should make sure that they have proper tools to 

handle the hot items and should never touch the hot surfaces with bare hands. 
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2.3.5.0 Mistake #5: Mishandling of Bunsen burner: 

The students should have a thorough knowledge about the handling of Bunsen burner. The 
Bunsen burner is not meant for playing and should be handled with utmost care. Never try to 

ignite a Bunsen burner with some paper as it is a common practice with students. This may lead 

to a major accident. The students should inspect the burner for any leakage of gas to prevent 

sudden flares before igniting the burner. (See note 2.3.4.0) 

2.3.6.0 Mistake #6: Carelessness in handling sodium metal: 

The students while analyzing the organic compound use sodium metal carelessly and this causes 

serious accidents in laboratory. Handling sodium metal with bare hands can cause burns and the 
moisture in hands can cause the metal to explode. Throwing the fusion tube with unreacted 

sodium metal in the sink is a common mistake made by the students. The metal can catch fire 

and lead to major accidents as this fire is not extinguished by commonly used ABC Fire 
extinguishers. The students should handle the metal carefully with tweezers and should ensure 

the complete fusion of the metal with the compound before plunging the fusion tube in the china 

dish. 

2.3.7.0 Mistake #7: Improper handling and use of organic solvents: 

The organic solvents like diethyl ether, benzene, methanol, ethanol, acetone, petroleum ether, 

ethyl acetate which are commonly used by the students in various practicals are highly 

flammable liquids and can cause major fire accidents in the laboratory. Mostly the students 
perform recrystallisation with acetone or ether and use open vessels for it without taking care of 

any lighted burner in the vicinity. The vapors of organic liquids can easily propagate the flame 

and cause serious fire accidents and injury to the students. Heating if required should be done on 
a water bath/steam bath or preferably in a fume hood. The students should avoid keeping 

flammable solvents in the working area and if required they should be kept in closed/covered 

containers. The safety symbols on the chemicals clearly define the category of the solvent. (See 

note 2.4.1.0.) 

2.3.8.0 Mistake #8: Improper handling of test tube while heating on naked Bunsen burner 

flame: 

 

Figure 2.3 Proper holding of test tube (Image courtesy: commackschools.org) 

The students mostly heat the solution in a test tube from the bottom with the mouth of the test 

tube either pointing towards the student holding the test tube or towards their fellow students. 
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This wrong way of heating can cause serious injury to the concerned student as well to his 

fellow beings. The test tube should be held in such a way that its mouth is away from the 
student as well as away from the other students. The test tube while heating should be moved 

from side to side and should always be inclined at an angle of 45 degree (Figure 2.3). Heating at 

an angle reduces the pressure on the heated substances which allows the gases to escape 

harmlessly. Many times, students also avoid using the test tube holder and hold the test tube 

with bare hands which is a wrong practice. 

2.3.9.0 Mistake #9: Using test tube for boiling solutions: 

The students do not differentiate between a boiling tube and a test tube and use test tube for 
boiling liquids/solutions which is an unsafe laboratory practice commonly seen. A boiling tube 

is thicker and longer than a standard test tube though both the test tubes resemble in general 

appearance. For strongly heating solutions / substances on a Bunsen flame, a boiling tube 

should be used. (See note 2.4.4.0) 

2.3.10.0 Mistake #10: Leaving the work area unattended during the experiment: 

It is mostly seen that the students while performing an experiment especially while some slow 

heating process is going on; leave their seats and move to other student’s seat which is a wrong 
practice and can cause any untoward incident of fire or breakage which can cause serious injury 

to the fellow students. So, to avoid any such untoward incident the student should never leave 

his/her working area unattended. 

2.3.11.0 Mistake #11: Unaware of proper use of wire gauze: 

 

Figure 2.4 Wire gauze 

It has been generally noticed that the students start heating the beaker/flask/china dish by 

directly placing it on the tripod stand. The direct flame of the burner in such cases causes the 

glassware to break and results in major accidents of fire, burn and other injury from the spilling 
of the hot chemicals. The students should always heat the glassware on wire gauze (Figure 2.4) 

which is a wire mesh of a thin sheet of metal. When placed under the glassware, it helps to 

diffuse the direct heat of the burner and protects the glassware. This wire gauze is used for 

glassware having flat surfaces. Sometimes the students are found to use wire gauze under a 
water bath which though not unsafe, but is a wrong practice as water bath is itself made of metal 

and does not require protection from direct heat of the Bunsen burner. 

2.4.0.0 Notes: 

2.4.1.0 MSDS and safety symbols: The students should be well aware of the meaning of the 

symbols given on the bottles of chemicals (Table 2.2)) and the chemical should be handled 

accordingly with utmost care. All chemicals should be considered as dangerous. Besides the 
knowledge of symbols, the detailed information of the chemical being used should also be 
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known. The information about the physical and chemical properties of the product, its adverse 

effect on human health and environment is given in the Material safety data sheet. (Figure 2.5) 
MSDS is an essential technical document provided by the manufacturer and these days it is 

preferably called safety data sheet (SDS). Each safety data sheet contains information about the 

chemical including the first aid measures, firefighting measures, handling and storage of 

chemicals, toxicological information, transport information and disposal considerations of the 

chemicals. 

 

Figure 2.5 Material safety data sheet (Image courtesy: en.m.wikipedia.org) 

Fire Diamond or safety square is a standard system maintained by U.S based National Fire 
Protection Association (NFPA). It is used by emergency personnel to easily identify the risks 

posed by hazardous materials. The four divisions as shown in figure 2.6 are typically colour 

coded with red on top indicating flammability, blue on left indicating level of health hazard, 
yellow on the right for chemical reactivity and white containing codes for special hazards. Each 

of these is rated on a scale from 0(no hazard) to 4 (severe hazards) 
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Figure 2.6 Fire diamond. (Image courtesy: chemSafetyPro.COM) 

2.4.2.0 Some safety symbols and their meaning: 

Table 2.2 Meaning of safety symbols 

Harmful/Irritant 

 

 

 

These chemicals can cause pain, 

redness, swelling of the living tissues. 

Carcinogenic 

 

These chemicals can readily enter and 

harm human tissues causing cancer. 

Radioactive 

 

These chemicals are highly reactive 

and dangerous to human life. 

Flammable 

 

These chemicals can catch fire easily 

and must be handled with care. 

Explosive 

 

These chemicals can cause explosion. 

Corrosive 

 

These are reactive chemicals that 

damage human tissues, so gloves 

should be worn while handling them. 

Lachrymatory 

 

These chemicals cause tears, so safety 
glasses should be worn while handling 

them. 
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Toxic 

 

These chemicals can damage the 
exposed areas of the body. So proper 

safety measures should be taken while 

handling them. 

Low hazard 

 

These chemicals are relatively easy to 
handle but should be considered 

hazardous. 

Dangerous to 

environment 

 

Cause damage to environment, should 
be used cautiously. Should not be 

thrown in sinks and dustbins after use. 

Oxidizing 

 

These chemicals can cause explosive 

reactions with other chemicals, so to 

be stored separately 

Gases under Pressure 

 

Gaseous chemicals stored under high 

pressure 

2.4.3.0 Bunsen burner (Figure 2.7): It is a like a gas burner which produces a single open gas 

flame and is used in most of the chemistry laboratories for heating purposes. The normal LPG 

gas can be used as fuel for it. The burner got its name from its inventor Robert Bunsen a 

German Chemist who introduced it in 1855. 

 

Image courtesy(thefamouspeople.com) 

The flame provided by Bunsen burner has temperature range of 1200⁰C to 1500⁰C and proper 

knowledge of the burner is essential for safe laboratory practices. The burner consists of a metal 

tube on a base with a gas inlet at the lower end and a ga s adjustment valve. Besides this there is 
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a collar for air flow regulation so that a mixture of air and gas (optimally in the ratio 3:1) is 

forced to the top where it is ignited with a matchstick. The primary flame is seen as the inner 
core and is blue in colour. The outer larger flame is secondary flame which is generally 

colourless. A blue flame signifies complete combustion, however if the flame is yellow, it 

shows incomplete combustion. If the flame is completely yellow then air regulators need to be 

checked and opened. 

 

Figure 2.7 Bunsen burner 

Variations of Bunsen burner: The Meker Fisher burner is one variation of original Bunsen 

burner. It has metallic grids to increase the turbulence of the mixture of gases and air and keep 

the flame at the top of the tube. This results in complete combustion. 

2.4.4.0 Test tube and boiling tube: Test tubes are small thin-walled cylindrical tubes that can 

be used for holding, mixing, heating and cooling solutions or solid materials. A test tube holder 
is used to hold the test tube in flame while heating. The bottom of the test tube is round so it is 

placed in a test tube stand. A boiling tube (Figure 2.9) is a scaled-up test tube being about 50% 

larger than a test tube. Boiling tube has thick walls and is wide enough to allow the substances 

to boil violently. 

 

Figure 2.9 (Boiling tube and test tube) 

2.5.0.0 

Viva questions 

Chapter 1 and 2 

1.What first step should be taken by you if a chemical is spilled on the table? 

The laboratory partners performing experiment in the lab should be cautioned to avoid that area 

and the concerned Lab staff /Teacher should be immediately informed. 

2. What should be done before starting the Practical in the Lab? 

The Pre-Lab instructions should be carefully read before starting the Practical and all necessary 

Preventive measures like wearing Lab coat, safety glasses etc. should be taken care of as per the 
requirements of the practical. The working area should be cleared off of books, food and any 

other material not required for the experiment. 
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3. What precautions should be taken while heating on the Bunsen burner flame? 

Always use tongs to hold the test tube, keep the mouth of the test tube away from yourself as 

well as away from the other person. 

4. Why are dangling jewellery, loose clothing and heavy make-up dangerous in lab? 

Dangling jewellery, loose clothing and heavy make-up can react with the chemicals, fumes and 

can catch fire leading to accidents. 

5. What first step should be taken in case of fire in the Laboratory? 

Raise the alarm is the first step inch case of fire in laboratory. 

6 What is the colour of carbon dioxide fire extinguisher? 

Red with black band 

7.What does the symbol given below (figure 2.10) signify? 

 

Figure 2.10 

The symbol shows Class C of fire which is due to flammable gases. 

8. What is the use of fume hood in laboratory? 

Fume hood is used to remove the toxic fumes or smoke from the working area in the laboratory. 

It should be used in any work involving corrosive gases, liquids having corrosive vapors, 

corrosive dust and in experiments generating vapors or mist. 

9. How should a concentrated acid be diluted? 

By adding acid slowly to water. 

10. What is the use of spatula in a laboratory? 

To take out any solid chemical from a bottle. 

11. How should you smell the chemical or gas from a test tube? 

One should smell a chemical or gas only when asked by the instructor and that too not directly. 

The best way is to fan the air above the gas/chemical towards your nose. 

12. What do you mean by MSDS? 

Material Safety Data Sheet. 

13 What information is provided by MSDS? MSDS provides information about Hazards of a 

specific chemical, Emergency information and information on chemical reactions. 

14 How to figure out whether glass ware is hot? 

Place the back of your hand near the glassware. If heat is felt then it is too hot to handle. 

15. What should be used to hold hot test tube and a hot beaker? 
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A test tube holder should be used to hold hot test tube and a tong should be used to hold hot 

beaker. 

16. How can we safely extinguish a small fire in a beaker? 

By covering it with a watch glass. 

17. Name four ways through which chemicals can enter our body in the laboratory? 

Chemicals can enter our body through eyes, nose, skin and mouth. 

18. Why is it important to read labels on all bottles of chemicals before using them? 

To make sure that right chemical is being used and to know the hazards associated with the 

chemical. 

19. Why excess chemicals should not be poured down the sink of the laboratories? 

The chemicals can pollute the water supply and some chemicals can react with the pipeline. 

20. Why open flammable liquids should not be kept near the Bunsen burner? 

The vapors of the flammable liquids can also catch fire from the Bunsen burner flame. 

21. What type of glassware should not be used in chemistry Laboratory? 

Broken and uncleaned glassware should not be used in Chemistry Laboratory. 

22. What is a Class A fire and how you can put it off? 

Class A fire is caused by paper, wood, plastics, rubber and it can be put off by using water or 

dry chemical. 

23.Which scientists invented the Bunsen burner? 

Robert Wilhelm Bunsen invented the Bunsen burner. 

24.What are the three types of flames in Bunsen burner? 

Yellow safety flame which creates soot, Silent blue flame used for heating and Roaring blue 

flame. 

25.When do we get blue and yellow flame in the Bunsen burner? 

When the air hole is open and complete combustion occurs, we get a blue flame and when the 

air hole is closed, incomplete combustion occurs and we get a yellow flame. 

26.What is the use of wire gauze in the laboratory? 

A wire gauze is a wire mesh on a support ring and is used during heating glassware on the 

Bunsen burner flame. 

27. What does the acronym P.A.S.S. used for fire extinguisher operation stands for? 

Pull, Aim, Squeeze and Sweep. 

28.What is a biohazard? 

It is a biological material that poses significant health risk to humans or animals. 

29. What is the meaning of corrosive sign? 

Corrosive means a substance that can destroy living tissue. Any type of contact with skin or 

clothes should be avoided if the material is corrosive. 
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30.What does OSHA stand for? How are the health hazards identified by it? 

OSHA is Occupational Safety and Health Administration. It identifies the chemical health 

hazards as Carcinogen, corrosive, toxic, highly toxic, irritant, sensitizer and target organ effects. 

31.What do terms Danger, Warning, Caution signify? 

These terms as explained by OSHA are: 

Danger: Highest level of risk and if not avoided it will cause death or serious injury 

Warning: If the warning is not heeded, it can cause death or serious injury. 

Caution: If the precaution is not taken, it can cause moderate injury. 

32. What are GHS Pictograms? 

GHS stands for Globally Harmonized System of Classification and Labelling of Chemicals. 

Hazard pictograms are used for labelling of containers under the GHS and include black 

symbols with red boundaries denoting various hazards associated with chemicals. 

33 What does this GHS Pictogram stand for? 

 

Figure:2.11 

The above skull and crossbones Pictogram stands for Acute toxicity. 

34. Why concentrated acids should not be drained in Sinks directly? 

Concentrated acids specifically hydrochloric and sulphuric acid react with water liberating large 

amount of heat which can cause damage to the pipes and sink. 

 

Figure 2.12 

35. What does figure 2 Pictogram signify and why is it present on all acid bottles? 

Figure 2.12 pictogram means Corrosive i.e., it can burn and destroy the living tissue. Since all 

the acids are corrosive in nature, so this pictogram is seen on all the acid bottles. 

36. What will you do if your test tube is broken and chemical spilled on the table? 

If there is a chemical spill with broken glass, then first confine the spill to limited area. Pick the 
broken glass with tongs, forceps or dustpan and place it in the container meant for its disposal. 

Then use appropriate neutralizer to absorb and mitigate the spill. 
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37. What will you do if you accidentally have a minor cut in the laboratory? 

Report immediately to the First Aid In charge, get the wound clean with water and hold a sterile 

pad onto the wound to stop bleeding and apply antiseptic bandage. 

38.What does the rule Add the acid Last means? 

Mixing of acids and water is a highly exothermic reaction and releases large amount of heat. 

When water is accidentally or unknowingly added to acids the concentrated solution boils 
immediately, splashing the acid out of the container. This may result in a major accident. 

However, when acid is being slowly added to water, the solution formed is dilute initially and 

does not release much heat. This avoids the splashing of acid out of the container and hence is 

safe. Generally, this rule is also called “add the acid last”. 

39.Define the term safety symbols? 

Safety symbols are meaningful symbols which identify the hazard associated with a particular 

chemical or article. 

40. What is the use of sand in a chemistry lab? 

In case of small fire due to organic solvent, sand placed in a bucket in laboratory can be used to 

extinguish the fire. 

41.What are the hazards associated with sodium metal use? How can they be avoided? 

Sodium metal generally catches fire in air and specially if accidentally thrown in sink. To avoid 

accident due to sodium metal, it should be kept in kerosene oil and handled with care. These 
days for organic analysis, sodium metal has been replaced by sodium carbonate and zinc dust 

mixture. 

42. What first aid should be given to a fellow student who has inhaled poisonous gas? 

The affected person should be immediately shifted to an open space where there is ample of 

fresh air. The person should be immediately shifted to hospital. 

43.What is a chemical spill? 

The release of a liquid chemical which is hazardous to human health or to the environment is 

called chemical spill. It can occur on the surface or on clothes of a person or skin. 

44. What type of spill can be easily mitigated in a laboratory? 

A minor chemical spill which does not pose an immediate health hazard and which does not 

require special protective clothing for clearing, can be handled in a laboratory. 

45. How should the broken glassware be handled in laboratory? 

Broken glass ware should be immediately disposed off from the working place with the help of 

small brush and dust pan. Use forceps to pick up the small pieces. The broken glass ware should 
not be placed in the container meant for normal trash. Rather it should be put separately 

wrapped in paper and put in broken glass disposal container. 

 

“A chemist who is not a physicist is nothing at all” Robert Bunsen 
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31st March is celebrated as Bunsen burner Day to give honour to Robert Bunsen who modified 

Chemistry labs by introducing Bunsen burner. 
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3.1.0.0 Historical background: The concept of analytical chemistry as an ancient art along 

with its tools and basic applications dates back to early recorded history. During the Middle 
Ages (5th to 15th century), alchemists began to assemble scattered knowledge that later became 

chemistry and analytical chemistry and this continued till the 17th century. The term analyst was 

first introduced by Robert Boyle (1627-1691) in his book “The Sceptical Chemist”. In the 17th 

century gravimetric analysis was invented by Friedrich Hoffmann (1660-1742). Jons Jacob 
Berzelius (1779-1848) introduced the concept of stoichiometry. Torbern Bergman (1735-1784) 

founded qualitative and quantitative analysis. Antonie Lavoisier (1743-1794) demonstrated the 

law of conservation of mass that earned him the title “Father of Quantitative Analysis”. 
Volumetric Analysis was introduced in the late 18th century and the earliest experiment using 

this concept was quantitative determination of nitrogen in organic compounds done by Jean 

Baptiste Andre Dumas. a French chemist. In 18th century Priestley, Cavendish, Lavoisier, 
Scheele and in 19th century Bunsen were some other well-known analytical chemists who 

contributed a lot in establishing analytical techniques The term “titre” was used for the first time 

in 1828 by French Chemist Joseph Louis Gay Lussac and the term meant “determining the 

concentration of a substance”. Titrimetric analysis was widely practiced in 1874 using natural 
dyes as indicators much earlier than the modern acid base indicators were introduced and 

defined by their pk values. In the 20th century the only major advancement in the in titrimetry 

was the introduction of complexometric titration techniques developed by G.Schwarzebach 

(1953)based on EDTA and a variety of other chelating materials. 

 

(Image courtesy: christianity.com) 

Robert Boyle: Introduced term “analyst” and Father of Modern Chemistry 

 

(Image courtesy: enwikipedia.org) 

Jones Jacob Berzelius: Introduced concept of “stoichiometry” 

 

(Image courtesy: agefotostock.com) 

Torbern Bergman: Founded qualitative and quantitative analysis 
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(Image courtesy: science history.org) 

Antoinie Lavoisier: Father of quantitative analysis 

 

(Image courtesy: alamy.com) 

Joseph Louis Gay Lussac: Used the term “titre” for the first time which meant “determining the 

concentration of substance” 

 

(Image courtesy: alamy.com) 

Robert Bunsen: Discovery of Bunsen burner and established various analytical techniques 

3.2.0.0 Understanding the terms Volumetric analysis and Titration: Volumetric Analysis is 

a branch of quantitative analysis which is characterized by frequent measurement of volume of 
solutions. A known weight of a substance is dissolved in water and made up to a known 

volume. A measured lot of this solution is treated with a suitable reagent, which is added in 

small instalments. When the reaction is complete, the volume of the reagent used is noted. The 
amount of the desired constituent is calculated from the volumes of the two solutions used and 

the known strength of any one of them. This treatment of the two solutions is called titration and 

the point at which the reaction is complete is termed End Point (Equivalence Point or 

Stoichiometric Point). There is one difference between the two terms: Volumetric Analysis and 
Titration. Volumetric Analysis uses reacting volumes to analyze and calculate a variety of 

unknown values like the molar mass, percentage of a component or formula of substance. 

Titration or titrimetric analysis uses the reacting volumes to determine just the concentration of 
the unknown component in the analyte. In simple words we can say that when volumetric 

analysis is used to determine the concentration of a solution it is called Titration or titrimetric 

analysis. Both are suitable for solutions only, so if an unknown substance is given in a granular 

or powdered form, it should be dissolved in a suitable solvent to get it in solution form. 
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3.3.0.0 Conditions to be fulfilled by reactions for Volumetric analysis: 

3.3.1.0 The reaction should be simple and take place instantaneously. Most ionic reaction, 

therefore, are suitable for this purpose. 

3.3.2.0 As soon as the reaction is complete, there should be a prominent change in some 

physical or chemical property of the solution. Alternatively, an indicator must be available 

which, by a marked change in its colour, should indicate the ‘end point’ of the reaction. 

3.3.3.0 Only a small amount of indicator should be able to bring the desired colour change. 

3.3.4.0 The reaction rate should not be slow but fast enough to be practically carried in specific 

time. 

3.3.5.0 There should not be any side reactions which can interfere with the detection of end 

point of the main reaction. 

3.3.6.0 One of the reactants to be used as titrant should be available in pure form and it should 

completely and selectively react with the other reactant called the analyte. 

3.4.0.0. Advantages of volumetric analysis: Volumetric analysis is the simplest quantitative 

analysis by volume. Its advantages are as follows: 

3.4.1.0 Simple and easy to perform: The most important advantage of this method is its easiness 

to perform. Even a less skilled person or a beginner in analysis can do this very easily. 

3.4.2.0 Less Laborious: Volumetric exercises do not require much labour. Tedious lengthy steps 

like precipitation, filtration, ignition, drying is not required here. Therefore, volumetric analysis 
is preferred to gravimetric analysis for its simplicity, quickness, accuracy and wide 

applicability. 

3.4.3.0 Easily detectable end point: The completion of reaction is easily identified as the end 
point can be detected by the use of indicators which show a visible colour change at the end of 

reaction. 

3.4.4 0 Easily manageable apparatus: Handling and upkeep of apparatus (burette, pipette, flask) 

is easy. 

3.4.5.0 Cost effectiveness: The requirements for carrying out volumetric analysis are in the 

affordable range, so this analysis is preferred at all levels schools, colleges and even 

laboratories. 

3.4.6.0 Less Time consuming: Less time is required in reaching the results in volumetric 

analysis as there is no such step which requires long time for completion. 

3.4.7.0 Accurate results: Volumetric analysis gives accurate results just by being careful while 

reading the burette and avoiding errors while using a burette. 

3.5.0.0 Terms involved in volumetric analysis 

3.5.1.0 Titrant: A reagent, termed the titrant or titrator, is prepared as a standard solution of 

known concentration and required volume. The Titrant is generally taken in the burette and 

added slowly to the analyte 

3.5.2.0 Titrand /titrate/analyte: It is the solution of unknown concentration or a substance whose 

constituents are being measured or identified. A measured volume of it is taken in the flask. 

3.5.3.0 Indicator: An indicator is a substance that changes colour in response to a chemical 

change. It is added to the solution taken in the flask at desired stage of reaction. The role of 
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Indicator is very important. It indicates the completion of reaction between titrant and titrand by 

showing a colour change and this point of reaction is called end point. 

3.5.4.0 Equivalence point: It is the exact point in a titration when number of moles or gram 

equivalents of one substance (titrant) equal the number of moles /gram equivalents of the 

titrand. 

3.5.5.0 End point: The point of reaction where the indicator shows a colour change and indicates 
the completion of a reaction. Generally, it is indicated after the exact equivalence point has been 

reached. 

3.5.6.0 Standardization: The main task in titration is the standardization of a given solution with 
the help of known standard solution. By standardization the exact concentration of the unknown 

solution is determined. After knowing this concentration (molarity, normality), strength and 

percentage purity of the unknown sample can be calculated. 

3.5.7.0 Primary and secondary standards: A primary standard is a reagent which is very pure 

and represents the number of moles the substance contains. The primary standard substance can 

be weighed accurately and dissolved in known amount of appropriate solvent (mostly water). 

The primary standard substance must fulfil certain conditions: 

3.5.7.1 It should be available in highly pure state and easily soluble in desired solvent. 

3.5.7.2 It should be stable and stay unaffected by air and its composition should not change with 

time. 

3.5.7.3 It should not decompose in presence of solvent and its equivalent weight should be large 

to minimize weighing errors. 

3.5.7.4 It should be inexpensive and readily available also. 

3.5.7.5 It should be nontoxic and of low reactivity. 

Potassium dichromate, Ferrous Ammonium Sulphate, Sodium Chloride, Silver Nitrate, Oxalic 

Acid, Succinic acid are some examples of the primary standards. 

The substances which do not fulfil the above criteria are secondary standard substances like 
alkali hydroxides (NaOH), inorganic acids and KMnO4.These secondary standards may have 

impurities or they may absorb water during weighing. So, a standard solution of these 

substances cannot be prepared by weighing. 

3.5.8.0 Law of equivalence: The fundamental basis of all titrations is the law of equivalence. 

According to it the masses of the species react and form under volumetric conditions always in 

the ratio of their so-called equivalent weights. When the reaction is complete at the end point, 

the law of equivalence can be applied. According to which at the end point of titration, the 

volume of the titrant and analyte reacted have same number of equivalents or milli equivalents. 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 

𝑀𝑖𝑙𝑙𝑖𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑚𝑖𝑙𝑙𝑖𝑙𝑖𝑡𝑟𝑒 

𝑇ℎ𝑖𝑠 𝑚𝑒𝑎𝑛𝑠 𝑚𝑖𝑙𝑙𝑖𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑝𝑒𝑟 1000 = 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 

𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 

𝑀𝑖𝑙𝑙𝑖𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑚𝐿 

𝑇ℎ𝑖𝑠 𝑚𝑒𝑎𝑛𝑠 𝑚𝑖𝑙𝑙𝑖𝑚𝑜𝑙𝑒𝑠 𝑝𝑒𝑟 1000 = 𝑀𝑜𝑙𝑒𝑠 
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Molecular weight and molarity:   The weight in grams of 1mole of a substance is called gram 

molecular weight or molecular weight. If the particles are atoms, the weight in grams is called 

gram atomic weight or atomic weight. 

For calculations we can say that number of moles of a substance(n) 

𝑛 =
𝑤

𝑀
= 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒/𝑀𝑤𝑡 

Now molarity, a way of expressing concentration of the solution is the number of moles of 

solute present in one litre of the solution. It is denoted by M 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦(𝑀) = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒/𝑉𝑜𝑙(𝐿) 

𝑀 = 𝑤 × 1000/𝑀 × 𝑉𝑜𝑙(𝑚𝐿) 

3.5.9.0 Equivalent weight and normality: 

Equivalent weight is the number of parts by weight; a chemical species combines with or 

displaces 1.008 parts of hydrogen, 8 parts of oxygen, and 35.5 parts of chlorine. By definition 
number of equivalents of two reactants is same at the completion of a reaction. It means 

equivalent weights are fixed in such a manner that we have something that can be equated at the 

completion of reaction 

If w g is the weight of the substance and E is the equivalent weight of a substance then number 

of gram equivalents(n) is given by 

𝑛𝑢𝑚𝑏𝑒𝑟  𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠(𝑛) = 𝑤/𝐸 

Normality: It is the number of gram equivalents of the substance dissolved per litre of the 
solution. If one gram equivalent of a substance is dissolved in one litre of the solution then it is 

called one normal (1N) solution. 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠/𝑉𝑜𝑙(𝐿) 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦(𝑁) = 𝑤 × 1000/𝐸 × 𝑉𝑜𝑙(𝑚𝐿) 

3.5.10.0 Molarity and Normality equation: 

The most important advantage of equivalent system is that the calculations in the volumetric 
analysis become simple because at the end point the number of equivalents of the substance 

titrated are equal to the number of equivalents of the titrant. 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦(𝑀) = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒/𝑉𝑜𝑙(𝐿) 

𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦(𝑀) × 𝑉𝑜𝑙(𝐿) = 𝑀 × 𝑉 

𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑜𝑓 𝑠𝑢𝑏𝑠𝑡𝑎𝑛𝑐𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦(𝑁) × 𝑉𝑜𝑙(𝐿) = 𝑁 × 𝑉 

At the end of a reaction the number of gram equivalents of one substance is equal to the number 

of gram equivalents of the second substance or number of moles of one substance become equal 

to number of moles of other substance. This gives rise to the Molarity equation /normality 

equation used in all volumetric analysis 

Normality equation: 𝑁1𝑉1 = 𝑁2𝑉2 

Molarity equation: 𝑀1𝑉1 = 𝑀2𝑉2 

3.6.0.0. Types of Volumetric Analysis: Volumetric Analysis can be mainly classified into 

three types simple titration, back titration and double titration. (Figure3.1) 
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Figure 3.1 Types of Volumetric analysis 

3.6.1.0 Simple Titration: A simple titration is a technique where solution of known 

concentration(titrant) is used to determine the concentration of an unknown solution(analyte). 

The titrant is added from the burette to the analyte in flask till the reaction is complete. 

Depending on the type of reaction taking place between the titrant and analyte the titration is 
further classified as acid base titration, redox titration, precipitation titration and 

complexometric titration (Figure 3.2) 

 

Figure 3.2 Types of Simple titrations 

3.6.1.1. Acid base titration: The acid base titrations involve determination of concentration of 

an unknown acid solution by titrating it with base called acidimetry or determination of 

concentration of unknown solution of a base by titrating it with acid called alkalimetry. In both 
the cases the basic reaction remains the same and is called neutralization reaction. The salts 

formed at the end of reaction can be acidic, basic or neutral depending on the strength of 

constituent acid and base. An important aspect of acid base titration is that when an acid is being 
added to base (alkalimetry) or base is being added to an acid (acidimetry); there is always a 

change in 𝑝𝐻 of the solution. By calculating this  𝑝𝐻 change a graph can be plotted between 𝑝𝐻 

values and the volume of titrant added. Such a graph is called the titration curve of acid base 

titration. 

Chemical reaction: Acid-Alkali Neutralizations: These involve neutralization of an acid with an 

alkali. Thus: 
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𝐻𝐶𝑙 + 𝑁𝑎𝑂𝐻 →      𝑁𝑎𝐶𝑙 + 𝐻2𝑂 

The end point of the titration is determined by using acid base indicators. End point is reached 
when equivalent amounts of acid and base have reacted completely. The indicators have 

different colours in different concentrations of hydrogen ions. As in an acid base reaction the 

hydrogen ion concentration changes, so the colour of the indicator also changes. As different 

indicators have different range of 𝑝𝐻 in which they change colour, so appropriate indicator has 

to be chosen which shows a colour change at the 𝑝𝐻 value close to equivalence point. 

Commonly used phenolphthalein indicator has 𝑝𝐻  range 8.3-10. 

3.6.1.2 Redox titration: Redox titrations involve reaction between an oxidizing agent and a 
reducing agent. In these titrations there is transfer of electrons. Depending on the oxidizing 

agent used these titrations are of different types. The four main types of redox titrations 

discussed here are shown in figure 3.3. 

 

Figure 3.3 Types of redox titrations. 

Permanganate and dichromate titrations: The estimations are named after the two reagents 

Potassium permanganate and Potassium dichromate employed as oxidizing agents in these 
titrations. Commonly the substances that are estimated are ferrous salts and oxalates. These act 

as reducing agents. The completion of reaction is indicated by the use of specific indicators. At 

the end point of the redox titration; number of equivalents of oxidizing agent is equal to the 

number of equivalents of reducing agent. A redox indicator is a compound which exhibits 
different colours in oxidized and reduced forms. In permanganate titrations, potassium 

permanganate itself acts as an indicator. In dichromate titrations different indicators like N 

phenyl anthranilic acid, diphenylamine is used. External indicator like potassium ferricyanide is 

also used in dichromate titrations. 

Reactions: Potassium permanganate (𝐾𝑀𝑛𝑂4) as oxidizing agent: 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5(𝑂) 

Potassium dichromate (𝐾2𝐶𝑟2𝑂7) as oxidizing agent: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 4𝐻2𝑂 + 3(𝑂) 

Ferrous sulphate (𝐹𝑒𝑆𝑂4)as reducing agent: 

2𝐹𝑒𝑆𝑂4 + 𝐻2𝑆𝑂4 + 𝑂 → 𝐹𝑒2(𝑆𝑂4)3 + 𝐻2𝑂 

Oxalic acid (𝐻2𝐶2𝑂4)as reducing agent: 
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𝐻2𝐶2𝑂4 + 𝑂 → 2𝐶𝑂2 + 𝐻2𝑂 

Iodine titrations: The estimations in which iodine is used as the oxidizing agent are iodine 
titrations. The substances which act as reducing agents are thiosulphates, sulphites, nitrites, 

arsenious oxide, copper sulphate, chlorine water etc. These are further of two types: 

Reactions: 

Iodimetry: It involves standard solution of iodine as the oxidizing agent, so called iodimetry or 
direct iodine titration. It covers titrations of thiosulphates, sulphites, nitrites, arsenious oxide (or 

arsenites), tartar emetic, etc. with a standard solution of iodine. 

Iodine as oxidizing agent and sodium thiosulphate as reducing agent: 

(Sodium thiosulphate)2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Iodine as oxidizing agent and sodium sulphite as reducing agent 

(Sodium sulphite)𝑁𝑎2𝑆𝑂3 + 𝐼2  + 𝐻2𝑂 → 𝑁𝑎2𝑆𝑂4 + 2𝐻𝐼 

Iodine as oxidizing agent and arsenous oxide/tartar emetic as reducing agent: 

(Arsenous oxide)𝐴𝑠2𝑂3 + 2𝐼2 + 2𝐻2𝑂 → 𝐴𝑠2𝑂5 + 4𝐻𝐼 

𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐾                                             𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐾 

𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂(𝑆𝑏𝑂) + 2𝐼2 + 3𝐻2𝑂 →    𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐻 + 𝑆𝑏2𝑂3+ 4HI 

Iodometry: It involves the liberation of iodine by adding oxidizing agent to a solution of large 

excess of potassium iodide by the action of an oxidizing agent like KMnO4 or K2Cr2O7, 

hydrogen peroxide, chlorine water, copper sulphate. The liberated iodine is then titrated with a 

standard solution of sodium thiosulphate. Since iodine solution is indirectly used in this 

titration, so it is called Indirect iodine titration or iodometry. 

Liberation of Iodine:                            2𝐾𝐼 + 𝐻2𝑂 + 𝑂 → 2𝐾𝑂𝐻 + 𝐼2 

𝐶𝑙2 + 2𝐾𝐼 → 2𝐾𝐶𝑙 + 𝐼2 

2𝐶𝑢𝑆𝑂4 + 4𝐾𝐼 → 𝐶𝑢2𝐼2 + 2𝐾2𝑆𝑂4 + 𝐼2 

Titration of liberated iodine with sodium thiosulphate: 

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

In both iodometry and iodimetry freshly prepared starch solution is used as an indicator which 

forms a blue coloured complex with iodine even if iodine is present in low concentrations. 

Cerimetric titrations: These are also a type of redox titrations in which the ceric salts like ceric 

sulphate, ceric ammonium sulphate act as strong oxidizing agents and ferrous salts act as 
reducing agents. In these titrations Ce (IV) salts are reduced to Ce (III) salts and Fe (II) salts 

oxidized to Fe (III). Moreover, these ceric salts are also excellent primary standards. Commonly 

used indicators in these titrations are ferroin indicator and N-phenyl anthranilic acid. 

Reaction: Ceric sulphate as oxidizing agent and ferrous sulphate as reducing agent: 

𝐶𝑒(𝑆𝑂4)2 + 𝐹𝑒𝑆𝑂4 → 𝐹𝑒2(𝑆𝑂4)3 + 𝐶𝑒2(𝑆𝑂4)3 

The main advantages of these titrations are that ceric sulphate is a versatile oxidizing agent and 

can be used in almost all determinations involving potassium permanganate and potassium 
dichromate. Moreover, as ceric sulphate is bright yellow in colour and cerous sulphate is 

colourless, so ceric sulphate can also act as self- indicator. As only one electron is involved in 
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the redox reaction the equivalent weight is equal to molecular weight which makes the 

calculations easy. 

3.6.1.3 Precipitation titration: In precipitation titrations an insoluble precipitate is formed 

between the titrant and the analyte. Anions which form insoluble salts with silver ions are 

generally estimated using precipitation titration. The basic requirement of precipitation titration 

is that precipitate formed must be of low solubility in the solution and a method should be 
available to detect the end point of the titration. Commonly used methods in argentometric 

titrations are: Mohr’s method, Volhard’s method and Fajan’s method. 

Reactions: These reactions are of many types, but the most common ones are those which 

involve the titration of silver salts (AgNO3) with soluble halides or sulphocyanides 

𝐴𝑔𝑁𝑂3 + 𝑁𝐻4𝐶𝑁𝑆 → 𝐴𝑔𝐶𝑁𝑆 + 𝑁𝐻4𝑁𝑂3 

All such reactions are covered by the term ‘Argentimetry’ or ‘Argentometry’. 

3.6.1.4 Complexometric titration: These titrations involve the titration of a metal ion solution 

with the ligand solution to form a soluble metal ligand complex. The essential requirement for 

these titrations is that the reaction should be fast and ligand should form 1:1 complex with the 

metal ion. A suitable indicator should be available which forms a complex with the metal ion 
and the colour of free indicator at end point should be different from the colour of metal 

indicator complex. Commonly used ligand is EDTA and commonly used indicators are 

Eriochrome black T and murexide for these titrations. End point of such titrations is reached 
when the ligand EDTA displaces the indicator from the M-In complex and free indicator gives 

the colour change. 

Reaction: 𝑀 − 𝐼𝑛 + 𝐸𝐷𝑇𝐴 → 𝑀 − 𝐸𝐷𝑇𝐴 + 𝐼𝑛 

Where M is the metal ion, EDTA is the ligand and 𝐼𝑛 is the free indicator. 

3.6.2.0 Back Titrations: 

When a substance is titrated with a standard reagent in one step, this is called direct titration. 

Sometimes the substance is first treated with an excess of a standard reagent and then the 
unconsumed reagent is titrated with some other suitable standard reagent. Such a titration is 

termed Residual or Back Titration. A back titration may also be called an indirect titration. 

3.6.2.1. Complexometric titrations can be direct titrations as well as back titrations. In direct 
titrations the metal ion solution is titrated at a desired pH with a standard EDTA solution using a 

suitable indicator. But when no suitable indicator is available or there is precipitation along with 

complexation reaction, then back titration is done. In back titration, excess EDTA is added to 

the metal ion solution and then excess unreacted EDTA is back titrated with a standard metal 

ion solution (generally magnesium ion) for which indicator is available. 

3.6.2.2 For acid base titrations, back titration is typically applied when direct end point 

determination is hard to discern as in weak acid -weak base titration or when the reaction occurs 

very slowly. 

General Principle of back titration: A back titration is performed according to the following 

general principle: 

Add an excess of reagent X (whose molar concentration is known) to analyte Y. This addition 

should be done precisely with burette. 

Allow reagent X to react with analyte Y. 
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Titrate the remaining excess of the reagent with the titrant T. 

3.6.3.0 Double titration: Double titration means two titrations are done in a sequence. The first 
titration is done to standardize the titrant which has been taken in the burette. In the second 

titration the standardized titrant is used to analyze the concentration of the unknown analyte. 

Example: In an acid base titration molarity of HCl acid is to be determined by titrating with 

NaOH base. In this case first NaOH has to be standardized by titrating with a standard oxalic 
acid solution and in the second titration, molarity of HCl is found out by titrating it with 

standardized NaOH solution. 

3.6.4.0 Blank Titration: This titration is performed to estimate the error that might occur in any 
of the above types of titrations due to the reaction of the substances in the solvent with the 

titrant. Blank titration is also helpful to estimate the amount of titrant that would react with the 

pure solvent.  It follows all the steps of analysis but in the absence of the sample. The process is 
carried out by slowly adding the titrant (of known concentration) to a solvent and in this titration 

amount of reactive substance within the solvent is determined. The error due to that solvent can 

be determined and eliminated for any experiment in which that solvent is used. 

Blank value: When the solvent itself reacts with the titrant, then the amount of titrant used for 
only solvent is called the blank value. The blank value has to be compensated to get the accurate 

result. Example: If the volume of titrant obtained at end point for a titration with analyte is 

15mL and the blank value is 5 m L then actual end point value is (15-5) = 10 mL The 

calculations are done with the corrected value, 10 mL. 

3.7.0.0 Other methods of Analysis: The methods of volumetric analysis discussed so far are 

classical methods which depend on the chemical reactions and these reactions are carried out by 
adding the titrant from burette to a known volume of the analyte taken in flask. The volume of 

the titrant used has to be precisely noted and titrant has to be standardized before reacting it with 

the analyte. The completion of reaction is noted with the use of chemical compounds called 

indicators which show a colour change at the end point. As discussed above the classical 
titration method involves a number of chemical reactions bet ween the titrant, analyte and the 

indicator. Moreover, the end point noted with the help of indicator is not the exact equivalence 

point but is close to it. So, the final calculations give rise to an approximate result and not the 
exact value. These days certain methods of quantitative analysis are being used which are based 

on physical properties of the analyte and require appropriate instruments for accurate results. 

They are also called instrumental methods. Depending on the physical property of the analyte 

being studied they are further categorized as mainly spectral, electroanalytical and separative 

methods (Figure 3.4) 
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Figure 3.4 Instrumental methods of analysis 

 

Figure 3.5 Spectral methods of analysis 

3.7.1.0 Spectral Methods (Figure 3.5) These methods measure the electromagnetic radiation 

that is being absorbed, emitted, scattered or refracted. by the analyte. 

3.7.1.1 Absorption spectrophotometry: The electromagnetic radiation is absorbed by the analyte 

and measured with the help of instrument. Depending on the wavelength of light used it is 

further subdivided into X ray, microwave, radio wave, infrared, UV visible absorptiometry. 

3.7.1.2. Emission spectrophotometry: The radiation emitted by the analyte is studied with the 

help of instruments.  The emission occurs after initial excitation of the analyte by an external 

source of energy. The emission spectrophotometry is further subdivided as fluorescence and 
phosphorescence which are measured with the help of fluorometer and phosphorimeter 

respectively. Besides this in some cases flame emission spectrophotometry, Xray emission 

spectrophotometry, electron emission spectrophotometry is also commonly used. 

3.7.1.3 Radiative scattering: The three main types of scattering radiations studied are: Tyndall 
scattering, Raman scattering and Rayleigh scattering. In these scatterings if the intensity of the 

scattered radiation is measured it is called nephelometry and if decrease in the intensity of 

incident radiation is measured it is called turbidimetry. 

3.7.1.4 Refractrometry: In this spectral analysis measurement of refractive index is used for 

qualitative and quantitative analysis. 
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Figure 3.6 Electroanalytical methods of analysis. 

3.7.2.0 Electroanalytical methods:(Figure 3.6) They are further categorized depending on the 
electrical property of the analyte being measured. For these methods it is essential that there is 

compulsory flow of electrons between analyte and titrant. Some of these methods mentioned 

below will be discussed in detail in the second part of this book. 

3.7.2.1 Potentiometry which measures the potential or voltage while maintaining constant 
current between the electrodes. The end point can be detected graphically by noting the change 

in potential of the analyte solution on successive addition of fixed volume of titrant. Most of the 

simple titrations can be carried out potentiometrically. Potentiometry is the most frequently used 

electroanalytical technique. 

3.7.2.2 Amperometry measures the electric current under a constant applied voltage and under 

these conditions it is the concentration of the analyte which determines the magnitude of the 
current. In these titrations the current passing through the cell between indicator electrode and 

reference electrode at a suitable constant voltage is measured as a function of volume of titrating 

agent. 

3.7.2.3 Voltametry: In voltammetry the information about an analyte is obtained by measuring 
the current as the potential is varied. A graph is plotted between the current produced by the 

analyte versus potential of the working electrode. 

3.7.2.4 Polarography: When the indicator electrode used in voltammetry is mercury electrode, 

the method is called polarography. 

3.7.2.5. Coulometry monitors the quantity of electricity in coulombs that are used up in an 

electrochemical reaction. In coulometric titration the current generates a titrant that chemically 

reacts with the analyte. 

3.7.2.6 Conductometry in which the ability of the analyte to conduct electrical current is 

monitored and is mainly used for those titrations where ions are involved. End point is 

determined graphically by plotting conductance as a function of volume of titrant added. 

 

Figure 3.7 Instrumental separative methods 

3.7.3.0 Instrumental separative techniques (Figure 3.7) 

3.7.3.1 Chromatography: It is a method of analysis and separation technique of a mixture by 

using different affinities of the components of the mixture for a mobile medium and a stationary 

medium through which they pass. 
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3.7.3.2 Electrophoresis: It is a separation technique used to separate out ionizable substances in 

a sample. Electrophoresis is based on the migration of charged particles through a solution 

under the influence of an electric field. 

3.7.3.3 Mass spectrometry: Mass spectrometry is an analytical technique that helps to identify 

the amount and type of chemicals present a sample by measuring the mass to charge ratio and 

abundance of gas phase ions. 

The different techniques discussed above are sometimes used in blended form depending on the 

kind of analysis. 

3.8.0.0 General Application of Volumetric Analysis: Generally, titration is a simple chemical 
procedure that involves volumes of two reacting solutions. One is called the titrant (solution of 

known concentration) and the other is the analyte (solution of unknown concentration). This 

simple technique of volumetric analysis finds wide applications in various fields: 

Titration is used to analyze the amount of chemicals in waste water. 

3.8.2.0 Titration is used to determine the nutritional value of various foods. 

3.8.3.0 To determine the appropriate concentration and amount of chemicals used in cosmetics. 

3.8.4.0 Titration kits are also used to determine appropriate concentrations of chemicals in 

sanitizer or cleaning agents. 

3.8.5.0 Titration is used as an important procedure in the pharmaceutical industry where 

particular quantities of chemicals have to be determined. 

3.8.6.0 Titration is used in medical labs in analysis of various blood samples, urine samples etc. 

3.8.7.0 Environmental studies 

3.8.8 0 Soil analysis 

3.9.0.0 Handling, upkeep and calibration of volumetric apparatus: 

The students should first have a complete knowledge of all the volumetric apparatus i.e., 

burette, pipette, volumetric flask, measuring flask/cylinder, weighing bottle, funnel and burette 

stand. The students should be well versed with handling and upkeep of these instruments before 

performing the experiment to avoid any kind of errors in the observations and calculations. 

3.9.1.0 Handling and upkeep of burette: A burette is a graduated delivery tube which is used 

to deliver accurate volume of a liquid in a titration. It has a graduated part called barrel, a 
stopcock to control the flow of liquid and a tapering end called the tip of burette to deliver the 

liquid drop wise. The three parts of the burette need to be handled carefully for accurate and 

precise results. It is essential to know the right methods of cleaning, rinsing, filling and reading 

the right meniscus of the burette before actually starting the experiment. 

3.9.1.1 Cleaning of burette: The burette is delicate glassware and should be cleaned properly 

by washing with distilled water so that when the solution drains through it there are no apparent 

droplets of solution on the inner walls of the barrel. An unclean burette can cause contamination 
errors. If the barrel of the burette appears to be greasy the burette can also be washed with soap 

solution followed by distilled water. While washing special care should be taken so that the 

burette tip does not break on striking the wash basin walls. In the end run out the cleaning 
solution by opening the stop cock so that washing is complete and the stopcock is also checked 

for any leakage problems. The burette can also be washed with chromic acid. 
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3.9.1.2 Rinsing of burette: The burette is used for standardizing the solutions, so to avoid any 

kind of dilution the burette should be rinsed with the solution with which it has to be filled. For 
rinsing, 4-5 mL of the concerned solution is filled in the burette, and then the burette is held in a 

slant position and rotated 2-3 times so that the walls of the burette are completely wet with that 

solution. The solution is then run out by opening the stop cock as well as from top opening of 

the burette. 

3.9.1.3 Filling of burette: The burette is filled with the given solution with the help of funnel 

(Note 3.12.1.0) and care should be taken so that there is no air bubble in the burette and after 

filling it up to zero mark, remove the funnel and fix the burette on the stand in a straight upright 
position in such a way that the stopcock is towards right side. To remove any air bubble if 

present open the stop cock and allow the liquid to flow in a beaker. Burette should be checked 

for proper drainage before starting the procedure. If drainage is poor and some droplets are seen 
sticking on the inner wall, it means the burette requires thorough cleaning with chromic acid 

solution. 

3.9.1.4 Setting a burette: A burette should always be set vertically in the upright position in a 

stand and the clamps of the stand should be checked before fixing the burette in the stand. A 
double-sided clamp can also be used if two burettes have to be used simultaneously. (Figure 

3.8) 

 

Figure 3.8 Setting up a burette 

3.9.1.5 Reading a burette: The burette mostly used in labs is of 25mL or 50mL capacity and is 

graduated in millilitres from 0 to 25 or 0 to 50 as per the capacity of the barrel. In a 50 mL 

burette there are 50 big divisions, each big division corresponds to one mL and each big 
division is further subdivided into ten small divisions. So, each small division corresponds to 
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0.1 mL. The burette reading is made to the hundredths of a millilitre i.e., 0.01 mL. The second 

decimal place is an estimate but should be recorded (Figure 3.9). The markings in a burette 
begin at the top i.e., the open end of the burette and starts from 0 marking, read as 0.00mL. The 

reading is taken from the empty space above the liquid level. The burette is made to deliver the 

liquid and the amount of liquid delivered is determined by noting down the difference between 

initial reading and final reading after the reaction is complete. The reading has to be taken with 
utmost care as the difference between the two readings is the volume used for the reaction and is 

further utilized for all other calculations. Many times, the initial reading is taken at the zero 

mark but for accuracy initial reading should be taken a few marks after the zero mark. 

 

Figure 3.9 

  

Figure 3.10 

3.9.1.6 Parallax error: Parallax error arises when the line of vision is not in line with the 

position of the object and scale and it results in higher or lower reading depending on the 

position of object, scale and eye. Parallax error can be avoided by reading at eye level. (Figure 
3.10) We can say that error due to incorrect viewing angle is called parallax error. Viewing at 

90° i.e., line of sight perpendicular to the burette column does not cause Parallax error 

Use of anti-parallax card: While noting the readings parallax error can be avoided by using a 
white plain card behind the burette (anti parallax card) and keeping eye at the level of meniscus. 
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The use of anti- parallax burette card and a line of sight perpendicular to the burette column are 

simple techniques for precise burette reading. The burette card can be made by taking a small 
white plain paper/card and putting a dark black line on it (figure 3.11).   When this card is 

placed behind the burette with the black line one marking below the meniscus, it is found that 

bottom of meniscus becomes darkened and shortened and easy to read. 

 

Figure 3.11(Image courtesy: learncbse.in) 

3.9.1.7 Meniscus: The curved surface at the top of the liquid level is called meniscus. The 
meniscus is created by surface tension of the liquid and the extent to which that liquid wets the 

wall. Part of the structure of meniscus involves reflection of light, so when we see the meniscus; 

the background also plays a role in correctly reading the meniscus. The burette card helps in this 

process. 

If the meniscus to be read has crossed 10 big divisions but is between 5thand 6th small divisions 

then it has value between 10.5 and 10.6 which can be read as 10.58. Recording the last digit 8 

depends on the observer. The second decimal place is an estimate but should be recorded. 
(Figure 3.9) In case a coloured liquid like KMnO4 has been taken in the burette, the upper part 

of the curvature of the liquid in the barrel (upper meniscus) is to be noted. In case the solution in 

the burette is colourless bottom of the curvature of the liquid in the barrel (lower meniscus) 

should be noted. 

3.9.1.8 Noting the readings correctly: Never put mL after writing the reading in the 

observation table in the column meant for initial reading or in the column meant for final 

reading. The unit “mL” is written   only where the word Volume has been used as normally 

written in the last column of the observation table of Volumetric Analysis (See table 3.1) 

Table 3.1 

Initial reading Final reading Volume used (Final reading -Initial reading) 

10.59 21.75 11.16  𝑚𝐿 
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3.9.1.9 Position of hand while handling burette: The stopcock should be handled with left 

hand from behind the burette. When end point is reached then make sure that no drop of 
solution is hanging at the tip of the burette, if any such drop is present then remove it by 

touching the tip on inner side of volumetric flask. The right hand is used for swirling the flask 

during titration. (Figure 3.12) A glazed white tile is placed below the flask to visualize the 

colour in the flask accurately. (Note 3.12.2.0) 

 

Figure 3.12 (image courtesy: learncbse.in) 

3.9.2.0 Handling and upkeep of Pipette:  A pipette (sometimes spelled pipet) is a common 
laboratory tool used in chemical and biological experiments to transport a measured volume of 

the liquid. The idea of creation of pipettes first came into the mind of Louis Pasteur who is often 

remembered as Father of Medical Microbiology. The glass pipettes initially created by him are 
also called Pasteur pipettes. Pipettes nowadays come in several designs depending on their use 

and level of accuracy required. Generally, glass pipette is a long narrow glass tube with a bulb 

in the middle and different types of graduation marks depending on the type of pipette and its 

use. Pipettes generally used in laboratories are macro pipettes made of glass. These days 

micropipettes are also used. 

3.9.2.1 Types of pipettes:(Figure 3.13) 

Volumetric pipette: It has one calibration mark and is designed to deliver one fixed volume. A 
10mL transfer pipette transfers 10mL of the solution. It has a large bulb, a neck, a blunt end and 

a tapering end. Volumetric pipettes are used to transfer specific amounts of liquid from one 

container to another. Amount of volume transferred can be between 1 and 100 mL. It is used 

when accuracy in measurement is required because it is designed to deliver only one volume 
and is calibrated at that volume. Volumetric pipettes are mostly not blow out pipettes, meaning 

that after the pipette is emptied; the small amount of liquid which remains in the tip should not 



 

 

 

42 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

be blown out. The liquid is not forced out. We can touch the tip of the pipette to the sides of the 

vessel in which the liquid is being drained out. 

Mohr pipette: The Mohr pipette is named after its inventor Karl Friedrich Mohr who is also 

known as Father of Volumetric Analysis. Mohr pipette is a straight tube with markings (lines) 

which end before the tip. It is designed to dispense a required volume of the liquid just like a 

burette. These pipettes are not drained completely and require much practice to dispense the 
required amount of small volume of liquid between 0 to 10mL.This pipette is not as accurate as 

the volumetric pipette. 

Serological pipette: This pipette has the qualities of both the above pipettes. They are straight 
tubes with markings like the Mohr pipette and can dispense various volumes. They are used for 

dilution purposes with a fixed volume like 2.5 mL, 5.0 mL, and 7.5 mL. Most of the serological 

pipettes are of T.D type which means To Deliver type. Two horizontal bands at the top of the 
pipette indicate that the pipette is TD type. They are also referred to as Blow out type pipettes 

which means while they are being drained out by gravity, the last drop can be blown out into the 

receiving vessel and pipette bulb can also be used for this step. 

The specifications are given on the pipette indicating the maximum volume that can be 
transferred, size of divisions on the pipette, temperature at which it was made and whether it is 

TD Type or TC Type. 

Note: A TD type means to deliver type and TC type means to contain type. 

For filling the pipette, if the liquid is non- toxic, it can be suck through mouth or for safety a 

rubber bulb can be used to pull the liquid up the calibration mark and then the bulb can be 

removed and level adjusted with the help of finger- tip. 

 

Figure 3.13 
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3.9.2.2 Filling and emptying a pipette: In earlier times pipetting was done through mouth but 

this practice is no longer followed as it is one of the major causes of accidents. As all chemicals 
are dangerous, so any solution if sucked through mouth has the chances of getting into the 

mouth. This can have serious health hazards not just for the lips, mouth but also for the 

gastrointestinal tract. So, pipetting should always be done with pipettor /bulb (Figure 3.14). 

 

Figure 3.14 Pipette bulb 

Role of A, S, E: On pressing valve A, air squeezes out of the bulb; S causes fluid to be drawn 

into the pipette till valve is released and E delivers fluid from the pipette. 

 

Figure 3.15 Filling and emptying a pipette. 

Filling and emptying the pipette:  Hold the pipette at the top and carefully insert it into the bulb 

by pushing gently and rotating slightly. Press the A (AIR) valve and squeeze to remove air. Dip 
the pipette in the liquid taken in beaker making sure the tip of pipette is above the bottom and 

press the S (Suction) valve to withdraw liquid into the pipette. Draw the liquid to reach the 

etched mark (see the meniscus). Take the receiving vessel and press E (Empty) valve to drain 
the liquid in the vessel. (Figure3.14) Remove the bulb by slight rotation and touch the tip of the 

pipette on the inside wall of the vessel. There will be very small amount of liquid that will be 

left in the pipette, do not force this liquid out. (Figure 3.15) 

3.9.2.3 Micropipette: A pipette used for measurement of minute volumes of micro level is 

called a micropipette. The first micropipette was invented by Heinrich Schnitger in 1957 which 

had a spring-loaded piston and a plastic tip for the liquid. Commonly used micropipette sizes are 

100-1000 microlitre, 20-200 microlitre, 0.5-10 microlitre. Besides the size and amount of 
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volume dispensed, different micropipettes have disposable pipette tips and thes3 tips are 

changed for every sample taken. The removable tip is the only part of the micropipette that 
comes in contact with the sample solution. The tip should be handled gently and carefully. The 

main parts of a micropipette include: A push button or Plunger, volume adjustment knob, tip 

Ejector button, volumeter display, tip holder (shaft)(Figure 15). 

 

Figure 3.16 Micropipette (Image courtesy: shutterstock.com) 

Operating a micropipette: Select the appropriate micropipette for the volume to deliver. Release 

the push button and rotate the volume adjustment knob till the desired volume is displayed in 

the volume display window. Lock the setting. Now select the appropriate tip size. Securely 
attach the tip to the tip holder. It should be neither loose nor tight enough to get jammed. Press 

the push button and hold the pipette vertically lowering its tip in the solution and slowly release 

the thumb to suck solution into the tip. Press the push button again to release the solution in the 

receiving vessel and then press the tip ejector button and release the used tip which can be 

disposed off. 

Precautions while using micropipette: 

Pipetting should be done immediately after attaching the tip. 

Micropipette with attached tip should never be placed on the table. 

3.9.3.0 Flask: A flask is a vessel or container made of glass. It has slanted sides in the wide 

body and is narrowed towards the top. The narrow part of the flask is called neck of the flask 
and it has an opening at the top. Flasks can be used r collecting and holding solutions. 

Generally, the flasks are marked by the unit millilitre or litre to depict the volume they can hold. 

Depending on their shapes and sizes a wide variety of flasks are available like the round bottom 

reaction flasks, round flat bottom flasks, multi neck flasks, Kjeldahl’s flasks, Erlenmeyer flasks, 
Volumetric flasks and Iodine flasks. Here we will be discussing only the last three categories of 

flasks which are mostly used in volumetric analysis: 

3.9.3.1 Conical /Erlenmeyer/titration flask: This flask is used for titrimetric analysis It has a flat 
bottom and a conical shape. It can range from 50mL to 1000 mL capacity. It is generally 

colourless. It is named after German chemist Emil Erlenmeyer who created it in 1860.This flask 

can be used for mixing, reacting, heating, cooling, filtration and transferring the reactants but it 

is not 100% accurate in measurements. (Figure 3.17) 

3.9.3.2 Standard /volumetric flask/measuring flask: It has a flat -bottomed bulb with a long neck 

usually fitted with a stopper. It is used for preparing standard solutions and even for diluting 
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solutions. A 100mL flask when filled up to the calibration marks is accurate to hundredth of an 

mL. It is calibrated to contain a precise volume. (Figure 3.18) 

3.9.3.3 Iodine flask: A conical flask which is amber coloured and specifically used to carry out 

Iodometric and Iodimetric titrations is Iodine flask. 

 

Figure 3.17 

 

Figure3.18 

3.10.0.0 Calibration of instruments for volumetric analysis: The instruments used in 
laboratory should be well calibrated before performing the experiment so that the results are 

accurate and precise. Calibration means to determine, check or rectify the graduation of any 

instrument giving quantitative measurement. Calibration is a primary process used for 
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maintaining the accuracy of the instrument so that the results obtained are within an acceptable 

range. 

Principle of calibration: Calibration is the activity of checking, by comparison with a standard, 

the accuracy of a measuring instrument of any type. It may also include adjustment of the 

instrument to bring it into alignment with the standard. 

Importance of calibration: By calibrating an instrument the chances of uncertainty in 
measurement are minimized. Any instrument after some usage loses stability and its calibration 

is adversely affected. The instrument may appear normal in appearance but the specified 

accuracy of the instrument changes. In such cases calibration of the instrument becomes 
essential so as to adjust the instrument to meet its specifications. Checking and adjusting the 

instrument as per its specifications is essential at least once a year. 

Calibration of instrument for volumetric analysis: Calibration of volumetric apparatus 
/glassware after specified time intervals is important to get accurate results. The glassware used 

in volumetric analysis should preferably be made of borosilicate glass. Borosilicate glass is heat 

and chemical resistant and comes under the category of Class A Glassware. The second 

category of glassware is made of soda glass and comes under Class B Glassware. Class A 
glassware is calibrated to highest level of accuracy for storing the solutions and needs less 

recalibration. Class B glassware is originally calibrated to a lower level of accuracy and is used 

for general purpose work. Recalibration of Class B glassware is important from time to time. 
Recalibration of glassware is essential when it has been used over a long period of time (5-10 

years) or if there are any signs of corrosion due to use of strong acids and alkalis. 

3.10.1.0 Calibration of Burette: 

Fill the burette with distilled water up to the zero mark with the help of glass funnel. The burette 

should be checked for any leakage by completely tightening the stop cock. Moreover, the 

burette should be clean so that when the water is drained out of the burette, no water droplets 

should stick to the inner wall of the burette. Also check that no water droplet is sticking at the 

end of burette. Any drop of water at the tip should be wiped   off with filter paper. 

Check the rate of flow of water from the burette. It should be less than 20mL per minute. 

Take a weighing bottle of at least 50mL capacity and note its weight. Let it be w1 g. 

Drain 5mL of water from the burette into the pre weighed weighing bottle. Weigh it. Let the 

weight of bottle + water = w2 g 

Repeat the above process for every 5mL of water taken from burette. 

Note the values in a table. 

Burette reading (initial) Burette reading (final) Actual volume or true volume 

(w2-w1)/d ml 

0 5  

5 10  

The above observation table can be continued up-to the maximum capacity of the burette. 

Also note the temperature of water so that according to the temperature, density of water can be 

noted from the table (Appendix E). 



 

 

 

47 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

Calculations: From the above observations the actual or true volume of the delivered by the 

burette can be calculated using the formula: 𝑤2 − 𝑤1 ÷ 𝑑 

Result:  The actual or true volume contained in a 50mL of a burette = mL (Note 3.12.3.0 and 

3.12.4.0) 

3.10.2.0 Calibration of standard flask /volumetric flask: Take a clean, dry 250 mL 

volumetric flask and weight it with stopper. Remove the stopper and fill the flask with distilled 
water up to the etched mark. To avoid spilling of water around the neck of flask, use a pipette to 

fill the flask. Stopper the flask, wipe the extra drops of water if present around the neck of flask 

with a tissue paper and then weight it. Record the temperature of water and from the tables finds 

the density of water at that temperature (Appendix E). The procedure can be repeated twice. 

Observations: 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑣𝑜𝑙𝑢𝑚𝑒𝑡𝑟𝑖𝑐 𝑓𝑙𝑎𝑠𝑘 = 𝑤1𝑔 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑓𝑙𝑎𝑠𝑘 + 𝑤𝑎𝑡𝑒𝑟 = 𝑤2 𝑔 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 = 𝑤2 − 𝑤1 𝑔 

Calculations: 

𝐷𝑒𝑛𝑠𝑖𝑡𝑦 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 𝑎𝑡 𝑟𝑜𝑜𝑚 𝑡𝑒𝑚𝑝𝑒𝑟𝑎𝑡𝑢𝑟𝑒(𝑓𝑟𝑜𝑚 𝑡𝑎𝑏𝑙𝑒) = 𝑑 𝑔/𝑚𝐿 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 = 𝑤2 − 𝑤1 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 𝑎𝑐𝑡𝑢𝑎𝑙𝑙𝑦 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑒𝑑 𝑖𝑛 𝑡ℎ𝑒 𝑓𝑙𝑎𝑠𝑘 = 𝑤2 − 𝑤1/𝑑 =x 𝑚𝐿 

Result: The actual or true volume contained in 250mL volumetric flask =x 𝑚𝐿 (Note 3.12.3.0 

and 3.12.4.0) 

3.10.3.0 Calibration of Pipette: 

Take a 10m pipette. It should be first thoroughly cleaned so that water flows smoothly through 

it and no water droplets stick to the inside wall of pipette. Take a clean stoppered weighing 
bottle and note its weight. Now fill the pipette with distilled water a little above the etched 

mark. Drop water from the pipette till the lower meniscus reaches the etched mark. At this point 

stop draining the pipette and remove any water droplet at the tip of pipette with the help of filter 

paper. Now drain the water into the pre weighed stoppered bottle. Even after all the water has 
drained into the weighing bottle, let the pipette drain for 15 to 20 seconds. Stopper the weighing 

bottle and note its weight. Take temperature of water and note density of water at that 

temperature from the table (Appendix E). Repeat the whole procedure. 

Observation and calculations: 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑤𝑒𝑖𝑔ℎ𝑖𝑛𝑔 𝑏𝑜𝑡𝑡𝑙𝑒 = 𝑤1𝑔 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑤𝑒𝑖𝑔ℎ𝑖𝑛𝑔 𝑏𝑜𝑡𝑡𝑙𝑒 + 𝑤𝑎𝑡𝑒𝑟 = 𝑤2 𝑔 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 = (𝑤2 − 𝑤1)𝑔 

𝐷𝑒𝑛𝑠𝑖𝑡𝑦 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 𝑎𝑡 𝑟𝑜𝑜𝑚 𝑡𝑒𝑚𝑝𝑒𝑟𝑎𝑡𝑢𝑟𝑒 = 𝑑 𝑔/𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 𝑎𝑐𝑡𝑢𝑎𝑙𝑙𝑦 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑒𝑑 𝑖𝑛 𝑡ℎ𝑒 𝑝𝑖𝑝𝑒𝑡𝑡𝑒 = 𝑤2 − 𝑤1/𝑑 =x 𝑚𝐿 

Result: The actual volume contained in a pipette (10 mL) = x 𝑚𝐿 (Note 3.12.3.0 and 3.12.4.0) 

3.11.0.0 Accurate weighing: Weighing is an essential part of analysis and is used to form 

standard solutions in volumetric analysis and measuring the weight of precipitates in gravimetry 
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besides being used during synthesis of various compounds. In analytical work we deal with 

rather small weights so the weighing device must be very accurate and sensitive. For this 
purpose, mainly analytical balance is used. (Note 3.12.5.0 and 3.12.6.0) Nowadays, most 

commonly used analytical balance is electronic balance where the balance pan is placed on an 

electromagnet. The sample to be weighed is placed on the pan and it displaces the pan 

downwards by a force equivalent to the product of its mass and acceleration due to gravity. The 
balance detects this download movement and generates a counterbalancing force using an 

electromagnet and the current needed to generate this force is proportional to sample’s mass, 

which appears as a digital display. 

Electronic analytical balances are available in various ranges of capacity and accuracy and may 

be chosen as per the requirements. In chemistry labs one having a capacity up to 300g and a 

minimum accuracy up to three decimal places is generally used. The electronic balance has a 
power button (on/off button), tare button (zero adjustment button), display screen and a level 

indicator and the balance pan is enclosed in a glass box having doors. (Figure 3.19) If one has to 

avoid the mass of container during weighing then tare button should be used after putting the 

container to adjust zero and to subtract the mass of the container. 

 

Figure 3.19 Analytical balance (Image courtesy: andyjconnelly.wordpress.com) 

Precautions while handling the electronic balance: Electronic analytical balance is a precise and 
sensitive instrument and must be handled carefully to get accurate results. The following points 

must be kept in mind while weighing: 

Balance must be properly levelled. 

Balance pan must be properly cleaned. 

Never keep the chemicals directly on the pan. Weigh them in a container or on a piece of paper 

and clean the pan immediately in case of spills. Use tare button for zero adjustment to subtract 

the weight of container or paper. 

Never touch the objects to be weighed with hands. Always use a piece of cloth or forceps. 

Don’t weigh hot or cold objects. Always weigh when they are at room temperature. 
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Hygroscopic substances must be weighed in closed weighing bottles. 

Always close balance doors before making the weighing. Air currents will make the balance 

unsteady. 

Use same balance throughout the experiment for accurate work. 

Magnetic fields and static electrical fields should not be present in the vicinity of the balance as 

they can interfere with the electromagnetic field of the balance and can cause errors during 

weighing. 

3.12.0.0 Notes: 

3.12.1.0 Funnel: A funnel is glassware used to transfer liquids or powdered solid into containers 
which have small openings. Using a funnel ensures that no material is lost during transfer. The 

funnels used in Laboratory are adapted to different forms for specialized uses like the separating 

funnel, the Buchner funnel and they are accordingly made up of glass, plastic or even porcelain. 
In volumetric analysis we use a simple filtering funnel which is made up of borosilicate glass to 

resist any thermal or chemical attack. They are of different sizes in terms of diameter as well as 

the stem size. For filling a burette, a small size funnel is used and care should be taken to rinse 

the funnel also with the same titrant which has to be filled in the burette. Moreover, the funnel 
should be slowly lifted before pouring the liquid through it, so that the flow is smooth. Always 

remove the funnel after filling the burette. 

3.12.2.0 A clean filter paper/white tile can be placed at the base of the Flask so that the colour in 

the flask at the end point is clearly seen against white background. 

3.12.3.0. All Laboratory glassware is generally made up of borosilicate glass which can show 

expansion or contraction with change in temperature. The actual volume delivered by a burette 
can vary with change in temperature. So, the glassware which is calibrated at a particular 

temperature will be accurate at that particular temperature only. This temperature is mentioned 

on the glassware and has to be taken into consideration while recalibrating the glassware. 

3.12.4.0 Unit of volume: The fundamental unit employed in measuring volume of a liquid is 
litre. The litre is the volume occupied by one kilogram of water at the temperature of its 

maximum density (4°C) and under the normal atmospheric pressure (760 mm.). One thousandth 

part of a litre is called the millilitre (mL). The volumes of solutions in volumetric analysis are 
usually expressed in mL s. Earlier; the unit used for this purpose was cubic centimetre (c.c.) 

which is the volume occupied by a cube whose edges are1 cm. each. Apparently both mL. and 

c.c. are interchangeable. But owing to the difference in atmospheric pressure, it has been shown 

that   1000 mL =1000.028 c.c. It is true that this difference is far too small (1 in 35,000) to 
cause any experimental error worth the name. That is why many still use mL and c.c. 

synonymously. But it should be borne in mind that the ultimate unit of volume is litre which is 

based on the determination of mass, Therefore the use of milliliter is more logical and the use of 

c.c. should be discontinued. 

3.12 .5.0. Working principle of electronic balance: 
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Working principle of electronic balance: 1. Position scanner, 2. Hanger, 3. Coil, 4. Temperature 

sensor (K. M. Lang, American Laboratory, March 1983, p. 72). 

3.12 .6.0 A modern one pan mechanical analytical balance 

 

Image courtesy: wikiscales.com 

3.13.0.0 Viva questions 

1. What is the difference between Volumetric Analysis and Titration? 

Volumetric Analysis is a broad term where reacting volumes of substances are used to analyze 

and calculate several unknown values of the analyte. Titration is a practical technique used to 

determine the concentration of an unknown solution by using volumes of two solutions. 

2. What is the difference between Quantitative and Qualitative Analysis? 

Qualitative analysis reveals identity of elements and compounds in a sample and quantitative 

analysis determines identity of each species and amount of each substance in a sample. 

Quantitative analysis can be volumetric analysis, gravimetric analysis and instrumental analysis. 

3. What is the difference and similarity between Volumetric and Gravimetric Analysis? 

Gravimetric Analysis and Volumetric Analysis both are examples of Quantitative Analysis. 

Difference: Gravimetric Analysis is a process of measuring the amount of the analyte by its 
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mass and the results are expressed in grams. Volumetric Analysis is a process of determining 

the amount of the analyte by its volume and the results are expressed in mililitres. 

4. What is the difference between equivalence point and end point? 

Equivalence Point End Point 

It is the actual point where the reaction 

between the unknown solution(analyte) and 
known solution(titrant) completes. 

The point which indicates the completion 

of reaction between analyte and titrant by a 
change in the colour of reaction mixture. 

It is exact point where reaction ends. It is not necessarily the exact point of end 

of reaction 

It always comes before the end point It comes after the end point. 

It is the point at which equivalent or 

stoichiometric amount of titrant is added to the 

analyte. 

It is the point at which the reaction between 

analyte and titrant is observed to be 

complete. 

 

 

5. What is the difference between a primary standard and a secondary standard? 

A substance is known as Primary standard if it is available in pure state, soluble in water and its 
solution remains stable for a long time. A substance which does not possess these characteristics 

is called a secondary standard. 

6. What is the difference between direct titration and back titration? 

Direct titration is the basic titration which involves the reaction between the unknown 
compound(analyte) and the compound with known concentration(titrant). Back titration is a 

titration done in reverse; in this titration a known excess of standard reagent is added to the 

solution and the excess is titrated. It is useful when endpoint of the reverse titration is easier to 

identify than endpoint of direct titration. 

7. What is one gram equivalent of a solute? Explain with example? 

When the amount of solute taken is equal to the equivalent weight of the solute, then it is one 

gram equivalent of the solute. Example Sodium hydroxide has equivalent weight of 40, if we 

take 40 g of sodium hydroxide then it will be one gram equivalent. 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠
= 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔𝑟𝑎𝑚 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 

𝐹𝑜𝑟 𝑁𝑎𝑂𝐻 =
40

40
= 1 

8. What is a normal solution? 

A solution prepared by dissolving one gram equivalent of the solute in one litre. 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

𝑂𝑛𝑒 𝑁𝑜𝑟𝑚𝑎𝑙(𝑁) = 𝑂𝑛𝑒 𝑔𝑟𝑎𝑚 𝑒𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 ÷ 𝑂𝑛𝑒 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

9.What is Normality equation? 

When number of gram equivalents of the titrant become equal to the number of gram 

equivalents of the analyte; they can be equated and the equation so obtained is Normality 

equation. 
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𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 ÷ 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 

∴ 𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 = 𝑁 × 𝑉 

𝐼𝑓 𝑡ℎ𝑒 𝑡𝑖𝑡𝑟𝑎𝑛𝑡 𝑖𝑠 𝑠𝑚𝑏𝑜𝑙𝑖𝑠𝑒𝑑 𝑏𝑦 1 𝑎𝑛𝑑 𝑎𝑛𝑎𝑙𝑦𝑡𝑒 𝑏𝑦 2 𝑡ℎ𝑒𝑛 𝑎𝑡 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑝𝑜𝑖𝑛𝑡 ∶ 

𝑁1𝑉1 = 𝑁2𝑉2 

This is Normality equation. 

10. What is Molarity equation? 

When the number of moles of the titrant become equal to the number of moles of the analyte; 

they can be   equated and the equation so obtained is called Molarity equation. 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 ÷ 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 

∴ 𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 = 𝑀 × 𝑉 

𝐼𝑓 𝑡ℎ𝑒 𝑡𝑖𝑡𝑟𝑎𝑛𝑡 𝑖𝑠 𝑠𝑦𝑚𝑏𝑜𝑙𝑖𝑠𝑒𝑑 𝑏𝑦 1 𝑎𝑛𝑑 𝑎𝑛𝑎𝑙𝑦𝑡𝑒 𝑏𝑦 2 𝑡ℎ𝑒𝑛 𝑎𝑡 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑝𝑜𝑖𝑛𝑡: 

𝑀1𝑉1 = 𝑀2𝑉2 

This is Molarity equation. 

11. What is an indicator? How is it different from Universal indicator? 

An indicator is a chemical substance that changes colour at the end point to show completion of 

reaction between analyte and titrant. Indicators change colour over different 𝑝𝐻 ranges. When 

different indicators are combined to give a colour change over a wider range of ph then such an 

indicator is called Universal indicator. 

12. What are different types of indicators? 

There are three types of indicators: 

External indicator, Internal indicator and self-indicator. 

13.What is the difference between direct and back titration? 

A direct titration is a titration method that involves the reaction between the unknown 

compound and the compound with known concentration. A back titration is a method where an 

excess amount of a compound with known concentration is used to determine the concentration 
of unknown compound. In a direct titration only one reaction occurs and in aback titration two 

reactions occur. 

14. Distinguish between titrant and titrate? 

The reagent of known concentration is called titrant and substance being titrated (of unknown 

concentration) is called analyte. 

15. While using a burette what precautions are necessary to be observed? 

Burette must be first washed with water and then rinsed with the solution with which it has to be 
filled. It should be held vertically in the burette stand and while filling the burette all air bubbles 

should be removed. 

16. What is parallax error and how is it removed? 
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When a measurement is made along two different lines of sight, then a difference arises between 

the true value and observed value. It occurs due to the wrong position of the eyes while taking a 
reading on the measuring scale. Parallax error is mostly seen in reading a burette in volumetric 

analysis and it can be removed by using a burette card so that the position of the eye is at the 

same level as the meniscus of the liquid. 

17. What is meniscus and how does it arise? 

The curvature in the liquid which results from adhesive and cohesive forces is called the 

meniscus. If the adhesive forces are stronger than cohesive forces between the molecules, a 

concave meniscus arises and if cohesive forces are stronger, a convex meniscus arises. In 
Volumetric analysis the liquid filled in the burette shows both the meniscus. If the liquid is 

colourless, lower meniscus reading is taken; if the liquid is coloured, upper meniscus reading is 

taken. 

18. What is rinsing and why a titration flask   should not be rinsed? 

Washing the burette and pipette with the solution with which they are to be filled is called 

rinsing. This is done to remove any water sticking to their sides which otherwise would decrease 

the concentration of the solution to be taken. A titration flask is not rinsed because some liquid 
will remain sticking to the walls of the titration flask and can increase the pipette volume taken 

in the flask. 

19. What is meant by TD and TC in case of glassware? Are there any other terms similar to TD 

and TC? 

Volumetric pipettes are generally marked TD and TC .TD means to deliver type and TC means 

to contain type. In TD type of pipette, the delivered quantity of the liquid corresponds to the 
capacity printed on the pipette. In TC type of pipette, the contained quantity of the liquid 

corresponds to the capacity printed on the pipette.TD type pipettes are much more common than 

TC type. 

Some glass wares are marked with “IN” meaning they are calibrated to contain and “EX” 

meaning they are calibrated to deliver. 

20. Why the last drop of solution must not be blown out of a pipette? 

This is because the last drops left in the end of the pipette are extra of the volume measured by 

the pipette. 

21. Pipette should not be held from the bulb. Is the statement true? 

Yes, the pipette should not be held from the bulb because the body temperature can expand the 

glass and introduce an error in the measured volume. 

22. What type of glass is used to make Volumetric glassware? 

Laboratory glassware is manufactured from Borosilicate glass and soda lime glass. Soda lime 

glass is generally used for Class B products. Class A borosilicate volumetric glassware has 
superior thermal and chemical resistance and is better suited to glassware for storage of 

solutions. 

Class A borosilicate glass for volumetric glassware gives more accuracy over along working 

lifetime than their soda lime equivalents. 

23. Why only glass equipment is used in volumetric analysis? 
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The volumetric apparatus is mainly made of glass due to their negligible reactivity, high 

durability and lesser costs. 

24. How is glassware cleaned for volumetric Analysis? 

The used glassware can be cleaned with soap and water solution and then with water. Chromic 

acid solution (Potassium dichromate and conc. Sulphuric acid) can also be used to clean the 

volumetric glassware. If the glassware is new then it can be soaked in slightly acidic solution 

(1% HCl or HNO3) and then rinsed with water. 

25. What is calibration of glassware and why is it done? 

Calibration is the process of configuring an instrument to provide a result for a sample within an 
acceptable range. Calibration of glassware is important for accurate measurements and results. 

In practice calibration also includes the repair of the device if it is out of calibration. 

26. What is the temperature at which the volumetric glassware is calibrated? 

The volumetric glassware is normally calibrated at 20⁰ C and the temperature is marked on the 

glassware. 

27.What is the difference between pipette and micropipette? 

Both pipettes and micropipettes are used to dispense liquids of definite volume. The difference 
is in the volume of the liquid; Pipettes dispense liquids in mililitres and micropipettes dispense 

in micro litres. Moreover, micropipettes are more accurate, fast having disposable tips resulting 

in reduction of errors as compared to normal pipettes. 

28. What are the precautions while using micropipettes? 

The three main precautions while using micropipette are: 

The volume should be adjusted as per the range of micropipette. 

The micropipettes should be used with the correct size tip only and always use the appropriate 

size pipette for the volume to be measured. 

Always keep the micropipette in vertical position and never lay the micropipette down when the 

liquid is in the tip. 

29. What are some precautions when using a pipette? 

The main precautions while using a pipette are: 

Sucking through mouth should not be done. 

Care should be taken while inserting the pipette bulb in the pipette for drawing liquid up the 

pipette. 

Too much liquid should not be drawn up with the help of bulb as it can be spilled when the bulb 

is removed. 

30. Why should you not pipette by mouth? 

Mouth should not be used to suck the liquid into the pipette because this is the most common 

method of becoming poisoned in a chemical laboratory. The danger arises when we misjudge 
the amount and draw up hazardous liquids into the mouth. Even if the liquid is not drawn up 

potentially harmful fumes can be still inhaled. 

31. What is a Pasteur pipette? 
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A Pasteur pipette is similar to eye dropper and is used to transfer small amount of liquid.  They 

have a separate bulb and on squeezing the bulb, liquid can be drawn up. They are named after 

Louis Pasteur. 

32. What is the difference between Volumetric pipette and Mohr pipette? 

Volumetric pipettes are calibrated to draw a specific volume of the liquid, while a Mohr pipette 

has graduation marks that allow to draw varying amounts of the sample. 

33. Why is Erlenmeyer flask so called and what is it used for? 

The Erlenmeyer flask is named after its inventor German Chemist Emil Erlenmeyer. Commonly 

it is called the conical flask. It has a flat bottom, a long cylindrical neck and a conical body and 

is used for titration process. 

34. Why is a conical flask preferred over a beaker for titration.? 

Conical flask has tapered sides and mixing of the liquid by swirling the flask can be done easily 
without spilling the liquid in a flask. A beaker has cylindrical shape and wide mouth, so 

swirling of liquids during titration cannot be done in it. 

35. What is the role of funnel in a titration? 

A glass funnel is normally used to fill the burette with the required solution. A funnel has a 

tapered end which helps to avoid the spillage of the solution being poured. 

36. What is an electronic balance used for in chemistry laboratory? 

An electronic balance is used to find the accurate weight of substances in laboratory, so that 

standard solutions of exact concentration can be prepared from them. 

37. What is the range of measurement of an electronic balance used in laboratories commonly? 

0.1mg to 200 g 

38. What is the difference between mL and c.c.? 

1000 mL =1000.028 c.c. 

39. What is the use of graduated cylinder in volumetric analysis? A graduated cylinder is used 

for accurately measuring the volume while preparing standard solutions of substances. It is more 
accurate than a beaker. The marked lines on the cylinder represent the amount of liquid that has 

been measured. 

40. Which laboratory glass wares should be used to accurately measure 50 mL solution? 

Graduated cylinders, beakers, volumetric pipettes, burettes and volumetric flask are five kinds 

of glass wares used to measure specific volumes. 

41. Why a burette is considered less precise in dispensing a definite volume as compared to 

volumetric pipette? 

This is because a pipette is designed and calibrated to dispense a specific volume whereas a 

burette usually delivers less amount than its full capacity.  So, a burette is less precise 

conditionally. When the burette has to dispense the liquid to its full capacity, it will be as 

precise as the pipette. 

42. What is commonly taken in a burette and a pipette while carrying out titrations? 
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The chemical solution of known concentration (titrant) is generally taken in the burette and the 

solution of unknown concentration (analyte) is taken in the pipette 

43. What is the difference between accuracy and precision while taking measurements/readings 

in volumetric analysis? 

Accuracy is the nearness of a measurement to the true value. Suppose for a measurement the 

true value is 50 ml and the observed value is 49.9 mL then it is a very accurate measurement. 

However, if the observed value is 39.5 mL, then it is inaccurate. 

Precision is the degree of nearness of a group of observed values to each other, howsoever far 

their value may be from true value. Precision is seen in a set of multiple measurements as in the 
case of burette reading where we try to get three concordant readings.0.50 mL,0.49 mL,0.51mL 

are precise measurements. 

44. What are concordant readings? 

When several readings for the same experiment are taken as in the case of burette reading 

during titration; and the readings are close to each other or identical, they are called concordant 

readings. In all the titrations the same procedure is repeated three times to get the concordant 

readings. In titrations, readings with volume difference 0.05 ml are considered concordant. 

Q45. What common practices should be followed to avoid errors in volumetric analysis? 

The following practices can minimize errors in volumetric analysis: 

While reading a burette, the eye level should be with the meniscus of the liquid. 

The burette should be vertical and upright. 

There should be no air bubbles in the burette. 

The funnel should be removed from top of the burette. 

A white tile should be placed below the flask to note the end point exactly. 

No solution from the burette should remain on the sides of the flask. 

The solution from burette should be run slowly and dropwise from the burette. 

 

 

 

 

 

 

“Chemistry is necessarily an experimental science: its conclusions are drawn from data and 

its principles supported by evidence from facts.” Michael Faraday (1791-1867) 

 

 The American Chemical Society celebrates National Chemistry Week in October from Sunday 

to Saturday during which 23rd October falls. 
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CHAPTER 4 

ACID-ALKALI TITRATIONS 
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4.1.0.0: Introduction and understanding pH 

The titrations involving neutralisation of acids with alkalis are termed as Acid-Alkali Titrations. 

These determinations are of two types (i) Acidimetry and (ii) Alkalimetry. 

Acidimetry is defined as the determination of the concentration of an acid by titrating it with a 

standard alkali, while the reverse process is covered by the term Alkalimetry. 

What is 𝑝𝐻 Value of Solutions? 

The neutralization of an acid with an alkali is an ionic reaction. Thus: 

𝐻𝐶𝑙 ⇌ 𝐻+ +  𝐶𝑙−   

𝑁𝑎𝑂𝐻 ⇌ 𝑁𝑎+  + 𝑂𝐻− 

𝐻+   + 𝑂𝐻− ⇋ 𝐻2𝑂 

𝑁𝑎+ + 𝐶𝑙−   ⇋ 𝑁𝑎𝐶𝑙 

The water molecules are very feebly, rather negligibly, ionized. Therefore, neutralization is 

usually understood to be the union of H+ and OH- ions from an acid and a base respectively. 

The concentration of H+ or OH- ion in solution is widely applicable in acid-alkali titrations. 

From electrical conductivity measurement it has been found that at 25°C, only 10-7 mol of water 

per litre is ionized: 

[H+] =[OH-]=10-7 

These concentrations are exceedingly small and cannot be conveniently expressed in grams or 

gram ions per litre. 

Sorensen suggested the use of '𝑝𝐻 ', which is defined as the logarithm of the reciprocal of the 

actual hydrogen ion concentration in g ions per litre. Thus, in pure water: 

𝑝𝐻 =log 1/10- 7 or 7.0 

It is customary and convenient to express all acid alkali-solutions in terms of their 𝑝𝐻 . 
Obviously, the 𝑝𝐻  of an acid will always be less than 7 and that of an alkali more than 7. 

4.2.0.0. Titration Curves. The acid-alkali titrations are of the following four types 

(1) Strong Acid-Strong Base Titrations, e.g., HCI and NaOH, Figure 4.1(a) and 4.1(b) 

(2) Strong Acid-Weak Base Titrations, e.g., HCl and NH4OH, Figure4.2(a) and 4.2(b) 

(3) Weak Acid-Strong Base Titrations, e.g., CH3COOH and NaOH, Figure 4.3(a) and 4.3(b) 

(4) Weak Acid-Weak Base Titrations, e.g., CH3COOH andNH4OH. Figure 4.4(a) and 4.4(b) 

Figure 4.1(a) Figure 4.1(b) 
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Figure 4.2(a) Figure 4.2(b) 

 

Figure 4.3(a) Figure 4.3(b) 

Figure 4.4(a) Figure 4.4(b) 

Image courtesy 4.1(a) to 4.4(b) chegg.com 

When an acid is titrated with an alkali, the 𝑝𝐻  goes on increasing gradually, as the alkali is 

added to an acid. [Figure 1(b),2(b)),3(b)),4(b)]. Similarly, the 𝑝𝐻  goes on decreasing as the 

acid is being added to alkali [Figure 1(a),2(a),3(a),4(a)] At a certain point a large change in 𝑝𝐻  
is produced by even small additions of the alkali/acid. If a curve is plotted, it will be seen that 

for some distance the curve becomes almost parallel with the 𝑝𝐻  axis and then again bends 

away. Such a curve is termed 'Titration Curve'. This region of abrupt change of a titration curve 

includes the equivalence point ('end point’ or 'stoichiometric point'). The 𝑝𝐻 at this point is 7, in 

case the acid and the base are both strong. It is less or more than 7 according as the base or the 
acid is strong or weak respectively, on account of the hydrolysis of the salt formed. It is, 

therefore, the pH of the salt formed when the equivalent amounts of acid and alkali are put 

together. 

When acid and alkali are both strong, the parallel part of the curve extends over a considerable 

distance. [Figure 4.1(a) and 1(b)] But if either of them is weak the range becomes shorter 

[Figure 4.2(a),4.2(b) and 4.3(a),4.3(b)]. If acid and alkali are both weak, the range is usually 

non-discernible [Figure 4.4(a),4.4(b)]. The titration curves play an important role in making a 

choice of the suitable indicators for various titrations. 

4.3.0.0: Indicators: 

The object of an indicator in an acid alkali titration is to show the 𝑝𝐻  at the equivalence point 
by a rapid change in its colour. These indicators are generally organic compounds which 
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possess different colours at different values of 𝑝𝐻 . Thus, every indicator works within a certain 

𝑝𝐻 range (Table 4.1). 

Some Indicators of General Use 

Table 4.1 

Indicator pH Range& Colours Solution 

Methyl Orange 3.0 (red) – 4.4 (yellow) 0.1% in water 

Methyl Red 4.4 (red)-6.2 (yellow) 0.2% in 60% alcohol 

Litmus 5.0 (red)-8.0 (blue) 2.5% in water, filtered 

on standing and acidified 

with 1-2 drops of dil. HNO3. 

Phenolphthalein 8.2 (colourless)-10.0 (red) 0.1% in 50% alcohol. 

For a particular titration, an indicator is selected whose 𝑝𝐻 range falls within the part of the 

titration curve parallel to the 𝑝𝐻  axis, or preferably which includes the 𝑝𝐻 at the equivalence 

point. Any of the above indicators may do for the titrations of the first type, since the vertical 

part of their titration curve extends over a wide 𝑝𝐻 range (3.5 to 10.0). No indicator, however, 

is suitable for weak acid-weak base titrations because there is no sharp change in 𝑝𝐻 of the 

solution to cause a sudden change in colour of the indicator. Such titrations are, ordinarily, 

formidable. Special 𝑝𝐻 metric methods are, however, employed for them. But these methods 

are far beyond the scope of this book. 

The chiefly employed indicators are methyl orange and phenolphthalein. 

4.3.1.0 Methyl Orange (𝑝𝐻 3.0 to 4.4). It is employed for all such titrations as involve the use of 

strong acid (types 1 & 2). It is specially preferred when a weak alkali is neutralised with a 

strong acid, as in that case the equivalence point would be at a 𝑝𝐻 somewhat below 7.0. Methyl 

orange has an extra advantage in titrations of alkali carbonates and bicarbonates. It, however, 

fails where weak acid is used in titration, because in such a case the 𝑝𝐻 range of the indicator 

falls out of the vertical part of the titration curve. 

4.3.2.0 Phenolphthalein (𝑝𝐻 8.2 to 10.0). It is employed for titrations involving the use of 

strong base (types 1 & 3). It is of special advantage in weak acid-strong base titrations in which 

the equivalence point is at 𝑝𝐻  numerically greater than7.0. It is unfit for titrations where weak 

base is used, since the equivalence point in them would fall somewhat on the acid side. 

4.3.3.0 Amount of Indicator to be used. It is a common mistake to use too much indicator. Two 

drops of any indicator, prepared according to the specifications given in the Table 4.1, are 
sufficient for accurate results. The indicator can be drawn and delivered in drops by means of a 

thin glass tube, commonly known as ‘indicator Tube'. Excessive amount of the indicator used 

causes confusion and leads to erroneous results. 

4.4.0.0.: Standard Substances. 

The following substances are chiefly used as the primary standards for the acid- alkali titrations. 

4.4.1.0 Anhydrous Sodium carbonate, Na2CO3. Sodium carbonate of 99.9 per cent purity is 

obtainable commercially. It contains a little moisture which can be expelled by heating in a 
crucible at 250-270°C (when the bottom of the crucible is not red hot) for about half an hour. 

Thereafter it is cooled and kept in a desiccator since the anhydrous salt is hygroscopic. The 
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equivalent weight of anhydrous sodium carbonate is 53. Its standard solutions are made by 

direct weighing and used for determining the strength of strong acids like HCl, H2SO4, etc. 
whose standard solutions cannot be prepared directly. Methyl orange is used as indicator in all 

sodium carbonate titrations. 

4.4.2.0 Oxalic acid, H2C2O4.2H2O. Crystals of pure oxalic acid bi- hydrate are easily available. 

It is a dibasic acid and possesses equivalent weight 63. Its standard solutions can be prepared by 
direct weighing and used for standardizing strong alkalis like NaOH and KOH, using 

phenolphthalein as indicator. 

4.4.3.0 Succinic Acid, (CH2COOH)2. For work of high accuracy, the use of oxalic acid is not 
recommended as a standard substance, in view of the possible uncertainty of its water content. 

Succinic acid is preferred, since it possesses no water of crystallisation. It is obtainable in pure 

state and is fairly soluble in water. It is a dibasic acid and its equivalent weight is 59. It is 

employed for standardizing strong alkalis, using phenolphthalein as indicator. 

4.5.0.0 Equivalent Weights. 

The equivalent weight of an acid is generally calculated by dividing the molecular weight by its 

basicity. 

Eq. Wt. of an Acid = Mol. Wt./Basicity 

By the basicity of an acid, we understand the number of replaceable hydrogen atoms in one 

molecule of the acid. The equivalent weights of some very common acids are given in the Table 

4.2. 

Table 4.2 

Acid Mol. Wt. Basicity Eq. Wt. 

Hydrochloric acid, HCI 36.5 1 36.5 

Nitric acid, HNO3 63 1 63 

Sulphuric acid, H2SO4 98 2 98 

Oxalic acid: 

Anhydrous, H2C2O4 

Hydrated, H2C2O4.2H2O 

 

90 

126 

 

2 

2 

 

45 

63 

Succinic acid, H2C4H4O4 118 2 59 

Citric acid, H3C6H5O7.H20 210 3 70 

Acetic acid, CH3COOH 60 1 60 

Tartaric acid, H2C4H4O6 150 2 75 

The Equivalent Weight of an Alkali is often calculated by dividing the molecular weight by its 

acidity. 

Eq. Wt. of an Alkali =Mol. Wt./Acidity 

By the acidity of a base, we understand the number of hydroxide ions present in its one 

molecule. The equivalent weights of some common alkalis are given in Table 4.3 
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Table 4.3 

Alkali Mol. Wt. Acidity Eq. Wt. 

Sodium hydroxide, NaOH 40 1 40 

Potassium hydroxide, KOH 56 1 56 

Calcium hydroxide, Ca(OH)2 74 2 37 

Ammonium hydroxide, NH4OH 35 1 35 

The Equivalent Weight of a Carbonate or Bicarbonate can be calculated from the equation of its 

reaction with an acid. Thus, the equivalent weight of sodium carbonate is determined as follows: 

𝑁𝑎2𝐶𝑂3 + 2𝐻𝐶𝑙 → 2𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

2 × 23 + 12 + 3 × 16 = 106 = 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 

2 × (1 + 35.5) = 73 [𝐹𝑜𝑟 2𝐻𝐶𝑙] 

𝑁𝑜𝑤 2𝐻𝐶𝑙 ≡ 𝑁𝑎2𝐶𝑂3 𝑜𝑟 1𝐻𝐶𝑙 ≡
1

2
𝑁𝑎2𝐶𝑂3 

 

𝑆𝑜 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 =
106

2
= 53 

Similarly, the equivalent weights of K2CO3 NaHCO3, KHCO3 can be calculated from their 

equations. (Table 4.4) 

Table 4.4 

Substance Mol. Wt. Eq. Wt. 

Sodium carbonate, Na2CO3 106 53 

Potassium carbonate, K2CO3 138 69 

Sodium bicarbonate, NaHCO3 84 84 

Potassium bicarbonate, KHCO3 100 100 

4.6.0.0 EXPERIMENTS 

Experiment 4.6.1.0. To prepare N/10 HCI from the concentrated acid. 

Discussion. Conc. hydrochloric acid (32%, Sp. gr. 1.163) is about 10N. As the concentration 

varies from sample to sample, it is not possible to make a standard solution merely by 
measuring a definite amount of the acid and diluting it to a known volume. In most experiments 

approximately N/10 HCI is needed, which is prepared by diluting the concentrated acid 100 

times. It is, however, standardised before use, by titrating with a standard alkali. 

In order to prepare exactly N/10 HCI, a stronger solution is first prepared and standardised with 

a standard solution of sodium carbonate. The dilution is worked out and then the solution is 

accordingly diluted. In this way exactly decinormal HCl is obtained. 

Procedure. Making Stronger Solution. With the help of a graduated cylinder or burette deliver 
about 3 mL of the concentrated hydrochloric acid to 250 mL graduated flask provided with a 

small funnel and containing about 50 m L distilled water. Pour 3 to 4 instalments of distilled 
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water through the funnel and shake after each addition. When the belly of the flask is filled, 

remove the funnel. Add more water in a fine stream from the wash-bottle. Make the last 
additions dropwise until the meniscus touches the etched mark on the neck of the flask. Stopper 

the flask and shake vigorously. 

Making Standard Alkali. Weigh a weighing bottle partially filled with anhydrous sodium 

carbonate. Pour out about 1.3 g salt into a clean 400 mL beaker and weigh the bottle again. Add 
about 50 mL distilled water to the beaker and stir with a glass rod in order to dissolve the salt. 

Transfer the solution to a clean 250 mL graduated flask. Rinse the glass rod with distilled water 

into the beaker. Wash the beaker3-4 times into the flask. Make the solution in the graduated 
flask up to the mark as already described. Stopper the flask and shake it thoroughly. From the 

weight of the sodium carbonate dissolved in 250 mL solution calculate its exact normality 

Titration: Indicator: Methyl orange 

End Point: Yellow to orange 

Chemical reaction: 𝑁𝑎2𝐶𝑂3 + 2𝐻𝐶𝑙 → 2𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

Procedure: Rinse a clean burette with the HCI above prepared. Clamp it on a stand and fill it 

with the acid. Release some liquid to remove air from the burette tip. Place a white glazed tile 
below and mount the burette with an anti-parallax card. Pipette out 20 mL of the sodium 

carbonate solution in a conical flask. Add two drops of methyl orange to it. Take the initial 

reading on the burette. Titrate the alkali by adding the acid, one mL at a time, until the indicator 
permanently changes to slightly orange or pinkish. Record the final reading and find the volume 

of the acid used. The first reading is merely approximate and is usually higher; reject it. Empty 

the titration flask into the sink and wash it thoroughly under the tap. Then rinse it with distilled 

water. Pipette out fresh 20mL alkali and titrate it carefully with the acid from the burette. 

Similarly repeat the titration until at least three concordant readings are obtained. 

Observation Table: Volume of sodium carbonate solution in flask=20 mL 

Table 4.5 

S. No Initial Burette Reading Final Burette Reading Volume of HCl used (mL) 

1. 0 17.25 17.25 mL 

Dilution. From the, titration data first calculate the exact normality of the HCl prepared. Then 

work out the volume of the stronger solution to be diluted to 100 mL in order to get N/10 HCI. 
Deliver this much volume of the stronger HCl by means of the burette, to a 100 mL graduated 

flask. Fill the flask up to the mark by adding distilled water. Stopper and shake the flask 

thoroughly. This is exactly N/10 HCI. 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑡𝑎𝑘𝑒𝑛 = 1.337 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 1.3375 × 4 = 5.3500 𝑔 

 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
5.3500

53
= 0.101 

Titration: 
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𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.101 𝑁 𝑁𝑎2𝐶𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 17.25 𝑚𝐿 𝐻𝐶𝑙 

Applying Normality equation 

𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐻𝐶𝑙 𝑝𝑟𝑒𝑝𝑎𝑟𝑒𝑑) =
𝑁1𝑉1

𝑉2
= 20 ×

0.101

17.25
= 0.128 

Dilution: 

100 𝑚𝐿 𝑜𝑓 0.1𝑁 𝐻𝐶𝑙 = 𝑉2𝑚𝐿 𝑜𝑓 0.128 𝑁 𝐻𝐶𝑙 

𝐴𝑔𝑎𝑖𝑛 𝑢𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑉2(𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.128 𝑁 𝐻𝐶𝑙 𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑓𝑜𝑟 𝑑𝑖𝑙𝑢𝑡𝑖𝑜𝑛) = 0.1 ×
100

0.128
= 80.65 𝑚𝐿 

Therefore 80.65 mL of 0.128N HCI already prepared may be diluted to 100 mL in order to 

obtain exactly 0.1N HCl. 

4.6.1.1 Notes 

The normality of the concentrated HCI (32% and sp. gr. 1.163) can also be calculated as 

follows. 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 1 𝑙𝑖𝑡𝑟𝑒 𝑎𝑐𝑖𝑑 = 1000 × 1.163 = 1163 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 𝑖𝑛 100 𝑔 𝑎𝑐𝑖𝑑 = 32 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 𝑖𝑛 1163 𝑔 𝑜𝑟 1 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑎𝑐𝑖𝑑 =
32

100
× 1163 = 372.16 𝑔 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑡ℎ𝑒 𝑐𝑜𝑛𝑐. 𝑎𝑐𝑖𝑑 = 372.16 ÷ 35.6 = 10.19 𝑜𝑟 10 𝑎𝑝𝑝𝑜𝑥 

If the specific gravity of the conc. acid is known, the percentage of HCl in it can be read from 

the tables provided for this purpose. 

For verification, the N/10 acid above prepared may be titrated with a standard alkali. 

Preparation of N/10 H2SO4. Concentrated sulphuric acid (96%, sp. gr. 1 84) is approximately 

36N. Deliver by means of a graduated pipette about 0.8 mL acid to a 250 mL graduated flask 

half filled with water (CAUTION-Never add water to the acid). Shake and cool under the tap. 
Add more distilled water to fill the flask up to the graduated mark. The acid thus obtained will 

be somewhat stronger than 0.1N. For diluting it to exactly 0.1N, follow the procedure as 

described above. 

Experiment 4.6.2.0. To prepare N/10 NaOH solution. 

Discussion. Solid caustic soda is highly hygroscopic and also absorbs CO2 from the atmosphere. 

Therefore, it is not possible to prepare its standard solution by direct weighing. Usually an 
approximately N/10 solution is prepared containing about 4 g per litre of the solid sodium 

hydroxide. The solution is standardized before use, by titrating with a standard acid. However, 

for exactly N/10 alkali, slightly stronger (N/9 to N/8) solution is first prepared by approximate 

weighing and then standardized by means of a standard acid (succinic acid or oxalic acid) 

solution. The dilution is worked out and then the solution is diluted accordingly. 
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Procedure. 

Making Stronger Alkali. On a clean watch-glass weigh about 1.25 g of solid caustic soda (stick 
or pellets) on a rough balance. Spray some distilled water in the solid and pour off the washed 

liquid. This will remove any sodium carbonate on the surface. Put the caustic soda in a clean 

beaker containing about 50 mL distilled water. Shake by giving the beaker whirling motion until 

the solid completely disappears. Cool by immersing the beaker in a cold-water bath. Transfer 
the solution to a 250 mL graduated flask and wash the beaker 3-4 times into the flask. Fill the 

flask with distilled water until the meniscus reaches the etched mark. Stopper and shake the 

flask for thorough mixing of the contents. 

Making Standard Acid Solution. Weigh out accurately about 1.5 g succinic acid (or oxalic acid 

crystals) from a weighing bottle into a clean beaker containing about 100 mL distilled water. 

Stir with a glass rod to dissolve the acid and then transfer it to a 250 mL graduated flask. Wash 
the beaker into the flask and fill the rest of it with distilled water until the level stands at the 

etched mark. Stopper and shake the flask. Calculate the exact normality of the solution from the 

actual weight of the acid dissolved. It will be near about 0.1N. 

Titration: 

Indicator: Phenolphthalein 

End Point: Light pink to colourless 

Chemical Reaction: 

𝐶4𝐻6𝑂4 + 2𝑁𝑎𝑂𝐻 → 𝑁𝑎2𝐶4𝐻4𝑂4 + 2𝐻2𝑂 

Procedure: Put the standard succinic acid solution in the burette. Pipette out 20 mL of the alkali 

(Na0H) in a titration flask and add two drops of phenolphthalein indicator. Add the acid into it 

with shaking, until the pink colour of the indicator just disappears. Repeat the titration taking 

fresh 20 mL of the alkali every time to get at least three concordant readings. 

Observation Table: Volume of NaOH solution in flask = 20 mL 

Table 4.6 

S. No. Initial Burette Reading Final Burette Reading Volume of succinic acid used 

(mL) 

1. 0 23.08 23.08 mL 

Dilution. Calculate the exact normality of the alkali and then work out mathematically the 
volume of it which on dilution to 100 mL would give N/10 NaOH. Deliver this much volume of 

the stronger alkali, by means of a burette to a clean 100 mL graduated flask and make the 

volume up to the etched mark by adding distilled water. Stopper and shake the flask for 

thorough mixing. The solution thus obtained will be exactly N/10. (It may be verified by 

titration with the standard succinic acid solution.) 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑢𝑐𝑐𝑖𝑛𝑖𝑐 𝑎𝑐𝑖𝑑 𝑡𝑎𝑘𝑒𝑛 = 1.4320 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑠𝑢𝑐𝑐𝑖𝑛𝑖𝑐 𝑎𝑐𝑖𝑑 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 1.4320 × 4 = 5.7280 𝑔 
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𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
5.7280

59
= 0.09707 

𝑤ℎ𝑒𝑟𝑒 59 𝑖𝑠 𝑡ℎ𝑒 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑢𝑐𝑐𝑖𝑛𝑖𝑐 𝑎𝑐𝑖𝑑 

Titration. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑠𝑡𝑟𝑜𝑛𝑔𝑒𝑟 𝑎𝑙𝑘𝑎𝑙𝑖 = 23.08 𝑚𝐿 𝑜𝑓 0.09707 𝑁 𝑠𝑢𝑐𝑐𝑖𝑛𝑖𝑐 𝑎𝑐𝑖𝑑 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2𝑖. 𝑒 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦  𝑜𝑓 𝑡ℎ𝑒 𝑎𝑙𝑘𝑎𝑙𝑖 𝑝𝑟𝑒𝑝𝑎𝑟𝑒𝑑 = 0.09707 ×
23.08

20
= 0.112 

Dilution. 

100 𝑚𝐿 𝑜𝑓 0.1 𝑁 𝑁𝑎𝑂𝐻 = 𝑉2𝑚𝐿 𝑜𝑓 0.112𝑁 𝑁𝑎𝑂𝐻 

𝐴𝑔𝑎𝑖𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑉2𝑖. 𝑒 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑡𝑟𝑜𝑛𝑔𝑒𝑟 𝑎𝑙𝑘𝑎𝑙𝑖 𝑑𝑖𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑜 100 𝑚𝐿 𝑜𝑓 0.1 𝑁 𝑁𝑎𝑂𝐻 = 0.1 ×
100

0.112
= 89.30 𝑚𝐿 

Hence 89.3 mL of the stronger alkali on dilution to 100 mL will give exactly N/10 NaOH. 

4.6.2.1 Notes. 

A standard solution of KOH can also be prepared in the same manner. 

Solid sodium and potassium hydroxide are caustic alkalis and should never be touched with 

hand. 

The standard solution of NaOH and KOH must be kept securely stoppered lest they should 

absorb CO2 from the atmosphere. 

If the alkali solution has been kept for long, it should be standardized again before use 

Experiment 4.6.3.0. To determine the strength of the commercial Hydrochloric Acid. 

Discussion. The commercial hydrochloric acid is approximately 10N. It is diluted about 100 

times and titrated with a decinormal alkali (NaOH or Na2CO3), using the indicator depending on 

the nature of the alkali. 

Procedure. Measure out very accurately 2.5-3.0 mL of the given commercial hydrochloric acid 

by means of a burette or graduated pipette, into a 20 mL graduated flask containing about 50 

mL of distilled water and carrying a funnel in its neck. Fill the flask up to the mark with more 

distilled water. Shake it well to mix up the contents. 

Prepare approximately N/10 NaOH solution and standardise it with a standard succinic acid 

solution (as in expt. 2). 

Titration: 

Indicator: Phenolphthalein. 

End Point: Light pink to colourless 

Chemical reaction: 𝐻𝐶𝑙 + 𝑁𝑎𝑂𝐻 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 
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Place the hydrochloric acid solution above prepared in the burette. Pipette out 20 mL portions of 

the standard alkali in a titration flask and titrate with the acid using phenolphthalein as indicator 

Take the mean of at least three concordant readings and calculate the result. 

Observation Table: Volume of sodium hydroxide solution in flask=20 mL 

Table 4.7 

S. No. Initial Burette Reading Final Burette Reading Volume of HCl used (mL) 

1. 0 22.65 22.65 mL 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑐𝑜𝑚𝑚𝑒𝑟𝑐𝑖𝑎𝑙 𝐻𝐶𝑙 𝑡𝑎𝑘𝑒𝑛 = 2.75 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

𝐷𝑖𝑙𝑢𝑡𝑖𝑜𝑛 =
250

2.75
𝑡𝑖𝑚𝑒𝑠 

Titration 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.11 𝑁 𝑁𝑎𝑂𝐻 = 22.65 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐻𝐶𝑙 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1(𝑁𝑎𝑂𝐻) = 𝑁2𝑉2(𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐻𝐶𝑙) 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐻𝐶𝑙) =
𝑁1𝑉1

𝑉2
= 0.11 ×

20

22.65
= 0.09713 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑐𝑜𝑛𝑐. 𝐻𝐶𝑙 = 0.09713 ×
250

2.75
= 8.83 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 = 36.5 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑐𝑜𝑚𝑚𝑒𝑟𝑐𝑖𝑎𝑙 𝑠𝑎𝑚𝑝𝑙𝑒 = 8.83 × 36.5 = 322.29 

Result. The given commercial hydrochloric acid is 8.83N and contains 322.29 g HCI/litre. 

4.6.3.1 Notes. 

In the above titration the alkali may also be placed in the burette and the acid may be taken in 
the titration flask. In that case the end-point will be indicated by the appearance of a permanent 

pinkish tinge. 

It is the total acid which is determined in this experiment. Any other acid, if present as impurity, 

will also be counted as HCI. 

If sodium carbonate is used as the standard alkali, its solution is made by direct weighing and 

methyl orange is used as indicator for the titration. 

Experiment 4.6.4.0. To determine sulphuric acid in the commercial concentrated acid. 

Discussion. The sulphuric acid in the commercial product is usually expressed in terms of the 

percentage by weight. Ordinarily, tables are available for the density and the percentage strength 

of the acid. Thus, the strength is roughly ascertained by determining its density. For accurate 
analysis the concentrated acid, which is approximately 36N, is diluted about 350 times and 

titrated with a standard, say N/10 alkali (NaOH orNa2CO3), using a suitable indicator. The 

normality of the diluted acid is found. From this is calculated the amount of pure sulphuric acid 

in the commercial product. 
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Titration: 

Indicator: Phenolphthalein 

End Point: Light Pink to colourless 

Chemical equation: 2𝑁𝑎𝑂𝐻 + 𝐻2𝑆𝑂4 → 𝑁𝑎2𝑆𝑂4 + 2𝐻2𝑂 

Procedure. Accurately weigh a clean and dry stoppered weighing bottle. Add carefully to it 0.7-

0.8 mL (15-16 drops) of the commercial conc. sulphuric acid from a graduated pipette. Re-
stopper the bottle and weigh quickly. Place about 100 mL of distilled water in a 250 mL 

graduated flask carrying a small funnel in its neck. Empty the bottle into the funnel. Wash the 

weighing bottle and its stopper thoroughly with a spray from the wash bottle into the funnel. 
Shake and cool the flask to the room temperature under the water tap. Finally rinse the funnel 

and remove it from the flask. Make up the solution to the etched mark with distilled water. 

Stopper and shake the flask gently. 

Put the acid in the burette and titrate it with 20 mL lots of standard NaOH solution, using 

phenolphthalein as indicator. Take the mean of at least three concordant readings and calculate 

the result. 

Observation Table: Volume of sodium hydroxide solution in flask = 20 mL 

Table 4.8 

S. No Initial Burette Reading Final Burette Reading Volume of H2SO4 used (mL) 

1. 0 20.38 20.38 mL 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑎𝑏𝑜𝑢𝑡 0.7 𝑚𝐿 𝑐𝑜𝑛𝑐 . 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑏𝑒 = 1.2925 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250𝑚𝐿 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑜𝑛𝑐. 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 1.2925 × 4 = 5.170 𝑔 

Titration. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.105 𝑁 𝑁𝑎𝑂𝐻 = 20.38 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑎𝑐𝑖𝑑 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑡ℎ𝑒 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑎𝑐𝑖𝑑) =
𝑁1𝑉1

𝑉2
= 0.105 ×

20

20.38
= 0.103 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 49 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑢𝑟𝑒 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑎𝑐𝑖𝑑 = 0.103 × 49 = 5.047 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑡ℎ𝑒 𝑐𝑜𝑛𝑐. 𝑎𝑐𝑖𝑑 =
5.047

5.17
× 100 = 97.43 

Result. The commercial concentrated sulphuric acid is 97.4% 

4.6.4.1: Notes. 

The following experiments are similar to the one described above. 

Determination of strength of Glacial Acetic Acid. The strength is expressed as the percentage of 

acetic acid by weight. Put about 2 mL (or 2 g) glacial acetic acid in a tared weighing bottle and 
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weigh again. Transfer the acid to a 250 mL graduated flask, wash the weighing bottle into it and 

make the volume to the mark by adding distilled water. Titrate the solution with 20 mL portions 

of a standard NaOH solution, using phenolphthalein as indicator. 

Determination of Acetic Acid in Vinegar. Vinegar contains 4-5% acetic acid. Therefore, dilute 

20 mL of vinegar to 250 mL and titrate it with a standard NaOH solution, using phenolphthalein 

indicator. Report the strength in grams per 100 m L. 

Experiment 4.6.5.0 To determine sodium carbonate in soda-ash. 

Discussion. The chief constituent of soda-ash is sodium carbonate. It also contains impurities 

like NaCl, NaOH and NaHCO3. It is usually analyzed by titrating with standard HCl Strictly 
speaking the analysis does not give true percentage of sodium carbonate, since. NaOH and 

NaHCO3 also react with the acid. We will rather get the total alkalinity which by convention is 

expressed in terms of percentage of Na2CO3. 

Titration: 

Indicator: Methyl orange 

End Point: Yellow to orange 

Chemical reaction:𝑁𝑎2𝐶𝑂3 + 2𝐻𝐶𝑙 → 2𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

Procedure. Weigh out accurately about 3.6 g of the soda-ash into a beaker. Dissolve it in about 

80 mL distilled water. Disregard slight turbidity if any. Transfer the solution to a 250 mL 

graduated flask and make the volume to the mark. Titrate 20 mL portions of this solution with 
the standard (say, N/10) HCI, using methyl orange as indicator. Take a mean of at least three 

concordant readings and calculate the result. 

Observation Table: Volume of sodium carbonate solution in flask=20 mL 

Table 4.9 

S. No Initial Burette Reading Final Burette Reading Volume of HCl used (mL) 

1. 0 21.65 21.65 mL 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑑𝑎 𝑎𝑠ℎ 𝑡𝑎𝑘𝑒𝑛 = 3.8450 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑑𝑎 𝑎𝑠ℎ 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 3.84504 × 4 = 15.3800 𝑔 

Titration. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑑𝑎 𝑎𝑠ℎ 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 21.65 𝑚𝐿 𝑜𝑓 0.1060 𝑁 𝐻𝐶𝑙 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑡ℎ𝑒 𝑎𝑙𝑘𝑎𝑙𝑖 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ) =
𝑁1𝑉1

𝑉2
= 0.106 ×

21.65

20
= 0.1148 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒 = 53 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 0.1148 × 53 = 6.0820 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒 𝑖𝑛 𝑠𝑜𝑑𝑎 𝑎𝑠ℎ =
6.082

15.38
× 100 = 39.56 
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Result. Soda-ash contains 39.56% sodium carbonate. 

4.6.5.1 Notes. 

Soda-ash usually contains 35-40% of sodium carbonate. 

The percentage of potassium carbonate in ‘Pearl Ash’ and the percentage of sodium bicarbonate 

in Baking Soda can likewise be determined. 

Experiment 4.6.6.0. To determine the percentage composition of a mixture of sodium 

hydroxide and sodium carbonate, supplied in solution. 

Discussion. This determination is based on a selective use of indicators. Methyl orange is not 

affected by CO2 while phenolphthalein is. 

The neutralization of sodium carbonate takes place in two Steps: 

𝑁𝑎2𝐶𝑂3 +  𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝑁𝑎𝐻𝐶𝑂3 

𝑁𝑎𝐻𝐶𝑂3 +  𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

While methyl orange shows the end-point on complete neutralization of sodium carbonate, 
phenolphthalein is efficient only up to the bicarbonate stage as the second step involves 

formation of CO2. 

This exercise, therefore, involves a Double Titration. 

Using Methyl Orange as Indicator, and 

Using Phenolphthalein as indicator. 

Chemical equation Titration 1: The first titration leads to the complete neutralization of both 

NaOH and Na2CO3 

𝑁𝑎𝑂𝐻 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 

𝑁𝑎2𝐶𝑂3 +  2𝐻𝐶𝑙 → 2𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

Suppose the acid used for 20 mL Mixture is x mL. The total normality of both the alkalis is 

calculated from it. 

Chemical Equation Titration 2: In the second titration the end-point indicates complete 

neutralization of NaOH and half neutralization of Na2CO3 

𝑁𝑎𝑂𝐻 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 

𝑁𝑎2𝐶𝑂3 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝑁𝑎𝐻𝐶𝑂3 

 

Let the volume of the acid in this titration be y mL. 

Obviously, volume of HCl required for half neutralization of Na2CO3=(x-y) mL 

Vol. of HCI for complete neutralization of Na2CO3=2(x-y) mL 

Vol. of HCI required for complete neutralization of NaOH =x-2(x-y) mL 

From the data thus obtained, are calculated the amounts of NaOH and Na2CO3 per litre of the 

given solution and then the percentage composition of the mixture. 

Titration 1 
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Indicator: Methyl Orange 

End Point: Yellow to pinkish tinge 

Procedure: Rinse and fill the burette with the standard HCI. Pipette out 20 mL of the given 

mixture solution in a titration flask. Add two drops of methyl orange indicator and titrate with 

the acid until the appearance of a permanent pinkish tinge. Take the mean of at least three 

concordant readings. 

Observation Table: Volume of mixture solution in flask=20 mL 

Table 4.10 

S. No Initial Burette Reading Final Burette Reading Volume of HCl used (mL) 

1. 0 18.15 18.15 mL 

Titration 2 

Indicator: Phenolphthalein 

End Point: Light pink to colourless 

Procedure: Rinse and fill the burette with the standard HCI. Pipette out 20 mL of the given 

mixture solution in a titration flask. Add two drops of phenolphthalein indicator and titrate with 

the acid until the solution becomes colourless Take the mean of at least three concordant 

readings. 

Observation Table: Volume of alkali solution in flask= 20 mL 

Table 4.11 

S. No Initial Burette Reading Final Burette Reading Volume of HCl used (mL) 

1. 0 11.85 11.85 𝑚𝐿 

Calculations. 

Titration 1. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿  𝑜𝑓 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 18.15 𝑚𝐿 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 

Titration 2. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑎𝑙𝑘𝑎𝑙𝑖 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 11.85 𝑚𝐿 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑓𝑜𝑟 𝑁𝑎2𝐶𝑂3 𝑜𝑛𝑙𝑦 = 2 × (18.15 − 11.85) = 12.60 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑁𝑎𝑂𝐻 = 18.15 − 12.60 = 5.55 𝑚𝐿 

𝑁𝑜𝑤 20 𝑚𝐿 𝑁𝑎2𝐶𝑂3𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 12.60 𝑚𝐿 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎2𝐶𝑂3) =
𝑁1𝑉1

𝑉2
= 0.108 ×

12.6

20
= 0.068 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 = 53 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.068 × 53 = 3.604 𝑔 

𝐴𝑙𝑠𝑜 20 𝑚𝐿 𝑜𝑓 𝑁𝑎𝑂𝐻 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 5.55 𝑚𝐿 𝑜𝑓 0.108 𝑁 𝐻𝐶𝑙 
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𝐴𝑔𝑎𝑖𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝑂𝐻) = 0.108 ×
5.55

20
= 0.03 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝑂𝐻 = 40 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝑂𝐻 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.03 × 40 = 1.20 𝑔 

𝑇𝑜𝑡𝑎𝑙 𝑎𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑏𝑜𝑡ℎ 𝑁𝑎𝑂𝐻 𝑎𝑛𝑑 𝑁𝑎2𝐶𝑂3 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 1.20 + 3.604 = 4.804 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎𝑂𝐻 =
1.20

4.804
× 100 = 24.96 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎2𝐶𝑂3 = 100 − 24.96 = 75.04 

Result. The given mixture contains 24.96 % NaOH, and75. 04%Na2CO3. 

4.6.6.1 Notes 

A similar method may be employed for the analysis of mixtures like (i) KOH and K2CO3 (ii) 

NaOH and K2CO3, and (iii) KOH and Na2CO3. 

It is advisable to perform the two titrations separately and not to add methyl orange when the 

end-point has reached with Phenolphthalein in the same lot. A slight error in the first titration 

will appreciably affect the second one, the total acid consumed in both being the same. 

Experiment 4.6.7.0. To determine the percentage composition of sodium carbonate and sodium 

bicarbonate, supplied in solution. 

Discussion. This determination also involves a double titration with standard HCl, as in the last 

experiment. 

Using Methyl Orange as Indicator. This will give the volume of the acid used for complete 

neutralization of both sodium carbonate and bicarbonate. 

𝑁𝑎2𝐶𝑂3 + 2𝐻𝐶𝑙 → 2𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

𝑁𝑎𝐻𝐶𝑂3 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

Suppose the volume of the acid used is x mL 

Using Phenolphthalein as Indicator. This titration proceeds up to the bicarbonate state and thus 

gives the volume of the acid for half neutralization of sodium carbonate: 

𝑁𝑎2𝐶𝑂3 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝑁𝑎𝐻𝐶𝑂3 

Let the volume of the acid used here be y mL. 

Vol. of acid used for complete neutralization of Na2CO3=2y mL 

Vol. of acid used for neutralization of NaHCO3=(x-2y) mL 

From these two volumes of the acid the normality and hence the amount of each alkali present 

per litre are calculated. 

Procedure. 

Titration 1 

Indicator: Methyl Orange 

End Point: Yellow to pinkish tinge 
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Procedure: Take the standard HCI, say N/10 in the burette. Titrate it against 20 mL portions of 

the mixture solution using methyl orange as indicator. Take the mean of at least three 

concordant readings. 

Observation Table: Volume of mixture solution in flask=20 mL 

Table 4.12 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of HCl used (mL) for complete 

neutralization of Na2CO3 

1. 0 21.28 21.28 mL 

Titration 2: 

Indicator: Phenolphthalein 

End Point: Light pink to colourless 

Procedure: Rinse and fill the burette with the standard HCI. Pipette out 20 mL of the given 

mixture solution in a titration flask. Add two drops of phenolphthalein indicator and titrate with 
the acid until the solution becomes colourless Take the mean of at least three concordant 

readings. 

Observation Table: Volume of mixture solution in flask=20 mL 

Table 4.13 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of HCl used (mL) for 

half neutralization of Na2CO3 

1. 0 7.45 7.45 mL 

Calculations. 

Titration 1 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 21.28 𝑚𝐿 𝑜𝑓 0.096𝑁 𝐻𝐶𝑙 

Titration 2 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 7.45𝑚𝐿 𝑜𝑓 0.096𝑁 𝐻𝐶𝑙 

𝐻𝐶𝑙 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑐𝑜𝑚𝑝𝑙𝑒𝑡𝑒 𝑛𝑒𝑢𝑡𝑟𝑎𝑙𝑖𝑧𝑎𝑡𝑖𝑜𝑛 𝑜𝑓 𝑁𝑎2𝐶𝑂3 = 2 × 7.45 = 14.90 𝑚𝐿 

𝐻𝐶𝑙 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑛𝑒𝑢𝑡𝑟𝑎𝑙𝑖𝑧𝑎𝑡𝑖𝑜𝑛 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 = 21.28 − 14.90 = 6.38 𝑔 

20 𝑚𝐿 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 14.90 𝑚𝐿 𝑜𝑓 0.096 𝑁 𝐻𝐶𝑙 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎2𝐶𝑂3 =
𝑁1𝑉1

𝑉2
= 0.096 ×

14.90

20
= 0.07153 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 = 53 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.07153 × 53 = 3.791𝑔 

20 𝑚𝐿 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 6.38 𝑚𝐿 𝑜𝑓 0.096 𝑁 𝐻𝐶𝑙 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 
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𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 = 𝑁1𝑉1/𝑉2=0.096 × 6.38 ÷ 20 = 0.03056 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 = 84 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.03056 × 84 = 2.556 𝑔 

𝑇𝑜𝑡𝑎𝑙 𝑎𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑡𝑤𝑜 𝑎𝑙𝑘𝑎𝑙𝑖𝑒𝑠 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 3.791 + 2.556 = 6.347 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎2𝐶𝑂3 =
3.791

6.347
× 100 = 59.73 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎𝐻𝐶𝑂3 = 100 − 59.73 = 40.27 

Result: The given mixture contains 59.73% Na2CO3, and 40.27% NaHCO3. 

4.6.7.1 Notes 

A similar method can be employed for the analysis of mixtures like, (i) KHCO3 and K2CO3 (ii) 

NaHCO3 and K2CO3, and (iii) KHCO3 and Na2CO3. 

Experiment 4.6.8.0. To determine the percentage purity of the given sample of Chalk-CaCO3. 

Discussion. A known weight of the sample is treated with an excess of standard HCl. When the 

calcium carbonate has completely reacted as: 

𝐶𝑎𝐶𝑂3 + 2𝐻𝐶𝑙 → 𝐶𝑎𝐶𝑙2 + 𝐻2𝑂 + 𝐶𝑂2 

The acid left unconsumed is determined by back titration with standard NaOH solution. The 
indicator employed is methyl orange, since the residual acid is laden with some CO2. The 

amount of the acid consumed for CaCO3 is found by difference and there from the weight of 

pure calcium carbonate in the sample taken is calculated. 

From the equation given above 

𝐶𝑎𝐶𝑂3 ≡ 2𝐻𝐶𝑙 𝑜𝑟 1/2 𝐶𝑎𝐶𝑂3 ≡ 𝐻𝐶𝑙 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐶𝑎𝐶𝑂3 =
1

2
 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 =

100

2
= 50 

Chemical Reaction: 𝐶𝑎𝐶𝑂3 + 2𝐻𝐶𝑙 → 𝐶𝑎𝐶𝑙2 + 𝐻2𝑂 + 𝐶𝑂2 

Procedure. 

Preparation of chalk solution: Weigh out from a weighing bottle about 1 g of the given sample 

of chalk into a 250 mL beaker. Add to it 50 mL of IN HCI and stir for 5 minutes to dissolve the 

solid completely. Rinse the stirring rod into the beaker and remove it. Partially cover the beaker 
with a clock glass and heat gently for 5-7 minutes for completion of the reaction.  Cool and 

transfer the liquid to a 250 mL graduated flask. Wash the beaker into the flask and make the 

volume to the etched mark. Mix the contents by shaking the flask. 

Titration: 

Indicator: Methyl Orange 

End Point: Yellow to pinkish tinge 

Procedure: Fill the burette with chalk solution and note the initial reading. Take 20 mL of 
standard NaOH solution in the flask and add 2-3 drops of methyl orange indicator. Titrate with 

the chalk solution in burette and note the final reading when colour changes from yellow to 

pinkish tinge.   Take the mean of at least three concordant readings and calculate the result. 
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Observation Table: Volume NaOH in flask = 20 mL 

Table 4.14 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of diluted residual HCl 

used (mL) 

1. 0 18.52 18.52 mL 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐ℎ𝑎𝑙𝑘 𝑡𝑎𝑘𝑒𝑛 𝑏𝑒 = 1.0314 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 1𝑁 𝐻𝐶𝑙 𝑎𝑑𝑑𝑒𝑑 = 50 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

Titration. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.11𝑁 𝑁𝑎𝑂𝐻 ≡ 18.52 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐻𝐶𝑙 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

∴  𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐻𝐶𝑙 =
𝑁1𝑉1

𝑉2
= 20 ×

0.11

18.52
= 0.1188 

𝑁𝑜𝑤 250 𝑚𝐿 𝑜𝑓 0.1188 𝑁 𝐻𝐶𝑙 ≡ 𝑉2 𝑚𝐿 𝑜𝑓 1𝑁 𝐻𝐶𝑙 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

𝑉2 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐼𝑁𝐻𝐶𝑙 𝑙𝑒𝑓𝑡 𝑢𝑛𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 =
𝑁1𝑉1

𝑁2
= 250 ×

0.1188

1
= 29.62 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 1𝑁𝐻𝐶𝑙 𝑢𝑠𝑒𝑑 𝑢𝑝 𝑓𝑜𝑟 𝐶𝑎𝐶𝑂3 = 50 − 29.62 = 20.38 𝑚𝐿 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐶𝑎𝐶𝑂3 = 50 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑢𝑟𝑒 𝐶𝑎𝐶𝑂3 𝑖𝑛 1.0314 𝑔 𝑜𝑓 𝑐ℎ𝑎𝑙𝑘 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛𝑖𝑡𝑖𝑎𝑙𝑙𝑦 = 20.38 ×
50

1000
= 1.0190 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑐ℎ𝑎𝑙𝑘 =
1.0190

1.0314
× 100 = 98.8 

Result. The given sample of chalk contains 98.8% pure calcium carbonate. 

4.6.8.1 Notes: 

The above method works well if the sample of chalk is at least 98.5% pure. 

Analysis of calcium oxide in lime, zinc carbonate or magnesium carbonate can also be carried 

out in a similar way. 

Experiment 4.6.9.0. To determine the equivalent weight and basicity of ‘citric acid’, its 

molecular weight being 210. 

Discussion. An approximately decinormal solution of the given acid is prepared by direct 

weighing. It is titrated with a standard NaOH solution and the normality found. Then the 

equivalent weight and basicity of the acid are calculated from the following relations. 

Strength/litre = Normality x Eq. wt. 

Mol. Wt. = Basicity x Eq. Wt. 
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The value of the basicity is brought to the nearest complete integer as it is always a whole 

number. 

Procedure. 

Preparation of citric acid solution: Weigh accurately 1.5 to 2.0 g of the given citric acid on a 

clean dry watch-glass. Throw it into a 250 mL beaker containing about 50 mL distilled water. 

Wash the watch-glass with the wash-bottle spray into the beaker. Dissolve the solid by stirring 
with a glass rod. Rinse the stirring rod into the beaker and remove it. Pour the solution into a 

250 mL graduated flask and wash the beaker also into it. Make the volume up to the etched 

mark and shake the flask. 

Titration 

Indicator: Phenolphthalein 

End Point: Light pink to colourless 

Place the acid solution in the burette and take 20 mL of sodium hydroxide in the titration flask. 

Add 2-3 drops of phenolphthalein indicator in the flask. Titrate with the acid solution till the 

colour changes from light pink to colourless. Take the mean of at least three concordant 

readings and then calculate the result. 

Observation Table: Volume NaOH in flask=20 mL 

Table 4.15 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of citric acid used (mL) 

1. 0 20.15 20.15 mL 

Calculations. 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑡𝑎𝑘𝑒𝑛 = 1.7580 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑚𝑎𝑑𝑒 = 250 𝑚𝐿 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 1.7680 × 4 = 7.0320 𝑔 

Titration 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.102 𝑁 𝑁𝑎𝑂𝐻 ≡ 20.15 𝑚𝐿 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
𝑁1𝑉1

𝑉2
= 20 ×

0.102

20.15
= 0.1014 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 =
𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦
=

7.0320

0.1014
= 70.01 

𝐵𝑎𝑠𝑖𝑐𝑖𝑡𝑦 𝑜𝑓 𝑐𝑖𝑡𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 =
𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟𝑤𝑒𝑖𝑔ℎ𝑡

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑤𝑒𝑖𝑔ℎ𝑡
=

210

70.01
= 2.99 ≈ 3 

Result. Eq. Wt. of citric acid is 70 .01 and its basicity is 3. 

4.6.9.1 Notes. 
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The equivalent weight of any other organic acid like succinic acid, oxalic acid tartaric acid, etc. 

can be likewise determined. 

In this experiment, if the basicity of the acid is known its molecular weight can be found. 

Experiment 4.6.10.0: To determine the amount of acetic acid in the given sample of 

commercial vinegar. 

Discussion. Mostly vinegar contains about 5-6 % acetic acid and it is diluted ten times before 
titrating with a standard solution of NaOH, say N/10 using phenolphthalein as indicator. Thus, 

the normality and strength of acetic acid is calculated keeping in view the dilution factor. 

𝐶𝐻3𝐶𝑂𝑂𝐻 + 𝑁𝑎𝑂𝐻 → 𝐶𝐻3𝐶𝑂𝑂𝑁𝑎 + 𝐻2𝑂 

Procedure. 

Prepare N/10 NaOH solution as explained in Expt. 2 as a standard solution. 

Titration: 

Indicator: Phenolphthalein. 

End Point: Pink to colourless 

Take exactly 25 mL of vinegar in a 250 mL measuring flask and make the volume 250 ml by 

adding distilled water. Shake and fill this solution into a clean burette after carefully rinsing it. 
Pipette out 20 mL of N/10 NaOH solution into the titration flask and add 1-2 drops of 

phenolphthalein and titrate it against the diluted vinegar from the burette till the end point (pink 

to colourless). Repeat the process to take three concordant readings and find out the volume of 

diluted vinegar used. 

Observation Table: Volume NaOH in flask=20 mL 

Table 4.16 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of diluted vinegar used 

(mL) 

1. 0 24.60 24.60 mL 

Calculations: 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓
𝑁

10
 𝑁𝑎𝑂𝐻 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛 𝑡ℎ𝑒 𝑡𝑖𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝑓𝑙𝑎𝑠𝑘 = 20.00 𝑚𝐿 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑣𝑖𝑛𝑒𝑔𝑎𝑟 𝑢𝑠𝑒𝑑 = 24.60 𝑚𝐿 

20 𝑚𝐿 𝑜𝑓 0.1𝑁 𝑁𝑎𝑂𝐻 ≡ 24.60 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑣𝑖𝑛𝑒𝑔𝑎𝑟 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

∴  𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑣𝑖𝑛𝑒𝑔𝑎𝑟 =
𝑁1𝑉1

𝑉2
= 20 ×

0.1

24.60
= 0.0813 

𝐷𝑖𝑙𝑢𝑡𝑖𝑜𝑛 𝑓𝑎𝑐𝑡𝑜𝑟 =
250

25
= 10 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑢𝑛𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑜𝑟𝑖𝑔𝑖𝑛𝑎𝑙 𝑣𝑖𝑛𝑒𝑔𝑎𝑟 = 0.0813 × 10 = 0.813 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑 = 60 



 

 

 

78 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑣𝑖𝑛𝑒𝑔𝑎𝑟 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 = 0.813 × 60
= 4.862 𝑔/𝐿 

Experiment 4.6.11.0. To determine the amount of hydroxyl ions in the given antacid tablet. 

Discussion. Antacid tablets recommended in case of acidity generally contain magnesium 

hydroxide, aluminium hydroxide and magnesium aluminium silicate. The amount of hydroxyl 

ions is estimated by preparing its suspension with distilled water and titrating against standard 
solution of hydrochloric acid, say 0.1N using phenolphthalein as indicator. Knowing the amount 

of suspension taken for each titration and the volume of standard HCl consumed during titration 

the strength of hydroxyl ions is calculated. 

𝑀𝑔(𝑂𝐻)2 + 2𝐻𝐶𝑙 → 𝑀𝑔𝐶𝑙2 + 2𝐻2𝑂 

𝐴𝑙(𝑂𝐻)3 + 2𝐻𝐶𝑙 → 𝐴𝑙𝐶𝑙3 + 3𝐻2𝑂 

Indicator: Phenolphthalein. 

End Point: Light pink to colourless 

Procedure. Weigh properly an antacid tablet and make its suspension in 20.0 mL distilled water 

in a titration flask. Add 1-2 drops of phenolphthalein as indicator and colour will appear as light 

pink. Fill the burette after rinsing with 0.1N HCl (prepared as per Expt.no.1). Titrate the 
prepared suspension against 0.1N HCl till the end point (pink to colourless) and note down the 

volume of acid used. Repeat to get three concordant readings and perform calculations to find 

the amount of hydroxyl ions. 

Observation Table: Volume antacid suspension in flask=20 mL 

Table 4.17 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of HCl used (mL) 

1. 0 24.45 24.45 mL 

Calculations: 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑎𝑛𝑡𝑎𝑐𝑖𝑑 𝑡𝑎𝑏𝑙𝑒𝑡 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑝𝑟𝑒𝑝𝑎𝑟𝑖𝑛𝑔 𝑠𝑢𝑠𝑝𝑒𝑛𝑠𝑖𝑜𝑛 = 1.234 𝑔 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑢𝑠𝑝𝑒𝑛𝑠𝑖𝑜𝑛 𝑝𝑟𝑒𝑝𝑎𝑟𝑒𝑑 = 20.00 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.1𝑁 𝐻𝐶𝑙 𝑢𝑠𝑒𝑑(𝑓𝑟𝑜𝑚 𝑏𝑢𝑟𝑒𝑡𝑡𝑒) = 24.45 𝑚𝐿 

24.45 𝑚𝐿 𝑜𝑓 0.1𝑁 𝐻𝐶𝑙 ≡ 20.00 𝑚𝐿 𝑜𝑓 𝑎𝑛𝑡𝑎𝑐𝑖𝑑 𝑡𝑎𝑏𝑙𝑒𝑡 𝑠𝑢𝑠𝑝𝑒𝑛𝑠𝑖𝑜𝑛 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑎𝑛𝑡𝑎𝑐𝑖𝑑 𝑠𝑢𝑠𝑝𝑒𝑛𝑠𝑖𝑜𝑛 =
𝑁1𝑉1

𝑉2
= 24.45 ×

0.1

20.00
= 0.122 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 ℎ𝑦𝑑𝑟𝑜𝑥𝑦𝑙 𝑖𝑜𝑛𝑠 = 17 

𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 ℎ𝑦𝑑𝑟𝑜𝑥𝑦𝑙 𝑖𝑜𝑛𝑠 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞. 𝑤𝑡 = 0.122 × 17 = 2.074 𝑔/𝐿 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑡𝑎𝑏𝑙𝑒𝑡𝑠 𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑 𝑖𝑛 20.00 𝑚𝐿 = 1 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑡𝑎𝑏𝑙𝑒𝑡𝑠 𝑖𝑛 𝑜𝑛𝑒 𝑙𝑖𝑡𝑟𝑒 =
1000

20
= 50 
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𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 ℎ𝑦𝑑𝑟𝑜𝑥𝑦𝑙 𝑖𝑜𝑛𝑠 𝑖𝑛 𝑜𝑛𝑒 𝑎𝑛𝑡𝑎𝑐𝑖𝑑 𝑡𝑎𝑏𝑙𝑒𝑡(1.234 𝑔) =
2.074

50
= 0.0415 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 ℎ𝑦𝑑𝑟𝑜𝑥𝑦𝑙 𝑖𝑜𝑛𝑠 𝑖𝑛 𝑎𝑛𝑡𝑎𝑐𝑖𝑑 𝑡𝑎𝑏𝑙𝑒𝑡 =
0.0415

1.234
× 100 = 3.36 

Result: The percentage of hydroxyl ions in the antacid tablet= 3.36 

4.6.11.1 Note. 

Five antacid tablets after carefully weighing can be suspended in distilled water to make the 
volume exactly 100 mL through a measuring flask so that titrations can be repeated easily to get 

concordant readings. 

Experiment 4.6.12.0. To determine the percentage of free alkali in the soap sample. 

Discussion. Soaps are sodium or potassium salts of higher fatty acids and are obtained by the 

hydrolysis of oils and fats with aqueous alkalis (saponification). Thus, during saponification, 

fraction of unreacted alkali is present in soap which is called free alkali and is estimated by 

dissolving soap in water and then titrating it against standard solution of HCl, say 0.01N (using 

phenolphthalein as indicator). 

𝑁𝑎𝑂𝐻 + 𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 

Procedure: 

Indicator: Phenolphthalein. 

End Point: Light pink to colourless 

Rinse and fill the burette with standard HCl (0.01 N). Weigh exactly 10.00g soap and transfer it 

to a beaker containing 100mL of distilled water. Warm the contents to dissolve the soap and 
transfer this solution along with washings to a 250 mL measuring flask and make the contents 

exactly 250 mL by adding distilled water. Don’t shake the contents to prevent foam formation. 

Pipette out 20.00 mL of soap solution in a titration flask and add 1-2 drops of phenolphthalein 
as indicator to turn it light pink. Titrate it against 0.01N HCl from burette till colourless and 

repeat the process to get three concordant readings. 

Observation Table: Volume soap solution in flask=20 mL 

Table 4.18 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of HCl used (mL) 

1. 0 19.80 19.80 mL 

Calculations: 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑎𝑘𝑒𝑛 𝑓𝑜𝑟 𝑒𝑎𝑐ℎ 𝑡𝑖𝑡𝑟𝑎𝑡𝑖𝑜𝑛 = 20.00 𝑚𝐿 

𝐿𝑒𝑡 𝑡ℎ𝑒 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.01 𝑁 𝐻𝐶𝑙 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 20.00 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 19.80 𝑚𝐿 

19.80 𝑚𝐿 𝑜𝑓 0.01 𝑁 𝐻𝐶𝑙 ≡ 20.00 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 ∶ 𝑁1𝑉1 = 𝑁2𝑉2 

∴  𝑁2 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 (𝑑𝑢𝑒 𝑡𝑜 𝑓𝑟𝑒𝑒 𝑁𝑎𝑂𝐻) =
𝑁1𝑉1

𝑉2
= 19.80 ×

0.01

20.00
= 0.0099 
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𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝑂𝐻 = 40 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑓𝑟𝑒𝑒 𝑁𝑎𝑂𝐻 𝑖𝑛 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁2 × 𝐸𝑞 𝑤𝑡 = 0.0099 × 40 = 0.396 𝑔/𝐿 

𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑓𝑟𝑒𝑒 𝑁𝑎𝑂𝐻 𝑖𝑛 250 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.396 ×
250

1000
= 0.099 𝑔 

10 𝑔 𝑠𝑜𝑎𝑝 𝑤𝑎𝑠 𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑 𝑡𝑜 𝑚𝑎𝑘𝑒 250 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

𝑆𝑜 10 𝑔 𝑠𝑜𝑎𝑝 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 𝑓𝑟𝑒𝑒 𝑎𝑙𝑘𝑎𝑙𝑖 = 0.099 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑓𝑟𝑒𝑒 𝑎𝑙𝑘𝑎𝑙𝑖 𝑖𝑛 𝑠𝑜𝑎𝑝 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
0.099

10
× 100 = 0.99% 

4.6.12.1 Notes. 

Free alkali content in case of detergent powder can be calculated on similar lines. 

Total alkali content of soap can be determined by treating aqueous solution of soap with nitric 

acid to decompose it into fatty acid and free alkali. The total amount of free alkali produced is 

determine by titrating the aqueous solution containing unreacted HNO3 against standard 

solution of NaOH using methyl orange as indicator. 

4.7.0.0 Exercises 

4.7.1.0 Given roughly ‘decinormal’ sodium hydroxide solution, prepare 250 mL of 0.1N 

hydrochloric acid from the bench dilute hydrochloric acid (about 4N). 

4.7.2.0 Determine the strength in grams per litre of the given commercial sulphuric acid (sp. gr. 

1.84) which is approximately 98%. 

4.7.3.0 Determine volumetrically the percentage composition of a mixture of potassium chloride 

and potassium carbonate, 8.0 g of which have been dissolved in one litre of the solution ‘I’.  

4.7.4.0 Determine the actual strength of the given sample of glacial acetic acid. Given 

approximately 0.1N NaOH. [Hint: Prepare standard succinic acid and standardise the given 
alkali with it. Dilute a known weight (about 2 g) of glacial acetic acid to 250 mL and titrate it 

with the NaOH solution.] 

4.7.5.0 Ascertain the exact amount of acetic acid present in 100 mL of the given sample of 

‘Vinegar’. Ask for what you want. 

4.7.6.0 Find the percentage purity of the given sample of ‘Pearl Ash’ (commercial K2CO3) 

Given 0.1N HCI. 

4.7.7.0 The given solution contains 6 g per litre of a mixture of K2CO3and Na2CO3. Determine 

the percentage composition of the mixture by a volumetric method. 

4.7.8.0 Determine the percentage composition of a mixture of KOH and NaOH, 5g of which is 

dissolved per litre of the given solution. 

4.7.9.0 Determine the composition of the mixture of KOH and Na2CO3 supplied in solution. 

4.7.10.0 The given solution contains a mixture of K2CO3and NaHCO3. Determine 

volumetrically the amount per cent of each constituent in the mixture 

4.7.11.0 Determine the amounts of sodium carbonate and sodium bicarbonate dissolved in one 

litre of the solution C. Given N/10 HCI. 

4.7.12.0 Analyze volumetrically the given sample of ‘dolomite’ (CaCO3+MgCO3). 
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[Hint: Treat about one-gram of the sample with 50 mL of 1N HCl and back titrate the residual 

acid with a standard NaOH. Suppose the wt. of one of the constituents to be x and calculate the 

percentage of each constituent.] 

4.7.13.0 The given sample of chalk (CaCO3) Contains some slaked lime Ca (OH)2. Determine 

the composition of the chalk by a volumetric method. 

4.7.14.0 Determine the molecular weight of tartaric acid which is dibasic. 

4.7.15.0 The given solution is prepared by dissolving 4.0 g of a diacid base. Find its molecular 

weight. Provided 0.112N HCl. 

4.8.0.0 Model Problems 

4.8.1.0 20 mL of a roughly decinormal solution of NaOH was neutralised by 22.48 mL of 

0:104N HCI. How much volume of this solution is required for obtaining 250 mL of exactly 

0.1N NaOH? (Ans. 213.2 mL) 

4.8.2.0 235 mL of conc. hydrochloric acid was diluted to 250 m L. 20 mL of 0.096N NaOH 

solution was neutralized by 22.02 mL of the diluted acid. Find the exact normality and strength 

in grams per litre of the conc. acid. (Ans. 9.274N; 338.7 g/litre) 

4.8.3.0 1.3356 g of conc. sulphuric acid on dilution to 250 mL was titrated with 0.1N NaOH. 20 
mL of the alkali required 19.75 mL of the acid. What is the percentage by weight of pure H2SO4 

in the concentrated acid? (Ans. 92 83) 

4.8.4.0 2.006 g of glacial acetic acid was diluted to 250 mL and titrated with 0.11N NaOH.  20 
mL of the alkali consumed 18.65 mL acid. Find the strength of glacial acetic acid. (Ans. 

88.23%) 

4.8.5.0 20 mL of vinegar was diluted to 250 mL. 24.45 mL of this diluted solution neutralized 
20 mL of 0.09N NaOH solution. Calculate the amount of acetic acid present in 100 mL of the 

vinegar. (Ans. 5.52 g) 

4.8.6.0 1.9240 g of ‘Pearl Ash’ was dissolved in water and the solution made to 250 mL. 20 mL 

of this solution consumed 18.48 mL of 0.11N H2SO4 for titration up to the end point of methyl 

orange. Find the percentage of pure K2CO3in the pearl ash. (Ans. 91.08) 

4.8.7.0 20 mL of a solution containing 6 g per litre of a mixture of Na2CO3 and K2CO3 needed 

for complete neutralization 20.5 mL of 0.102N HCI. Calculate the percentage composition of 

the mixture. (Ans. Na2CO3 67.04, K2CO3 32.90) 

4.8.8.0 5 g of a mixture of NaOH and KOH are contained in one litre of the given solution. 20 

mL of this solution required 21.50 mL of 0.095N HCI for complete neutralization. Find the 

percentage composition of the mixture. (Ans. NaOH 40.65, KOH 59.35) 

4.8.9.0 20 mL of the given solution containing a mixture of KOH and Na2CO3on titration with 

0.1N HCI using methyl orange as indicator consumed 22.25 mL of the acid, when titrated using 

phenolphthalein as indicator 20 mL of the alkali needed 14.82 mL acid. Calculate the 

percentage composition of the mixture. (Ans. Na2CO3 66.79, KOH 33.21) 

4.8.10.0 20 mL of the given solution containing a mixture of K2CO3 and KHCO3 was 

neutralized with 21.96 mL of 0.108 N HCl, when methyl orange was used as indicator. But 
when phenolphthalein was used, 20 mL of the alkali solution consumed 8.48 mL of acid. Find 

the percentage composition of the mixture. (Ans. K2CO3 70.06, KHCO329.94) 
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4.8.11.0 1.2889 g of a sample of dolomite (CaCO3+MgCO3) was dissolved in 50 mL of IN 

H2SO4 and the solution was diluted to 250 m L. 20 m L of 0.0902N NaOH consumed 20.5 mL 
of the residual diluted acid for compete neutralization. Calculate the percentage of each 

constituent in the mineral. (Ans. CaCO3, 55. 36, MgCO3, 44.64) 

4.8.12.0 1.1450 g of chalk containing Ca (OH)2 as impurity was treated with 50 mL of 1N HCl 

and the solution made to 250 mL. 19.48 mL of the residual diluted acid was required for 
complete neutralization of 20 mL of 0.09N NaOH. Determine the percentage of each constituent 

in the chalk. (Ans. CaCO3 89.8, Ca (OH)2 10.2) 

4.8.13.0 1.7850 g of a dibasic organic acid was dissolved in water and the solution was diluted 
to 250 mL. On titration with 0.106N NaOH, 20 mL of the alkali used up 22.07 mL of the acid 

solution. Determine equivalent weight and molecular weight of the organic acid. (Ans. Eq. Wt. 

74.35, Mol. Wt. 148.70) 

4.8.14.0 20 mL of the given solution containing 4 g per litre of a diacid base was neutralized 

with 19.16 mL of 0.112N HCI. Find the molecular weight of the base. (Ans. 74.61) 

4.9.0.0. Additional notes 

4.9.1.0 Potentiometric titration between strong acid and strong base 

Discussion: Potentiometric titration is a method in which the potential between the two 

electrodes (Indicator and reference electrode) is measured as a function of the added reagent 

volume. 

ECELL = E INDICATOR – E REFERENCE 

In acid base titration the reference electrode is saturated calomel electrode (SCE) and indicator 

electrode is a quinhydrone electrode. During the titration the potential of the indicator half-cell 
changes and the potential of the reference half-cell remains constant. The indicator electrode is 

also called the working electrode as it responds to the change in concentration of the analyte 

solution. 

In the above cell in acidic the medium oxidation takes place on the calomel electrode and 

reduction takes place at the quinhydrone electrode. 

ECELL= EQUINHYDRONE- E CALOMEL 

The potential value of calomel electrode is known and is 0.2422 V. For a quinhydrone electrode 

the potential is given by: 

EQUINHYDRONE = E0 
QUINHYDRONE + 

2.303𝑅𝑇

𝐹
 𝑙𝑜𝑔𝐻+ 

EQUINHYDRONE= E0
QUINHYDRONE – 

2.303𝑅𝑇

𝐹
 𝑝𝐻 

EQUINHYDRONE= E0
QUINHYDRONE

 – 0.0591 𝑝𝐻 

E0
QUINHYDRONE

 = 0.6998 

EQUINHYDRONE= 0.6998 − 0.0591𝑝𝐻 

ECALOMEL =0.2422 V 

ECELL = 0.6998 − 0.0591𝑝𝐻 − 0.2422 

ECELL = 0.4576 − 0.0591𝑝𝐻 

∴ 𝑝𝐻 = 0.4576 − 𝐸𝐶𝐸𝐿𝐿 ÷ 0.0591 
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Note: The above cell in alkaline medium has a set up in which reduction occurs on calomel 

electrode and oxidation on the quinhydrone electrode. 

ECELL = ECALOMEL – EQUINHYDRONE 

Substituting the values of ECALOMEL and EQUINHYDRONE   from above: 

ECELL = 0.2422 – 0.6998 – 0.0591 p H 

∴ 𝑝𝐻 = 0.4576 + 𝐸𝐶𝐸𝐿𝐿 ÷ 0.0591 

Requirement: Given HCl solution 

1N NaOH solution 

Pinch of Quinhydrone 

Potentiometer 

Platinum electrode (Indicator electrode) 

Calomel electrode (Reference electrode) 

Procedure: Take 25 mL HCl solution in a beaker and add a pinch of quinhydrone to it. Calibrate 

the instrument by pressing the OUT button and then IN button. Connect the Platinum electrode 

to positive and SCE to the negative terminal of the instrument.  Dip The platinum and calomel 

electrodes in the beaker. Sir the beaker for a while to saturate the solution with the quinhydrone. 
Fill the burette with 1N NaOH solution and place it above the beaker. Note the initial reading of 

the potentiometer. Let it be 0. 378.Record the reading in the observation table. Now add 0.5 mL 

of NaOH to the beaker and stir the beaker and note the reading in the potentiometer. Let it be 
0.372. The emf given by the potentiometer goes on decreasing with each addition of NaOH. 

Continue adding the NaOH solution till a slight jump in the emf value is noted. This point 

shows roughly the end point. Let it be between 3.0 m L and 3.5 m L of NaOH. 

Stop the titration at this point and wash the electrodes with distilled water. Take fresh HCl in the 
beaker and repeat the above procedure but after 3.0 m L add NaOH in still smaller lots ;0.1 m L 

each time and note the emf from the potentiometer. Continue this process even after the rough 

end point has been reached till 4-5 readings are obtained beyond that point. 

Observation and calculation: 

Sr. 

No 

Volume of 

titrant 

(V mL) 

ECELL ∆E 

E2-E1 

∆V 

V2-V1 

∆E/∆V ∆E2/∆V2 𝑝𝐻 
0.4576-

ECELL/0.0591 

1. 0 0.378 - 0.5 - -  

2. 0.5 0.300 0.008 0.5 0.008/0.5  0.4576-

0.300/0.0591= 

2.6 

Graphical methods of Determination of End Point in Potentiometric titration of strong acid and 

strong base 

A graph is plotted using ECELL   on the Y axis and volume of titrant (NaOH) on the X axis. The 
end point is indicated by maximum slope in the graph. To get more accurate volume of the 

titrant at the end point first derivative graph can also be drawn by using ∆E/∆V on the Y axis 

and volume of the titrant on the X axis. A sharp peak is obtained at the end point and volume of 

the titrant corresponding to this peak is the accurate volume of NaOH. Similarly, second 
derivative graph can also be plotted between ∆E2/∆V2   on the Y axis and volume of titrant on 
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the X axis. All these graphs can also be plotted between p H and volume of the titrant to get the 

end point. 

                                             

        Normal graph                               1stDerivative                   2nd Derivative 

Normal graph: The graph of ECELL   vs Volume of the titrant is always a sigmoid curve and end 

point can be determined by bisecting the straight portion of the curve. However, if the curve is 

not symmetrical it becomes difficult to locate the end point. 

1st Derivative: Plot of ∆E/∆V vs Volume of the titrant shows an ascending and a descending 

portion. These two portions on extrapolation intersect at a maximum value of ∆E/∆V and this is 

the end point. 

2nd Derivative: The third plot between ∆E2/∆V2    vs Volume of the titrant is the most accurate 

way. The point at which the first derivative ∆E/∆V is maximum; at the same point second 

derivative ∆E2/∆V2 is zero. The maximum positive value of   ∆E2/∆V2 is joined with maximum 
negative value of ∆E2/∆V2 and the point where ∆E2/∆V2 = 0 gives the exact equivalence point 

and volume can be recorded from the graph. 

Calculations: The calculations can be done in the same manner as in the volumetric analysis by 

using Normality equation. 

Advantages of Potentiometric titration: 

All categories of acid base titrations can be carried out potentiometrically. 

Acid base titrations in non-aqueous medium can also be carried out. 

The end point is determined from the graph and is closer to the equivalence point. 

Error due to erroneous observation of colour change by indicator is avoided in this 

electroanalytical technique. 

Disadvantages of Potentiometric titrations: 

The method is time consuming. 

It requires a large number of observations. 

There are chances of instrumental error if it is not calibrated properly. 

Applications of Potentiometric titrations: 

To determine alkalinity and carbonate content in sea water. 

To determine acetic acid content in commercial vinegar. 

To determine carbon dioxide content in natural water 

4.10.0.0. Viva questions 

1 What is acidimetry and alkalimetry? 
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Alkalimetry is a type of titration in which the strength of an alkali is determined by neutralizing 

it with an acid of known strength in presence of an indicator. Acidimetry is a type of titration in 
which the strength of an acid solution is determined using an alkaline solution of known 

concentration and a suitable indicator. 

2 What is neutralization? 

When an acid and alkali react quantitatively with each other it is called neutralization reaction. 

𝐻𝐶𝑙 + 𝑁𝑎𝑂𝐻 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 

3 How does pH of a solution affect the acid base indicators? 

Acid base indicators are mostly organic molecules that change their structure with the change in 
pH of the solution in which they are added. With the change in structure of the indicators, the 

colour of the indicator also changes because now they absorb light at different wavelengths. 

4 What is a Universal indicator? 

Universal indicator contains mixture of indictors like phenolphthalein, methyl red and 

bromomethyl blue. It has a wide pH range and gives specific colour corresponding to different 

pH ranges. 

5 Name some common acid base indicators? 

Phenolphthalein, methyl orange, bromomethyl blue, methyl red 

6 Who discovered phenolphthalein and in which pH range it shows pink colour? 

German Chemist Adolf Von Bayer discovered phenolphthalein and it shows pink colour in the 

alkaline medium with pH range 8.2-10. 

7 Is litmus paper an indicator? 

Yes, litmus paper is an indicator which indicates whether the solution is acidic or basic.  A red 

litmus paper turns blue in basic solution and a blue litmus paper turns red in acidic solution. A 

neutral litmus paper is purple in colour. 

8 What is the pH range of methyl orange indicator? What type of titrations are carried out best 

using this indicator? 

The pH range of methyl orange indicator is 3-4.4. It is best used as an indicator for titration 

between weak acid and strong base. 

9 Why methyl orange is not a good indicator for titration between HCl and NaOH? 

HCl is a strong acid and NaOH is a strong base. The complete neutralization reaction occurs at 

pH 7.0. Methyl orange would not be appropriate for this titration because it shows colour 

change between pH 3-4.5 in an aqueous solution. 

10 Why is the titration of sodium carbonate and HCl solutions not complete with only one 

indicator? 

The above titration is completed in two steps: 

Step 1: 𝑁𝑎2𝐶𝑂3 +  𝐻𝐶𝑙 → 𝑁𝑎𝐻𝐶𝑂3 + 𝑁𝑎𝐶𝑙 

Step2:𝑁𝑎𝐻𝐶𝑂3 +  𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐻2𝑂 + 𝐶𝑂2 

The end point of first reaction (step 1) is alkaline because NaHCO3 is a salt of strong base and 

weak acid. So, phenolphthalein which has a pH range 8.3-10 is suitable indicator. 
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For step 2 the end point is slightly acidic due to formation of CO2, therefore methyl orange is the 

suitable indicator as it has the pH range 3 - 4.1. 

11 What is the method for preparing phenolphthalein solution to be used as an indicator? 

Phenolphthalein is an organic compound, so does not dissolve in water directly. The 

phenolphthalein powder (0.5 g) is first dissolved in 50 ml of ethanol and then volume can be 

made to 100ml by adding distilled water. 

12 Why only few drops of phenolphthalein are added in titrations? 

Phenolphthalein is used as an indicator in acid base titrations. It is itself a weak organic acid and 

has a pH range in which it shows colour change. If too much of phenolphthalein is added then it 

can alter the pH of the reaction and exact end point won’t be indicated by it.  

13 What is an acid base titration curve? 

In an acid base titration when a base from burette is added in small lots to the acid in the flask 
and pH of the solution in flask is noted with the help of pH meter after addition of each ml of 

the base, then a graph can be plotted between the pH values and the volume of base added pH is 

taken on the vertical line (Y axis) and volume of base is taken along the X axis. The curve 

obtained in this way is called acid base titration curve. [Figure 4.1 (b),4.2(b),4.3(b),4.4(b)] 

Alternately acid may be added from the burette to the base in small lots and pH of the solution 

in the titration flask can be noted with the help of pH meter after addition of each ml of acid of 

acid. A graph is then plotted between pH of the solution and volume of the acid added. Figure 

[4.1(a),4.2(a).4.3(a),4.4(a)] 

14 What is the relation between the vertical part of the titration curve and the choice of indicator 

for that titration? 

The vertical point of the graph shows the equivalence point. At this point the reactants and 

products are present in equivalent amounts in the reaction vessel. The vertical part helps to find 

appropriate indicator for the titration. An indicator which changes colour in the pH range of 

vertical region of the graph is suitable indicators for that titration. 

15 What are four types of possible acid base titrations for which different titration curves are 

obtained? 

The four types of acid base titrations are: 

Strong acid, strong base. 

Strong acid, weak base. 

Weak acid, strong base. 

Weak acid, weak base. 

16 Why a large number of indicators are suitable for strong acid- strong base titration but few 

indicators are suitable for weak acid- strong base titration? 

In strong acid- strong base titration the titration curve has a long vertical region which 
corresponds to large range of pH. So, a number of indicators are available which show colour 

change in that pH range. [Figure 4.1(b)] In case of weak acid strong base, the vertical part of the 

titration curve is small, so only a small number of indicators are available which can show 

colour change in that pH range. [Figure 4.3(b)] 
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Figure 4.3(b) Figure 4.1(b) 

17 What are indicator dropper bottles? 

A bottle made of glass and containing indicator solution from which indicator can be added 

dropwise. 

18. For a strong acid strong base titration, why does the pH change slowly at first and then 

increases rapidly near the equivalence point in the titration curve? 

The pH scale is a logarithmic scale which means that a pH of 1 will have ten times the 
hydronium ion concentration than a pH of 2. Thus, as the hydronium ion is initially removed, it 

takes a lot of bases to change its concentration by a factor of 10 but as   more and more of 

hydronium ion is removed, less base is required to change its concentration by a factor of 10. 
Near the equivalence point, a change of factor of 10 occurs quickly, so the pH increases rapidly. 

After the equivalence point hydronium ion becomes very low, it will again take a lot of bases to 

increase the hydroxide ion concentration by 10-fold to change the pH significantly. 

Q19 What is the pH value at equivalence point in case of strong acid- strong base titration? Is 

the value of pH at equivalence point for weak acid-strong base and strong acid weak base same? 

In case of strong acid strong base titration, the pH value at equivalence point is 7. For weak 

acid-strong base titration the pH at equivalence point is not the same. It is greater than 7. For 

strong acid –weak base titration the pH at equivalence point is less than 7. 

Q20 How can we prepare 1000ml of N/10 HCl from commercial HCl having normality 11.79N 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝐻𝐶𝑙) = 𝑁2𝑉2(𝐶𝑜𝑚𝑚𝑒𝑟𝑐𝑖𝑎𝑙 𝑠𝑎𝑚𝑝𝑙𝑒) 

𝑁1 = 0.1 , 𝑉1 = 1000𝑚𝐿 ; 𝑁2 = 11.5, 𝑉2 = 𝑥 𝑚𝐿 

0.1 × 1000 = 11.5 × 𝑥 

0.1 ×
1000

11.5
= 𝑥 

𝑥 = 8.48 𝑚𝐿 

So, by taking 8.48 ml of commercial sample of the acid and adding it to 50 ml distilled water 

and finally making the volume 1000ml; the required 0.1 N HCl can be prepared. 

21. Why is HCl not a primary standard? 

HCl which is commercially available in concentrated form cannot be used as a primary standard 

because the concentration of the acid is not accurately known   and part of HCl in an aqueous 

solution also tends to evaporate in time. 

22. Why normality of commercial HCl used in laboratory is 11.5 N? 

𝐴𝑠 𝑤𝑒 𝑘𝑛𝑜𝑤 𝑡ℎ𝑎𝑡 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 = 36.5 

𝐷𝑒𝑛𝑠𝑖𝑡𝑦 𝑜𝑓 𝐻𝐶𝑙 = 1.18 , 𝑝𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝐻𝐶𝑙 = 35.5% 

1000 𝑚𝐿 𝑜𝑓 𝐻𝐶𝑙  𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 = 1.18 × 1000 = 1180 𝑔 𝑜𝑓 𝐻𝐶𝑙 

𝑆𝑜 𝑎𝑐𝑡𝑢𝑎𝑙 𝑎𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝐻𝐶𝑙 𝑖𝑓 𝑝𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑖𝑠 𝑜𝑛𝑙𝑦 35.5% 𝑤𝑖𝑙𝑙 𝑏𝑒 



 

 

 

88 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

1180 ×
35.5

100
= 418.5 𝑔/𝐿 

∴ 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐻𝐶𝑙 =
418.9

36.5
= 11.5𝑁 

23.   What is acidity of a base and basicity of an acid? 

The number of replaceable hydroxyl ions present in a base is called its acidity and the number 

of replaceable hydronium ions present in an acid is called its basicity. 

 

24. What is equivalent weight of sulphuric acid? 

Sulphuric acid has molecular weight of 98 and supplies two moles of hydrogen ions per mole of 

sulphuric acid, so its equivalent weight is 49. 

𝐻2𝑆𝑂4 → 2𝐻+ + 𝑆𝑂4
2− 

98𝑔 𝑚𝑜𝑙−1  ÷ 2𝑒𝑞𝑚𝑜𝑙−1  = 49𝑔 𝑒𝑞−1    

25.  Why is equivalent weight of HCl same as its molecular mass? 

Equivalent weight of an acid is the mass of acid required to generate one mole of hydrogen ion 

in aqueous solution. HCl has only one ionizable hydrogen, so its equivalent weight is same as 

its molar mass 36.5. 

𝐻𝐶𝑙 → 𝐻+ + 𝐶𝑙− 

26.Hydrated sodium carbonates cannot be used as a primary standard but anhydrous sodium 

carbonate can be used as a primary standard. Comment. 

Hydrated sodium carbonate can undergo efflorescence i.e., loss of water and its molar mass can 

change, so it cannot be used as a primary standard. Anhydrous sodium carbonate is obtained 

commercially in high purity and has high stability. So, it can be used as a primary standard. 

27. If few drops of water are left in the burette due to improper rinsing and a base taken in the 

burette is used to analyze the concentration of an acid, how will it affect the results? 

A small amount of water left in the burette will give erroneous results because it will dilute the 
base and more base solution will be required to neutralize the acid, making it appear that the 

acid has larger concentration than it actually has. 

28. Why the aqueous solution of sodium carbonate is alkaline in nature? 

Sodium carbonate when dissolved in water forms weak carbonic acid and strong base sodium 

hydroxide. So, it is alkaline in nature. 

𝑁𝑎2𝐶𝑂3 + 2𝐻2𝑂 → 𝐻2𝐶𝑂3 + 2𝑁𝑎𝑂𝐻 

29. What is chemical formula of chalk? Why back titration is preferred over direct titration for 

determining percentage of calcium in chalk? 

Chalk is Calcium carbonate CaCO3. The percentage of calcium in chalk is determined by back 

titration and not by direct titration because the sample CaCO3 does not dissolve in water. 

30. Is Calcium carbonate a primary standard? 

Calcium carbonate is a primary standard as it has a relatively high molecular mass, is stable in 

air and water, and does not absorb water from the air and has a high level of purity. 
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31. What type of titration is commercial vinegar and sodium hydroxide? Which indicator is used 

in this titration? 

It is a weak acid strong base titration and the indicator used is phenolphthalein. 

32. How is an antacid tablet analyzed volumetrically for the number of moles of acid neutralized 

by it. Is the titration direct or back titration? 

An antacid tablet neutralizes the excess stomach acid and contains hydroxides, carbonates and 
bicarbonates. The analytical procedure used to determine the moles of acid neutralized by the 

tablet is called back titration. For this an antacid tablet is dissolved in a known excess amount of 

acid. The resulting solution will be acidic because the antacid tablet has not completely 
neutralized the acid. The solution is then titrated with base of known concentration (mostly 

NaOH) to determine the amount of acid not neutralized by the tablet. Now the number of moles 

of acid neutralized by the tablet is calculated by subtracting the number of moles of acid 

neutralized in titration from the number of moles of acid in the initial solution. 

33. What type of reaction takes place when an antacid tablet is orally taken? 

Neutralization reaction takes place when an antacid tablet is taken orally. Normally an antacid 

tablet contains Mg (OH)2 ,Al(OH)3  and NaHCO3  .The  excess acid is neutralized stomach acid 

is HCl. 

𝑀𝑔(𝑂𝐻)2 + 2𝐻𝐶𝑙 → 2𝐻2𝑂 + 𝑀𝑔𝐶𝑙2 

𝑁𝑎𝐻𝐶𝑂3 +  𝐻𝐶𝑙 → 𝑁𝑎𝐶𝑙 + 𝐶𝑂2 + 𝐻2𝑂 

34.Which indicator is best for quantitative estimation of acetic acid in vinegar and why? 

The quantitative estimation of acetic acid in vinegar is carried out by titrating it with NaOH and 

the pH of the mixture at the equivalence point is 8.7. So, phenolphthalein which shows a colour 

change in the pH range 8.2-10 is a suitable indicator for this titration 

35. Why colour indicators are not suitable to detect the end point in case of weak acid -weak 

base titration? 

Weak acid weak base reaction is a very slow reaction, so no indicator shows colour change at 
the equivalence point. For an indicator to show colour change there should be sharp fast change 

in pH at the equivalence point. So mostly these types of titrations are not carried out 

volumetrically but by other techniques con 

36. Which method is available to determine the equivalence point of weak acid and weak base? 

The equivalence point of reaction between weak acid and weak base is determined by 

conductometric titrations in which the conductance is recorded and the graph plotted between 

the conductance values and the volume of titrant added gives the correct equivalence point. The 
chances of error are minimized and no indicator is required to detect the end point of the 

titration. 

38. How does titration curve helps us to know the type of titration? 

Find the pH of the titration curve at the initial point and at the final point. In general, the pH 

range and strength of acid and base are related as given in Table 4.19 

Table 4.19 

pH range Strength of acid/base 
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1-3 Strong Acid 

4-6 Weak acid 

7 Neutral 

8-10 Weak base 

11-14 Strong base 

 

Figure 4.1(b) 

In this figure 4.1(b) initial point is around pH 1 and final point around pH 12 so, according to 

above table it is a strong acid strong base titration. 

39. Write the name of indicator which can be used in place of phenolphthalein in an acid base 

titration? 

Thymol blue which shows colour change in the pH range 8.0-9.6 can be used in place of 

phenolphthalein which has a pH range 8.2 -10 

40 What safety measures should be taken in acid base titrations? 

The acid should preferably be taken in the burette. 

Always add acid to water and not water to acid. 

There should not be any leakage or spill from the burette. 

Burette should be properly washed and dried, otherwise it can lead to systematic errors. 

The meniscus(lower) in the burette should be accurately read, otherwise a random error can 

occur. 

It’s impossible to figure out the strength of acid or base by simply looking at it, so in acid base 

titrations, utmost safety is required while handling the reagents. 

 

 

“We think there is colour, we think there is sweet, we think there is bitter, but in reality, there 

are atoms and a void.”   Democritus, c. 460 – c. 370 BC 

 

 October 23 is celebrated as Mole Day between 6:02 AM to 6:02 PM to remember Avogadro 

number (6.02× 1023). 
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& DICHROMETRY) 
  



 

 

 

92 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

5.1.0.0. Introduction & Potassium permanganate titrations 

Redox titrations include all those titrations where one reactant is oxidized and the other is 
reduced. The reagent which is oxidized undergoes loss of electrons and attains higher valency 

state. This reagent is called reducing agent or reductant. The reagent which is reduced, gains 

electrons and attains lower valency state is called oxidizing agent or oxidant. In redox titrations 

there is transfer of electrons from the reductant to the oxidant which is used for quantitative 
analysis. One equivalent in these titrations refers to one mole of electrons either given by the 

reducing agent (reductant) or gained by oxidizing agent (oxidant). At the end point of redox 

reaction, the number of equivalents of oxidizing agent are equal to number of equivalents of 
reducing agent. Oxidation and reduction are complementary processes and anyone of them 

cannot take place in the absence of other. The commonly employed reducing agents in these 

titrations are oxalic acid, ferrous sulphate, Mohr’s salt (ferrous ammonium sulphate) and sodium 
oxalate. The common oxidizing agents employed are potassium permanganate, potassium 

dichromate, iodine and ceric sulphate. On the basis of these oxidizing agents there are four 

common methods of carrying out the redox reaction analysis. 

Permanganatometry (potassium permanganate, KMnO4 as oxidizing agent) 

Dichrometry (potassium dichromate, K2Cr2O7 as the oxidizing agent) 

Iodimetry and iodometry (iodine as oxidizing agent) 

Cerimetry (ceric sulphate/ceric ammonium sulphate as oxidizing agent) 

In this chapter the first two types will be discussed in detail. 

Potassium permanganate titrations 

5.1.1.0 Basic concepts in Permanganatometry: Permanganatometry is a redox titration that 
that involves the use of potassium permanganate as the titrant to determine the amount of 

analyte present in a given unknown sample. In this method potassium permanganate is the 

oxidizing agent. The reducing agent can be oxalic acid, ferrous sulphate or Mohr’s salt. Since 

potassium permanganate is not a primary standard, the titrations are mostly double titrations. In 
first titration potassium permanganate is standardized with sodium oxalate and in the second 

titration the unknown sample is titrated with standardized potassium permanganate. 

5.1.2.0. Electrochemical reaction: Most of the permanganate titrations are carried out in an 
acidic medium as potassium permanganate acts as a strong oxidizing agent in acidic medium 

and this oxidizing ability of KMnO4 decreases in basic medium. 

𝐾𝑀𝑛𝑂4 ⇄  𝐾+ +  𝑀𝑛𝑂4
− 

𝑆𝑡𝑟𝑜𝑛𝑔 𝑎𝑐𝑖𝑑𝑖𝑐 𝑚𝑒𝑑𝑖𝑢𝑚: 𝑀𝑛𝑂4
− + 8𝐻+ + 5𝑒− ⇄ 𝑀𝑛2+ + 4𝐻2𝑂 ; 𝐸0 = +1.51𝑉 

𝑆𝑡𝑟𝑜𝑛𝑔𝑙𝑦 𝐵𝑎𝑠𝑖𝑐 𝑚𝑒𝑑𝑖𝑢𝑚: 𝑀𝑛𝑂4
− + 1𝑒− ⇆ 𝑀𝑛𝑂4

2−; 𝐸0 = +0.56𝑉 

𝑁𝑒𝑢𝑡𝑟𝑎𝑙 𝑚𝑒𝑑𝑖𝑢𝑚: 𝑀𝑛𝑂4
− + 4𝐻+ + 3𝑒− ⇆ 𝑀𝑛𝑂2 + 2𝐻2𝑂 

The high reduction potential value of potassium permanganate in acidic medium (E0=+1.51V) 
clearly shows that it can act as good oxidizing agent in acidic medium. In the following reaction 

ferrous ions (Mohr’s salt) are being oxidized by potassium permanganate in acidic medium, 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5[𝑂] 

2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4. 6𝐻2𝑂 + 𝐻2𝑆𝑂4 + [𝑂] → 𝐹𝑒2(𝑆𝑂4)3 + 2(𝑁𝐻4)2𝑆𝑂4 + 13𝐻2𝑂 
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5.1.3.0 Preparation of solution of KMnO4: Potassium permanganate is unstable in basic and 

acidic medium. So, it is prepared in distilled water. If impurities present in distilled water act as 

reducing agent; then, these impurities will reduce it to 𝑀𝑛𝑂2.If solution is prepared in acidic 

medium, then 𝑀𝑛2+ ion will be formed which will react with 𝑀𝑛𝑂4
− ion and form 𝑀𝑛𝑂2 which 

will make the solution unstable. We can say that KMnO4 is unstable in presence of Mn2+ ions 

due to following reaction: 

2𝑀𝑛𝑂4
− + 3𝑀𝑛2+ + 2𝐻2𝑂 ⇄ 5𝑀𝑛𝑂2 + 4𝐻+

 

To prevent this degradation, potassium permanganate is dissolved in pure distilled water, then 

boiled for 20-30 minutes, cooled at room temperature and filtered. This process helps to remove 

any kind of impurities. 

5.1.4.0. Potassium permanganate as self-Indicator:  In this method potassium permanganate 

acts as self-indicator. Potassium permanganate exhibits different colours in oxidized and 

reduced forms as is required by a redox indicator. A single drop of KMnO4 gives a visible sharp 
pink colour even in the presence of coloured ions. The Manganese ion shows variable valency 

and whenever its valency changes, the colour changes. Potassium permanganate (taken in 

burette) has a deep purple colour due to permanganate ion (𝑀𝑛𝑂4
−). When it oxidizes an ion 

like Fe2+ (taken in flask), Fe2+slowly changes to Fe3+ ion and throughout this process purple 

permanganate ion (𝑀𝑛𝑂4
−) is being used up in the flask. 

𝐹𝑒2+ → 𝐹𝑒3+(𝑜𝑥𝑖𝑑𝑎𝑡𝑖𝑜𝑛) 

𝑀𝑛𝑂4
−(𝑀𝑛 = +7 ) → 𝑀𝑛2+(𝑅𝑒𝑑𝑢𝑐𝑡𝑖𝑜𝑛) 

𝑀𝑛(+7)𝑃𝑢𝑟𝑝𝑙𝑒 𝑐ℎ𝑎𝑛𝑔𝑒𝑠 𝑡𝑜 𝑀𝑛(+2)𝑐𝑜𝑙𝑜𝑟𝑙𝑒𝑠𝑠 

At the end of reaction when all Fe2+ has been oxidized to Fe3+ and MnO4
-(purple) has been 

reduced to Mn2+(colourless), a single drop of KMnO4(MnO4
-) will stain the colourless solution 

to light pink colour and this will indicate the end point. So KMnO4 acts as self-indicator because 
the chemical (KMnO4) that is actually carrying out titration as oxidizing agent, is also causing 

the colour change. 

5𝐹𝑒2+ + 𝑀𝑛𝑂4
− + 8𝐻+ → 5𝐹𝑒3+ + 𝑀𝑛2+ + 4𝐻2𝑂 

5.1.5.0 Equivalent weight: There are many methods to determine the equivalent weights of 

oxidizing and reducing agents in potassium permanganate titrations but here we will take up the 

simplest oxidation number method for determining the equivalent weight of various oxidants 

and reductants used in KMnO4 titrations. Example 

Equivalent weight of potassium permanganate (KMnO4) in acidic medium: The reduction of 

KMnO4 in acidic medium causes oxidation state of Mn to change from +7 to +2. 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5(𝑂) 

Mn in KMnO4   has oxidation state +7 and in MnSO4 has oxidation state +2. 

It means there is a gain of five electrons in this reduction process. Therefore 

Equivalent weight of KMnO4   = Molecular weight /5 =   158/5 = 31.6 

Equivalent weight of KMnO4 in acidic medium =31.6 

Equivalent weight of ferrous sulphate (FeSO4 ) : The oxidation of Ferrous sulphate by acidified 

Potassium permanganate can be represented as follows and it involves loss of only one electron 

per ferrous ion as Oxidation state changes from +2 in ferrous sulphate to +3 in ferric sulphate. 
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2𝐹𝑒𝑆𝑂4 + 𝐻2𝑆𝑂4 + 𝑂 → 𝐹𝑒2(𝑆𝑂4)3 + 𝐻2𝑂 

Fe in FeSO4 has +2 Oxidation state and in Fe2(SO4)3, Fe has +3 oxidation state 

It means there is loss of one electron only. 

So equivalent weight of FeSO4 = Molecular weight /1 = 152/1 =152 

Equivalent weight of ferrous sulphate is equal to its molecular weight. For anhydrous ferrous 

sulphate it is 152 and for hydrated ferrous sulphate (FeSO4 .7 H2O) it is 298. 

Equivalent weight of ammonium ferrous sulphate (Mohr’s salt): Mohr’s salt reacts in the same 

manner as does ferrous sulphate but since it is stable and available in pure state; it is preferred 

over ferrous sulphate. Its equivalent weight is also equal to its molecular weight and is equal to 

392. 

Equivalent weight of oxalic acid: It is oxidized in the presence of acidified potassium 

permanganate to carbon dioxide and water. 

(𝐶𝑂𝑂𝐻)2 + 2𝐻2𝑂 + 𝑂 → 2𝐶𝑂2 + 3𝐻2𝑂 

𝐶2𝑂4
2_    → 2𝐶𝑂2 + 2(𝑒−) 

There is loss of two electrons. 

Equivalent weight of oxalic acid = Molecular weight /2 = 126/2 = 63 

Table 5.1 

Oxidizing agent 

Potassium permanganate (𝐾𝑀𝑛𝑂4) 

Molecular 

weight 

Electrons 

gained in 

redox 

reaction 

Equivalent wt.=Mol. 

wt./electrons gained 

𝐾𝑀𝑛𝑂4 𝑖𝑛 𝑠𝑡𝑟𝑜𝑛𝑔 𝑎𝑐𝑖𝑑𝑖𝑐 𝑚𝑒𝑑𝑖𝑢𝑚 158.00 5 31.60 

𝐾𝑀𝑛𝑂4 𝑖𝑛 𝑠𝑡𝑟𝑜𝑛𝑔 𝑏𝑎𝑠𝑖𝑐 𝑚𝑒𝑑𝑖𝑢𝑚 158.00 1 158.00 

Table 5.2 

Reducing agent Molecular 
weight/Atomic 

wt. 

Electrons 
lost in 

redox 

reaction 

Equivalent 
wt.=Mol. 

wt./electrons 

lost 

𝐴𝑛ℎ𝑦𝑑𝑟𝑜𝑢𝑠 𝑓𝑒𝑟𝑟𝑜𝑢𝑠 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝐹𝑒𝑆𝑂4 152.00 1 152.00 

𝐻𝑦𝑑𝑟𝑎𝑡𝑒𝑑 𝑓𝑒𝑟𝑟𝑜𝑢𝑠 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝐹𝑒𝑆𝑂4. 7𝐻2𝑂 278.00 1 278.00 

𝐴𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑓𝑒𝑟𝑟𝑜𝑢𝑠 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 (Mohr’s 

salt) 𝐹𝑒𝑆𝑂4. (𝑁𝐻4)2𝑆𝑂4 . 6𝐻2𝑂 

392.14 1 392.14 

𝑂𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 (𝐶𝑂𝑂𝐻)2. 2𝐻2𝑂 126.08 2 63.04 

𝑆𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 (𝐶𝑂𝑂𝑁𝑎)2 134.08  67.04 

𝐼𝑟𝑜𝑛(𝑓𝑒𝑟𝑟𝑜𝑢𝑠) 55.84 1 55.84 
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5.1.6.0 Titration curve: The titration curves for a redox titration are plotted between the 

potential values recorded during the titration and the volume of the titrant added. The progress 
of the titration is measured in terms of the redox potential values of the analyte/titrant before the 

equivalence point, at the equivalence point and after the equivalence point. In the titration curve 

potential values are taken on the Y axis and the volume of titrant added on the X axis. After the 

curve has been drawn, the exact volume of the titrant to be taken at the equivalence point can be 
easily found from the inflection point(midpoint) on the steep rising part of the curve as we have 

noted in acid base titrations. In some redox titrations like cerimetry (chapter 7) a similar 

situation is seen. Such types of titration curves are called symmetric titration curves. However, 
in potassium permanganate titrations it has been found that equivalence point is closer to the top 

of the steep rising portion of the curve and is not at the midpoint of the steep rising portion. 

Such a titration curve is called asymmetric titration curve. (Figure 5.1) When the titrant and the 
analyte react in 1:1 molar ratio we get a symmetric titration curve and if they do not react in this 

ratio, an asymmetric curve is obtained. 

 

Figure 5.1 

5.1.7.0 Sources of error and Precautions in Permanganate titrations: 

5.1.7.1 Misreading the meniscus is one of the common errors in permanganate titrations. Since 
potassium permanganate solution is coloured so, upper meniscus should be read properly. 

(Figure 5.3) 

5.1.7.2 Potassium permanganate is auto decomposed   so potassium permanganate solution 

should not be stored for long time. 

5.1.7 3 The end point should be noted carefully (light pink) and potassium permanganate should 

be added slowly dropwise. 

5.1.7.4 During titration of oxalate ions, the heating should be done carefully while maintaining 

the temperature (60-70℃). (Figure 5.2) 

5.1.7.5 The Mohr’s salt solution should be light green in colour and dilute sulphuric acid should 

be added to prevent the aerial oxidation of ferrous to ferric. This oxidation is very slow in acidic 

medium 

5.2.0.0. EXPERIMENTS 

Experiment 5.2.1.0: Determine the strength of given oxalic acid solution by titrating against 

N/20 potassium permanganate solution. 

Discussion: The titration of oxalic acid with potassium permanganate is a redox reaction in 

which oxalic acid is oxidized to carbon dioxide and potassium permanganate is reduced to 

manganese sulphate. Potassium permanganate acts as strongest oxidizing agent in acidic 
medium. Dilute sulphuric acid is added for acidity. Nitric acid cannot be used because it is itself 
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an oxidizing agent and can interfere with the oxidation action of KMnO4. In case of 

hydrochloric acid permanganate can oxidize chloride to chlorine resulting in error. Acetic acid 
is too weak to provide the necessary acidity for oxidizing action of potassium permanganate. 

The oxidation reaction of oxalic acid is accompanied by the evolution of carbon dioxide gas 

which does not allow the reaction to proceed to completion So the reaction is carried out at 60-

70℃ .At this temperature carbon dioxide is expelled from the solution. In this experiment 
potassium permanganate is first standardized (Titration I) and then in subsequent titration 

(Titration II) the given oxalic acid solution is analysed. So, this is an example of double 

titration. 

Chemical reaction: 

Reduction half reaction 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5(𝑂) 

Oxidation half reaction 

(𝐶𝑂𝑂𝐻)2 . 2𝐻2𝑂 + 𝑂 → 2𝐶𝑂2 + 3𝐻2𝑂 

Complete reaction 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 + 5(𝐶𝑂𝑂𝐻)2. 2𝐻2𝑂 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 10𝐶𝑂2 + 18𝐻2𝑂 

Indicator:  KMnO4   acts as self-indicator. (For both Titration I and Titration II) 

End point: Colourless to light pink (For both Titration I and Titration II) 

Procedure:  Preparation of standard oxalic acid solution(N/20) and standardization of potassium 
permanganate solution (Titration I): Weigh 0.315g of oxalic   acid, transfer to a clean 

volumetric flask with the help of funnel. Make the volume up to 100𝑚𝐿 with distilled water. 

Wash the burette with distilled water. Rinse and fill the burette with the potassium 

permanganate solution. Note the initial reading of the burette (upper meniscus) (Figure 5.3). 
Since potassium permanganate has a deep purple colour, so upper meniscus of burette should 

always be read. Pipette out 20 𝑚𝐿  of standard oxalic acid solution in the titration fl5.ask (use 

pipette bulb for safe pipetting). Add half test tube of 2N H2SO4   solution and heat the reaction 

mixture to 60-70℃. To check whether the temperature of the flask has reached the required 60-

70℃ temperature, the base of the flask can be touched on the back of the hand. (Figure 5.2) 

 

Figure 5.2 
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Figure 5.3 

If its bearable it means we can proceed for titration. The heating can be done directly but with 

regular checking of temperature. Titrate the hot mixture with potassium permanganate solution 

till a permanent pink colour is obtained. [potassium permanganate should be run slowly from 

the burette to avoid formation of brown precipitate of MnO2] Appearance of permanent light 
pink colour denotes the end point. To check whether end point has rightly been obtained or not, 

we can add one drop of oxalic acid at the end point in the flask. If pink colour disappears just by 

one drop, it means end point is correct. Note the final reading of the burette (upper meniscus). 

Repeat the titration for three concordant readings. 

Titration II Titration of standardized potassium permanganate with the given unknown solution 

of oxalic acid whose strength is to be determined: Follow exactly the same procedure as in 

above titration except that the solution taken in the flask is of unknown oxalic acid. 

Observations and calculations: 

Let amount of oxalic acid required to prepare 100 ml of N/20 solution=w g 

Normality = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 × 1000 ÷ 𝑀𝑜𝑙 𝑤𝑡 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 × 𝑉𝑜𝑙(𝑚𝐿) 

1

20
= 𝑤 × 1000 ÷ 63 × 100 

𝑤 =
6300

20000
= 0.315𝑔 

∴ 0.315𝑔 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑠 𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑 𝑖𝑛 100 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑠𝑡𝑖𝑙𝑙𝑒𝑑 𝑤𝑎𝑡𝑒𝑟 𝑡𝑜 𝑔𝑒𝑡
𝑁

20
  𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛. 

Titration I: Standard oxalic acid solution against given potassium permanganate solution. 

Observation Table 5.3: Volume of standard oxalic acid in flask in flask=20 mL 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KMnO4 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0.00 16.00 16.00 mL 

Titration II: Standardized potassium permanganate against given oxalic acid solution. 

Table 5.4 Given oxalic acid solution in the titration flask =20 𝒎𝑳 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 
Volume of KMnO4 

used (𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 0 18.25 18.25 𝑚𝐿 
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Calculation Titration I: Standardizing the given hypo solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1(𝐾𝑀𝑛𝑂4) = 𝑁2𝑉2(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 (𝐶𝑂𝑂𝐻)2 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁1 =  𝑁2𝑉2/𝑉1 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁2 =
1

20
 , 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑙𝑒𝑡 𝑉1 = 16.00 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.3; 

𝑁1 = 1/16.00 

The normality of KMnO4 ( 𝑁1) calculated from this equation is used in next step to calculate the 

normality of given oxalic acid solution. 

Calculation Titration II: Normality of given oxalic acid  (𝐶𝑂𝑂𝐻)2 solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1 𝑉1
′(𝐾𝑀𝑛𝑂4) = 𝑁3𝑉3(𝐺𝑖𝑣𝑒𝑛 (𝐶𝑂𝑂𝐻)2𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁3 =
𝑁1𝑉1

′

𝑉3
 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 𝑉1
′ = 18.25 (𝑇𝑎𝑏𝑙𝑒 5.4); 𝑁1 =

1

16
𝑎𝑛𝑑 𝑉3 = 20 𝑚𝐿; 𝑐𝑎𝑙𝑐𝑢𝑙𝑎𝑡𝑒 𝑁3 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁3 = 18.25/16 × 20 = 0.057 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛  𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁3 × 𝐸𝑞. 𝑤𝑡 = 0.057 × 63.04 = 3.59  𝑔/𝐿 

Result: The strength of given oxalic acid solution is   3.59 g/L 

5.2.1.1 Notes: 

Preparation of solutions 

Potassium permanganate: (N/20) [Equivalent weight of KMnO4 =31.6]. Weigh 3.16g ofKMnO4 

and dissolve in 1000ml distilled water. Shake the flask for proper dissolution. Boil for 20 

minutes, cool at room temperature and filter. [See note vi] 

Oxalic acid: (N/20) [ Equivalent weight = 63] Weigh 3.15 g of oxalic acid and transfer it to a 

standard flask with funnel. Dissolve in 200 𝑚𝐿  water and make up the volume to 1 L with 

distilled water. 

Sulphuric acid (2N): [conc. acid=36N]: Take 55.6 mL of concentrated sulphuric acid and add it 

slowly to 500ml distilled water. Make up the volume to 1 L. [See note viii] 

Precaution: 

Potassium permanganate is not a primary standard and its solution is auto decomposed by the 

presence of MnO2. Care should be taken to prepare only as much solution as is required. The 
extra solution will decompose even on standing for long time. Potassium permanganate attacks 

rubber, hence it should always be taken in a glass stoppered burette. 

Read upper meniscus of the burette as shown in figure 5.3 

When the flask is being heated care should be taken to heat the flask at 60-70 C. 

                                                              𝑁1𝑉1 = 𝑁2𝑉2 
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36 × 𝑉1 = 2 × 1000 

𝑉1 =  2000 ÷ 36 = 55.6 𝑚𝐿. 

Experiment 5.2.2.0: To determine the strength of oxalic acid and sodium oxalate in a given 

mixture solution. Provided standard N/20 Oxalic acid solution and approximate N/20 KMnO4 

solution and approximate   N/20 Sodium hydroxide solution. 

Discussion:  This experiment can be done by using two types of double titrations. 

Acid - base titration (Titration I and III) in which only oxalic acid reacts with the base NaOH, 

giving exact normality of oxalic acid. 

Redox titration (Titration II and IV) in which both oxalic acid and sodium oxalate of the mixture 
solution react with the oxidizing agent KMnO4, giving exact normality of the mixture solution. 

By subtracting the normality of oxalic acid from normality of mixture solution, we can easily 

find the normality of sodium oxalate. 

Chemical reaction: Titration I &III:(𝐶𝑂𝑂𝐻)2 + 𝑁𝑎𝑂𝐻 → (𝐶𝑂𝑂𝑁𝑎)2 + 2𝐻2𝑂 

Titration II& IV:   2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5(𝑂) 

(𝐶𝑂𝑂𝐻)2 . 2𝐻2𝑂 + [𝑂] → 2𝐶𝑂2 + 3𝐻2𝑂 

(𝐶𝑂𝑂𝑁𝑎)2 + 3𝐻2𝑆𝑂4 + [𝑂] → 2𝐶𝑂2 + 𝐻2𝑂 + 𝑁𝑎2𝑆𝑂4 

Indicator: 

Titration I and III: Phenolphthalein 

Titration II and IV: KMnO4 self-indicator. 

End point: 

Titration I and III: Colourless to pink (NaOH in the burette) 

Titration II and IV: Colourless to pink (KMnO4 in the burette) 

Procedure: 

Titration 1: Standard oxalic acid against NaOH (To find exact normality of NaOH): Wash the 

burette with distilled water. Rinse and fill the burette with sodium hydroxide solution. Note the 

initial reading of the burette (lower meniscus). Take 20𝑚𝐿  of oxalic acid solution in the flask 

and add 2 drops of phenolphthalein indicator. The solution remains colourless. Now add NaOH 
solution from the burette in the flask till a permanent light pink colour is obtained. This is the 

end point. Note the final reading of the burette. Repeat for three concordant readings. 

Titration II: Standard oxalic acid against KMnO4 (To find exact normality of KMnO4): Wash 
the burette with distilled water. Rinse and fill the burette with KMnO4 solution. Note the initial 

reading of the burette (upper meniscus). Pipette out 20𝑚𝐿 oxalic acid solution in the titration 

flask   with the help of pipette bulb and add half test tube of conc. sulphuric acid slowly. Warm 

the flask to 60-70℃ .Titrate against KMnO4 solution till a permanent light pink colour is 
obtained. This is the end point. Note the final reading of the burette. Repeat the process for three 

concordant readings. 

Titration III: Mixture solution against NaOH: (To find normality of oxalic acid in mixture) 

Wash the burette with distilled water. Rinse and fill the burette with sodium hydroxide solution. 

Note the initial reading of the burette (lower meniscus). Take 20𝑚𝐿   of mixture solution in the 

flask and add 2 drops of phenolphthalein indicator. The solution remains colourless. Now add 
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NaOH solution from the burette in the flask till a permanent light pink colour is obtained. Note 

the final reading of the burette. Repeat for three concordant readings. 

Titration IV: Mixture solution against KMnO4(To find the normality of mixture solution): Wash 

the burette with distilled water. Rinse and fill the burette with KMnO4 solution. Note the initial 

reading of the burette (upper meniscus). Pipette out 20𝑚𝐿  mixture solution in the titration flask 

with the help of pipette bulb and add half test tube of concentrated sulphuric acid slowly. Warm 

the flask to 60-70℃.Titrate against KMnO4 solution till a permanent light pink colour is 

obtained. This is the end point. Note the final reading of the burette. Repeat the process for three 

concordant readings. 

Observations and calculations: 

Titration I: standard oxalic acid solution against given NaOH solution. 

Observation Table 5.5: Volume of standard oxalic acid in flask  𝑽𝟐=20 m L 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of NaOH used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 16.00 11.00 𝑚𝐿 

Titration II: standard oxalic acid solution against given KMnO4 solution. 

Observation Table 5.6: Volume of standard oxalic acid in flask in flask 𝑽𝟒=20 mL 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of KMnO4 used 

(𝑉3 𝑚𝐿) (F.R – I.R) 

1. 5.00 20.00 15.00 𝑚𝐿 

Titration III: Mixture solution against standardized NaOH solution. 

Observation Table 5.7: Volume of mixture solution in flask 𝑽𝟔=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of NaOH used 

(𝑉5𝑚𝐿) (F.R – I.R) 

1. 5.00 22.00 17.00 𝑚𝐿 

Titration IV: Mixture solution against standardized KMnO4 solution. 

Observation Table 5.8: Volume of mixture solution in flask 𝑽𝟖=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KMnO4 used 

(𝑉7 𝑚𝐿) (F.R – I.R) 

1. 5.00 24.00 31.00 𝑚𝐿 

Titration 1: Using Normality equation  𝑁1𝑉1(𝑁𝑎𝑂𝐻) = 𝑁2𝑉2(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑) 

𝑁1(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝑂𝐻) = 𝑁2𝑉2/𝑉1 

𝑁2 =
1

20
, 𝑉2 = 20 𝑚𝐿, 𝑉1 = 11.00 𝑚𝐿( 𝑇𝑎𝑏𝑙𝑒 5.5) 
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∴  𝑁1 = 1/11.00 

Titration II: Using Normality equation 𝑁3𝑉3(𝐾𝑀𝑛𝑂4) =  𝑁4𝑉4(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑) 

𝑁3(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐾𝑀𝑛𝑂4) =
𝑁4𝑉4

𝑉3
 

𝑁4 =
1

20
, 𝑉4 = 20 𝑚𝐿, 𝑉3 = 15.00( 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.6) 

∴ 𝑁3 =
1

𝑉3
= 1/15 

Titration III: Using Normality equation 

𝑁5𝑉5(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑁𝑎𝑂𝐻) = 𝑁6𝑉6(𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 ) 

𝑁6(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒) =
𝑁5𝑉5

𝑉6
 

𝑁5 = 𝑁1(𝑇𝑖𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝐼) =
1

11
, 𝑉6 = 20 𝑚𝐿, 𝑉5 =  17(𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.7) 

∴  𝑁6(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒) = 0.077 

Titration IV: Using Normality equation 

𝑁7𝑉7(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾𝑚𝑛𝑂4) = 𝑁8𝑉8[(𝐶𝑂𝑂𝐻)2𝑎𝑛𝑑(𝐶𝑂𝑂𝑁𝑎)2𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛] 

𝑁8[𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 (𝐶𝑂𝑂𝐻)2𝑎𝑛𝑑(𝐶𝑂𝑂𝑁𝑎)2𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛] = 𝑁7𝑉7/𝑉8 

𝑁7 = 𝑁3(𝑇𝑖𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝐼𝐼) =
1

15
, 𝑉8 = 20 𝑚𝐿, 𝑉7 = 31 𝑚𝐿 (𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.8) 

𝑁8 =
1

15
× 31 ÷ 20 = 0.103 

𝑆𝑜 𝑡ℎ𝑒 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 = 𝑁8 − 𝑁6 = 0.103 − 0.077 = 0.026 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 (𝐶𝑂𝑂𝐻)2 × 𝐸𝑞. 𝑤𝑡 𝑜𝑓 (𝐶𝑂𝑂𝐻)2 = 0.077 × 63
= 4.851 𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
=  𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 (𝐶𝑂𝑂𝑁𝑎)2 × 𝐸𝑞. 𝑤𝑡 𝑜𝑓 (𝐶𝑂𝑂𝑁𝑎)2 = 0.026 × 67
= 1.742 𝑔/𝐿 

Result: 

The strength of oxalic acid in the given mixture solution is  4.851 𝑔/𝐿 

The strength of sodium oxalate in the given mixture solution is 1.742 𝑔/𝐿 

5.2.2.1: Notes: 

Preparation of solutions: 

Mixture solution of oxalic acid and sodium oxalate: Take 3.15 g oxalic acid (Equivalent weight 
=63) and 3.35 g of sodium oxalate (Equivalent weight =67), mix the two and transfer to a 

measuring flask. Dissolve in 200𝑚𝐿 of distilled water and make the solution to 1Lwith distilled 

water. 
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Phenolphthalein indicator: Take the available prepared solution 

Oxalic acid solution(N/20): Take 0.315g of oxalic acid and dissolve it in 100 𝑚𝐿  of distilled 

water. 

Sodium hydroxide solution (N/20) Equivalent weight of NaOH = 40): Dissolve 2g of sodium 

hydroxide in distilled water and make the solution up to 1 L with distilled water. 

Potassium permanganate: (N/20) [Equivalent weight of KMnO4 =31.6]. Same as in experiment 

1. 

Sulphuric acid (2N): [concentrated acid=36N]: Take 55.6 mL of concentrated sulphuric acid and 

add it slowly to 500 𝑚𝐿 distilled water. Make up the volume to 1 L. 

Precaution: 

Read upper meniscus of the burette as shown in figure 5.3 

Potassium permanganate is not a primary standard and its solution is auto decomposed by the 

presence of MnO2. Care should be taken to prepare only as much solution as is required. The 
extra solution will decompose even on standing for long time. Potassium permanganate attacks 

rubber, hence it should always be taken in a glass stoppered burette. 

When the flask is being heated care should be taken to heat the flask at 60-70℃. 

Experiment 5.2.3.0: Determine volumetrically the number of moles of water of crystallization 

in Mohr’s salt (ferrous ammonium sulphate) [FeSO4. (NH4)2SO4. x H2O],19.6 g of which have 

been dissolved per L of the solution. Provided approximate N/20 KMnO4 solution. 

Discussion: This is a case of redox reaction between potassium permanganate and Mohr’s salt in 

which Potassium permanganate acts as a strong oxidizing agent as well as an indicator and 

Mohr’s salt acts as the reducing agent. Moreover, Potassium permanganate is not a primary 

standard and its solution decomposes even on standing for some time. Mohr’s salt is a primary 
standard and forms a stable solution. To analyse ferrous ions Mohr salt is preferred over Ferrous 

sulphate because Mohr salt is a primary standard and forms a stable solution. So, a standard 

solution of Mohr’s salt is first prepared, which is used to find the exact normality of the 
potassium permanganate solution in first titration (Titration I). In the subsequent titration 

(Titration II) the given solution of Mohr’s salt is then titrated with standardized potassium 

permanganate solution. This is an example of double titration. 

Chemical reaction (Titration I and II) 

2𝐾𝑀𝑛𝑂4 + 3𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 2𝑀𝑛𝑆𝑂4 + 3𝐻2𝑂 + 5[𝑂] 

2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4. 6𝐻2𝑂 + 𝐻2𝑆𝑂4 + [𝑂] → 𝐹𝑒2(𝑆𝑂4)3 + 2(𝑁𝐻4)2𝑆𝑂4 + 13𝐻2𝑂 

Indicator: KMnO4 acts as self-indicator (For Titration I and Titration II) 

End point: Colourless to light pink (For Titration I and Titration II) 

Procedure Titration I: Standardization of KMnO4 solution 

Weigh 1.96 g of Mohr’s salt. Transfer to a measuring flask with funnel and add distilled water. 

Add about 10𝑚𝐿 dilute sulphuric acid. The colour of solution should be light green. Make up 

the volume to 100 𝑚𝐿  with distilled water Wash the burette with distilled water and rinse and 

fill with KMnO4 solution. Note the initial reading of the burette (Upper meniscus). Pipette out 

20 𝑚𝐿 of standard Mohr’s salt solution in the titration flask, add half test tube of dilute 



 

 

 

103 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

sulphuric acid. Titrate with solution till a permanent light pink colour is obtained. This is the 

end point. Note the final reading of the burette. Repeat to get three concordant readings. 

Titration II: Given Mohr’s salt solution with standardized KMnO4 solution 

Wash the burette with distilled water and rinse and fill with KMnO4 solution. Note the initial 

reading of the burette (Upper meniscus). Pipette out 20 𝑚𝐿  of the given Mohr’s salt solution in 

the titration flask, add half test tube of dilute sulphuric acid. Titrate with KMnO4 solution till a 
permanent light pink colour is obtained. This is the end point. Note the final reading of the 

burette. Repeat to get three concordant readings 

Observations and calculations: 

Amount of Mohr’s salt required to prepare 100 𝑚𝐿 𝑜𝑓 N/20 Standard solution = wg 

Normality =  
𝒘𝒆𝒊𝒈𝒉𝒕 𝒐𝒇 𝑴𝒐𝒉𝒓𝒔 𝒔𝒂𝒍𝒕

𝑬𝒒𝒖𝒊𝒗𝒂𝒍𝒆𝒏𝒕 𝒘𝒆𝒊𝒈𝒉𝒕
×

𝟏𝟎𝟎𝟎

𝟏𝟎𝟎
 

1

20
=

w

392
×

1000

100
 

∴ w = 1.96 g 

Titration I: standard Mohr’s salt solution against given KMnO4 solution. 

Table 5.9: Volume of standard Mohr’s salt in flask 𝑽𝟐=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KMnO4 used 

(𝑉1 𝑚𝐿) (F.R – I.R) 

1. 0.00 15.00 15.00 𝑚𝐿 

Titration II standardized KMnO4 solution against given Mohr’s salt solution 

Table 5.10 Volume of given Mohr’s salt in flask 𝑽𝟒=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KMnO4 used 

(𝑉3𝑚𝐿) (F.R – I.R) 

1. 0 15.00 15.00 𝑚𝐿 

Titration 1: Using Normality equation 

𝑁1𝑉1(𝐾𝑀𝑛𝑂4) = 𝑁2𝑉2(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁1(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓𝐾𝑀𝑛𝑂4 ) = 𝑁2𝑉2/𝑉1 

𝑁2 =
1

20
, 𝑉2 = 20𝑚𝐿, 𝑉1 = 15𝑚𝐿( 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.9) 

∴  𝑁1 =
1

𝑉1
= 1/15 

Titration II: Using Normality equation 

𝑁3𝑉3(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾𝑀𝑛𝑂4) =  𝑁4𝑉4(𝐺𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁4(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) =
𝑁3𝑉3

𝑉4
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𝑁3 = 𝑁1 =
1

𝑉1
=

1

15
, 𝑉4 = 20 𝑚𝐿, 𝑉3 = 15𝑚𝐿( 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.10) 

∴  𝑁4 =
𝑉3

20𝑉1
= 15 ÷ 20 × 15 = 0.05 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑚𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 19.6 𝑔/𝐿 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 = 𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ/𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 

𝐸 =
19.6

𝑁4
=

19.6

0.05
= 392 

 

𝐸 = 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 + 18𝑥 = 284 + 18𝑥 

∴ 𝑥 = 𝐸 − 284/18 

𝑥 = 392 − 284/18 

𝑥 = 6 

Result: The number of moles of water of crystallization in Mohr’s salt is 6 

5.2.3.1 Notes: 

Preparation of solutions 

Mohr’s salt solution: Take 19.6 g of Mohr’s salt and transfer it to measuring flask with funnel. 

Dissolve in 200𝑚𝐿 water. Add slowly 10 𝑚𝐿  of dilute sulphuric acid. and make the solution to 

1 L with distilled water. (See Note vi) 

Potassium permanganate: (N/20) [Equivalent weight of KMnO4 =31.6]. Same as in experiment 

5.2.1.0. 

Sulphuric acid (2N): [concentrated acid=36N]: Take 55.6 mL of concentrated Sulphuric acid 

and add it slowly to 500ml distilled water. Make up the volume to 1 L. 

Precautions: 

Sulphuric acid has to be added while preparing Mohr’s salt solution because the active species 

Ferrous ions are easily oxidized to Ferric ions in presence of air. In acidic medium this reaction 

becomes slow, but still care has to be taken by noting the colour of solution. Light green colour 

indicates ferrous ions. 

Potassium permanganate is not a primary standard and its solution is auto decomposed by the 

presence of MnO2. Care should be taken to prepare only as much solution as is required. The 

extra solution will decompose even on standing for long time. Potassium permanganate attacks 

rubber, hence it should always be taken in a glass stoppered burette. 

Read upper meniscus of the burette as shown in figure 5.3 

5.3.0.0. POTASSIUM DICHROMATE TITRATIONS 

Potassium dichromate is the most commonly employed oxidizing agent in Redox titrations. 
Though it is a weaker oxidizing agent than potassium permanganate or ceric sulphate yet it is 

frequently used for the estimation of iron because it is a primary standard and its solutions are 

stable to light. It is not attacked by rubber or any other organic matter. It acts as an oxidizing 
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agent in acidic medium and dilute sulphuric acid is used to acidify the medium. The commonly 

used reducing agents are ferrous salts. 

5.3.1.0 Electrochemical reaction: 

Potassium dichromate as an oxidizing agent: 

Reduction half reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 4𝐻2𝑂 + 3(𝑂) 

Oxidation half reaction: 

6𝐹𝑒𝑆𝑂4 + 3𝐻2𝑆𝑂4 + 3(𝑂) → 3𝐹𝑒2(𝑆𝑂4)3 + 3𝐻2𝑂 

Complete redox reaction: 

𝐾2𝐶𝑟2𝑂7 + 7𝐻2𝑆𝑂4 + 6𝐹𝑒𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 3𝐹𝑒2(𝑆𝑂4)3 + 7𝐻2𝑂 

5.3.2.0 Indicators: Potassium dichromate acts as an oxidizing agent in acidic medium and is 

reduced to a green coloured Cr (III) product at the end of the reaction. This green coloured 

product makes it difficult to visualize the end point correctly. So, potassium dichromate cannot 
act as a self- indicator in these titrations and a suitable redox indicator is must for these 

titrations.  A redox indicator itself does not participate in the reaction but has a distinct colour in 

oxidized and reduced forms. When an oxidizing and reducing agent react in a redox titration the 
potential of the solution changes. The indicator also changes its form and colour, signalling the 

end point. The indicator is chosen in such a way that the change in colour signalling the end 

point is close to the equivalence point. Such an indicator has different colours in oxidized and 

reduced forms and the redox reaction is reversible. (Table 5.11) 

Table 5.11 

S. No. Name of the indicator Colour in 

oxidized form 

Colour in 

reduced 

form 

Transition 

potential 

(E0) 

1. Nitro ferroin Pale blue Red 1.25V 

2. Ferroin Pale blue Red 1.147V 

3. N- phenyl anthranilic acid Purple red Colourless 0.89V 

4. Diphenylamine sulphonic acid Red violet Colourless 0.84V 

5. Diphenyl amine Violet Colourless 0.76V 

6. Methylene blue Blue Colourless 0.53V 

The colour change in the indicator can be due to change in the oxidation state of the metal 

(metallo- organic indicator) or it can be due to proton participating in the redox reaction. 

If  𝐼𝑛 is any redox indicator, then it undergoes following reaction: 

𝐼𝑛 (𝑜𝑥𝑖𝑑𝑖𝑧𝑒𝑑) + 𝑛𝑒− → 𝐼𝑛(𝑟𝑒𝑑𝑢𝑐𝑒𝑑) 

By using Nernst equation, the electrode potential of the indicator can be given as, 

𝐸𝐼𝑛 = 𝐸𝐼𝑛
0 −

0.0591

𝑛
  × log 

[𝐼𝑛𝑟𝑒𝑑]

[𝐼𝑛𝑜𝑥 ]
… … … … … (1) 
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So, 𝐸𝐼𝑛 depends upon the ratio  
[𝐼𝑛𝑟𝑒𝑑]

[𝐼𝑛𝑜𝑥]
 or colour of the indicator depends on this ratio. 

The colour of reduced form will be dominant when  
[𝐼𝑛𝑟𝑒𝑑]

[𝐼𝑛𝑜𝑥]
  ≥ 10  𝑜𝑟  

[𝐼𝑛𝑜𝑥]

[𝐼𝑛𝑟𝑒𝑑]
≤ 10 

The colour of oxidized form will be dominant when  
[𝐼𝑛𝑜𝑥]

[𝐼𝑛𝑟𝑒𝑑]
 ≥ 10 or  

[𝐼𝑛𝑟𝑒𝑑]

[𝐼𝑛𝑜𝑥]
 ≤ 10 

By substituting these in equation (1); 

𝐸 = [𝐸0 ±
0.05916

𝑛
] 

From the above equation, it is clear that the potential at which colour transition occurs will 

depend on the standard potential. 

Colour change for a redox indicator occurs over a potential range given by: 

𝐸 = [𝐸0 ±
0.05916

𝑛
] volts, where E0 is the standard reduction potential of the indicator and n is 

the number of electrons involved in the reduction. 

Example for ferroin indicator having E0 = 1.147 V, colour change will occur over a potential 

range 1.088 to 1.206V. This value is relative to SHE having potential value zero. 

𝐸 = [1.147 ±
0.05916

1
] = 1.088 𝑡𝑜 1.206 𝑉 

If the same range has to be calculated relative to Standard calomel electrode having value of 

potential 0.241, then the potential range for colour change of ferroin will be: 

𝐸 = [1.088 𝑡𝑜 1.206] − [0.241] = 0.847 𝑡𝑜 0.965 𝑉 

A redox indicator’s range of colour change should match the potential difference range expected 
at the end of the titration. Only that indicator will show sharp colour change at the end point. So, 

choice of indicator is important in these titrations. 

Characteristics of redox indicator: 

The indicator must be capable of undergoing oxidation or reduction process and it should be a 

reversible process. 

The electrode potential of the redox indicator should lie in between potential of the titrant and 

the analyte. 

The colour change should be sharp and reversible. 

5.3.3.0 Titration curve and selecting the suitable indicator for redox titration: 

A titration curve is obtained by plotting the volume of titrant added (potassium dichromate) on 
the X axis and the redox potential values on the Y axis. A curve of the type shown in figure 5.4 

is obtained. After locating the end point in this curve [which is the inflection point on the steep 

rising part of the curve]; the indicator which has suitable potential range at that point, can be 

selected. (Figure 5.4) 
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Figure 5.4 

5.3.4.0 Additional note: Electroanalytical method (Potentiometric titration) Estimation of 

ferrous ions by potentiometric titration using standardized 0.1 N potassium dichromate as the 
titrant. In potentiometric estimation of ferrous ions, the emf of the cell is determined at definite 

intervals with the help of potentiometer. 

Emf of the cell = E CATHODE -   EANODE      …………………………………. (1) 

Anode is saturated calomel electrode (SCE) and its   Eanode value is 0.242 V 

Cathode electrode is prepared by dipping the platinum electrode in a solution containing ferrous 

–ferric ions. Ecathode is calculated using Nernst equation 

Ecathode =   E Fe
3+/Fe

2+   = E0 Fe
3+/Fe

2+   +   0.0591/n log [Fe3+] /[Fe2+]   ……………………… (2) 

The value of E0 Fe
3+/Fe

2+ is 0.44 V and n is the number of electrons involved in the reaction =1 

for the present case. 

Substituting the values in equation (2) 

ECATHODE = 0.44 + 0.0591 log [Fe3+] / [Fe2+] ………………………………………… (3) 

Substituting the values of EANODE  and ECATHODE    in equation (1) 

Emf of the cell = 0.44+0.0591 log [Fe3+] /[Fe2+] - 0.242…………………………… (4) 

The titration involves the redox reaction between potassium dichromate and ferrous ion 
solution. As the reaction proceeds ferrous ions are oxidized by potassium dichromate and 

concentration of ferric ions increases. With increase in concentration of ferric ions as we can see 

from equation (4), the Emf of the cell also increases. This emf is regularly noted with each 
addition of the titrant (potassium dichromate) from the burette. A graph can be plotted between 

the volume of titrant taken on x axis and emf of the cell on Y axis to get the volume of titrant 

required to reach the end point. (Figure 5.4) 

Fill the burette with standard potassium dichromate solution of known normality. Take 20 ml of 

ferrous ion solution (Ferrous ammonium sulphate) in a flask. Add 10ml of sulphuric acid to it as 

potassium dichromate acts as good oxidizing agent in acidic medium. Calibrate the 

potentiometer with a standard cell and then dip the SCE and the platinum electrode in the flask. 
Note initial reading of the burette and at this point note the emf value shown by the 

potentiometer. This value is due to ferrous ions in the solution.  Now add fixed volume (0.5 mL) 

of potassium dichromate from the burette in the flask and note the emf value after stirring the 
solution. Repeat this process after each addition of 0.5 mL of potassium dichromate. The emf 

value will increase after each addition of potassium dichromate. When the solution in the flask 

changes colour to green, it indicates formation of chromium sulphate. It shows that chromium 
(VI) of dichromate is being reduced to chromium (III) of chromium sulphate. After this when 

we add Potassium dichromate, green colour of the solution will change to yellow showing that 
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all ferrous ions been oxidized completely to ferric. Note the emf values from the potentiometer 

up to this point and tabulate the readings in the table. (Table 5.12) 

Table 5.12 

S. No 

 

Emf (E) Volume of 

potassium 

dichromate 
added (V 

ml) 

∆𝐸          (E2 – E1) ∆𝑉 

(V2-V1) 

∆𝐸/∆𝑉 

Mv/ml 

 

 

 

1. 300 0 - - - 

2. 350 0.5 350 – 300 = 50 0.5 50/0.5=100 

3. 404 1.0 404 - 350 = 54 0.5 54/0.5=108 

4. 470 1.5 470 - 404 = 66 0.5 66/0.5=132 

5. 540 2.0 540 - 470 = 70 0.5 70/0.5=140 

6. 620 2.5 620 - 540 = 80 0.5 80/0.5=160 

The values used in this table are fictitious and can differ from the actual values obtained 

during experiment. 

 

Figure 5.5 

A graph of E vs volume of dichromate used (titrant) obtained is of the type shown in figure 5.4. 

Another graph between ∆𝐸/∆𝑉 on Y axis and volume of titrant (Potassium dichromate) on X 

axis can also be plotted (figure 5.5). The peak in this graph gives the exact volume of the titrant 

(potassium dichromate) which is used to calculate the normality of ferrous ions. 

Using normality equation 

N1V1(Ferrous ion solution) =N2V2(Potassium dichromate) 

Let V2 as obtained from graph = 8.5 ml 

N2 (Normality of potassium dichromate) = 0.1 N 

V1 = 20 mL 

N1    = N2V2 / V1 

N1   = 0.1 × 8.5/20 = 0.0425 
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5.3.5.0 Internal and External indicators: Internal Indicators are added in the reaction vessel in 

flask and colour change is noticed in the solution inside the flask. External indicators which are 
used outside the reaction vessel preferably on a clean white tile/spot plate where it is used in the 

form of drops. Some common examples of Indicators are: 

Diphenylamine (DPA): It is an internal indicator which oxidizes immediately at the end point 

producing a colour change. Potassium dichromate oxidizes the indicator diphenylamine after the 
equivalence point has been achieved and diphenylamine changes to diphenyl benzidine. 

Colourless diphenyl benzidine reversibly changes to blue violet form which is helpful in 

detecting the end point. So, diphenylamine is colourless in reduced form and blue violet in 
oxidized form. Its 1% solution prepared in concentrated sulphuric acid can be used as an 

indicator. 

Step 1: Irreversible oxidation of diphenyl amine to real indicator colourless diphenyl benzidine 

(II)(Figure 5,6) 

 

Figure 5.6 

Step 2: Reversible oxidation of colourless diphenylbenzidine to blue violet diphenylbenzidine 

(Figure 5.7) 

 

(Image courtesy:Sciencedirect.com) 

 

Figure 5.7 
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Due to low solubility of free diphenylamine,it is replaced by its sulphonic acid 

derivative.Sodium salt of this indicator is used in the form of 0.2%aqueous 
solution.Diphenylamine sulphonate indicator  can be used even in the absence of phosphoric 

acid in the analysis of ferrous ions by dichromate. Another indicator for this titration is N-

methyl diphenylsulphonic acid. 

N-phenyl Anthranilic acid or 2-carboxy diphenyl amine. (Figure 5.8): It is also an internal 
indicator used in dichromate titrations and shows red violet colour in oxidized form and is 

colourless in reduced form. It is prepared as 1% solution in dilute NaOH for use as an indicator. 

 

Figure 5.8 

Potassium Ferricyanide: It is used as an external indicator when internal indicator in redox 

titrations is not available. It is not added to the reaction vessel but is used externally. It can be 
taken as drops on a clean white tile and the reaction mixture can be tested for completion of 

reaction by mixing one drop of reaction mixture with the indicator drop at regular interval. A 

change in colour from blue to brown indicates completion of reaction. Blue colour arises due to 
ferrous ions which combine with Potassium ferricyanide to form a blue coloured ferro 

ferricyanide complex. Fe4[Fe (CN)6]3. 

2𝐾3𝐹𝑒(𝐶𝑁)6 + 3𝐹𝑒𝑆𝑂4 → 𝐹𝑒4[𝐹𝑒(𝐶𝑁)6]3 + 3𝐾2𝑆𝑂4 

At end point when all the ferrous ions have been oxidized by Potassium dichromate, this 
complex is not formed and blue colour changes to brown due to brown coloured ferric 

ferricyanide complex. 

5.3.6.0 Equivalent weight of potassium dichromate: 

Potassium dichromate acts as an oxidizing agent in acidic medium and in this process 

dichromate ion is reduced to Cr3+ as shown in the following equation 

𝐾2𝐶𝑟2𝑂7 + 14𝐻+ + 6𝑒(−) → 2𝐾+ + 2𝐶𝑟3+ + 7𝐻2𝑂 

Each dichromate ion gains six electrons in this process, so the equivalent weight of Potassium 
dichromate = 294/6 =49, where 294 is the molecular weight of potassium dichromate. The 

reagent mainly used as reducing agent is ferrous ammonium sulphate (Mohr’s salt). For 

equivalent weight see Table 5.2. 

5.3.7.0 Sources of error and precautions in dichromate titrations: 

Misreading volumes in the burette: Potassium dichromate is a coloured solution and when 

taken in the burette, upper meniscus should be read carefully. (Figure 5.3) 
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Selection of indicator: In potassium dichromate titrations the indicator (external or internal) 

should be chosen after carefully studying the redox reaction. 

Visualizing the end point: The colour in the titration flask at the end point should be carefully 

visualized using a glazed white tile or filter paper in the background especially while using N-

phenyl anthranilic acid as an indicator. 

Indicator consumption: Sometimes an excess of indicator causes error in visualizing the end 

point. Indicator drops should be added just to bring a change in colour. 

While using external indicator, care should be taken to use a proper spot plate and clean glass 

rod. (Experiment 5.4.1.0) 

5.4.0.0 EXPERIMENTS 

Experiment 5.4.1.0: Determine the strength of given solution of ferrous ammonium sulphate 

(Mohr’s salt) by titrating it against potassium dichromate solution and using Potassium 

ferricyanide as an external indicator. 

Discussion: In this titration potassium dichromate is the oxidizing agent and Ferrous 

Ammonium sulphate is the reducing agent. During the reaction 𝐾2𝐶𝑟2𝑂7is reduced to green 

coloured 𝐶𝑟3+. Ferrous sulphate in Mohr’s salt is oxidized to ferric sulphate. Ammonium 
sulphate of Mohr’s salt remains unchanged during the reaction. The green colour of the 

chromium (III) salt is difficult to interpret, so a redox indicator is used. In this particular case 

potassium ferricyanide is used as an external indicator as it sharply indicates the complete 
oxidation of all ferrous ions to ferric ions. The two titrations in this case are standardization of 

potassium dichromate with standard Mohr’s salt solution (Titration I) and titration of given 

Mohr’s salt solution with standardized potassium dichromate solution (Titration II). This is an 

example of double titration. Of given 

Chemical equation 

Reduction half reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 4𝐻2𝑂 + 3(𝑂) 

Oxidation half reaction 

6𝐹𝑒𝑆𝑂4 + 3𝐻2𝑆𝑂4 + 3(𝑂) → 3𝐹𝑒2(𝑆𝑂4)3 + 3𝐻2𝑂 

Complete redox reaction 

𝐾2𝐶𝑟2𝑂7 + 7𝐻2𝑆𝑂4 + 6𝐹𝑒𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 3𝐹𝑒2(𝑆𝑂4)3 + 7𝐻2𝑂 

Indicator: Potassium ferricyanide as an external indicator 

End point: Blue to brown 

Procedure: Titration I: Preparation of standard N/20 Mohr’s salt solution and standardization of 

𝐾2𝐶𝑟2𝑂7:Weigh 1.96 g of Mohr’s salt, transfer it to measuring flask using a funnel. Add 10 𝑚𝐿 

of dilute sulphuric acid. Make the volume to 100 𝑚𝐿  with distilled water. The solution should 

be light green in colour. Wash the burette with distilled water, rinse and fill the burette with 

given potassium dichromate solution. Note the initial reading of the burette (Upper meniscus). 

Pipette out 20 𝑚𝐿  of the standard Mohr’s salt solution in the titration flask with the help of 

pipette bulb. Add half test tube of 2N sulphuric acid. Put a series of 15 drops of indicator 

(potassium ferricyanide) on a clean white tile or spotting plate (Figure 5.9) with the help of a 

glass rod. Run Potassium dichromate from the burette in the flask and when 5 𝑚𝐿  has been 

added, take a clean glass rod, dip it in the reaction vessel and then touch it with the first drop of 
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indicator. An intense blue colour indicates incomplete oxidation. Wash the glass rod properly. 

Again, start adding Potassium dichromate from the burette in the reaction vessel and repeat the 
test with next indicator drop in the same manner as above. Note the colour of the drop. When 

the colour of drop becomes brown, stop adding Potassium dichromate from the burette. This is 

the end point. Note the final reading of the burette.  Repeat the titration to get three concordant 

readings. 

 

Figure 5.9 (SPOT PLATE) 

Titration II Titration of given Mohr’s salt solution with standardized potassium dichromate 

solution( 𝐾2𝐶𝑟2𝑂7):Wash the burette with distilled water. Rinse and fill the burette with 
standard Potassium dichromate solution. Note the initial reading of the burette (upper 

meniscus). Pipette out 10 mL of the given Mohr’s salt solution in the titration flask with the 

help of pipette bulb. Proceed for the remaining part of the titration in the same manner as in 

titration I. 

Observations and calculations: 

Amount of Mohr’s salt required to prepare 100 𝑚𝐿 𝑜𝑓 N/20 Standard solution = w g 

Normality =  
𝒘𝒆𝒊𝒈𝒉𝒕 𝒐𝒇 𝑴𝒐𝒉𝒓𝒔 𝒔𝒂𝒍𝒕

𝑬𝒒𝒖𝒊𝒗𝒂𝒍𝒆𝒏𝒕 𝒘𝒆𝒊𝒈𝒉𝒕
×

𝟏𝟎𝟎𝟎

𝟏𝟎𝟎
 

1

20
=

w

392
×

1000

100
 

∴ w = 1.96 g 

Titration I: standard Mohr’s salt solution against given 𝐾2𝐶𝑟2𝑂7 solution. 

Table 5.13: Volume of standard Mohr’s salt in flask 𝑽𝟐=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 10.00 25.00 15.00 𝑚𝐿 

Titration II standardized 𝐾2𝐶𝑟2𝑂7solution against given Mohr’s salt solution 

Table 5.14: Volume of given Mohr’s salt in flask 𝑽𝟒=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7  used 

(𝑉3 𝑚𝐿) (F.R – I.R) 

1. 10.00 28.50 18.50 mL 
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Titration 1: Using Normality equation 

𝑁1𝑉1(𝐾2𝐶𝑟2𝑂7)
= 𝑁2𝑉2(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛)𝑁1(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓𝐾2𝐶𝑟2𝑂7 )
= 𝑁2𝑉2/𝑉1 

𝑁2 =
1

20
, 𝑉2 = 20 𝑚𝐿, 𝑉1 = 15 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.13 

∴  𝑁1 = 1/15 

Titration II: Using Normality equation 

𝑁3𝑉3(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾2𝐶𝑟2𝑂7) =  𝑁4𝑉4(𝐺𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁4(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) =
𝑁3𝑉3

𝑉4
 

𝑁3 = 𝑁1 =
1

15
, 𝑉4 = 20 𝑚𝐿, 𝑉3 = 18.5 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.14 

∴  𝑁4 =  0.0616 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁4 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 = 0.0616 × 392
= 24.14 𝑔/𝐿 

Result: The strength of given Mohr’s salt solution is 𝑔/𝐿 

5.4.1.1. Notes: 

Preparation of solutions: 

Mohr’s salt solution: Take 19.6 g of Mohr’s salt and transfer it to measuring flask with funnel. 

Dissolve in 200 𝑚𝐿 water. Add slowly 10 𝑚𝐿  of dilute sulphuric acid and make the solution to 

1 L with distilled water. 

Potassium dichromate solution (N/20): (Equivalent weight = 49) Weigh 2.45 g of potassium 

dichromate and transfer to a measuring flask with the help of funnel. Dissolve in 200 𝑚𝐿 of 

distilled water and make the volume to 1 L with the help of distilled water. 

Sulphuric acid (2N): [concentrated acid=36N]: Take 55.6 𝑚𝐿 of concentrated sulphuric acid and 

add it slowly to 500 𝑚𝐿 distilled water. Make up the volume to 1 L. 

Potassium ferricyanide (Indicator): Prepare 0.1% aqueous solution of potassium ferricyanide. 

Precautions: 

Always prepare fresh solution of potassium ferricyanide indicator. 

Always wash the glass rod before dipping it in the titration flask. 

Always read upper meniscus of burette for coloured solutions like potassium dichromate. 

Experiment 5.4.2.0: Evaluate the value of x in the given sample of Mohr’s salt (ferrous 

ammonium sulphate) [FeSO4.(NH4)2SO4.x H2O], 19.6 g of which have been dissolved per L of 

the given solution using N- phenyl anthranilic acid as internal indicator. Provided approximate 

N/20 K2Cr2O7 solution. 

Discussion: In this titration Potassium dichromate acts as the oxidizing agent and Mohr’s salt as 

the reducing agent. The ferrous sulphate in Mohr’s salt is oxidized to ferric sulphate and 

Ammonium sulphate does not change. Potassium dichromate is reduced to green coloured 
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chromium (III) salt. Since it is difficult to observe the colour change, so an internal redox 

indicator N- phenyl anthranilic acid which shows a sharp purple red colouration at end point is 
used. N-phenyl anthranilic acid is colourless in its reduced form but its oxidized form shows an 

intense purple red colour. As the given normality of potassium dichromate is approximate, 

therefore in the first titration exact normality of potassium dichromate is found out (Titration I) 

and in the second titration given Mohr’s salt solution is titrated against standardized Mohr’s salt. 

(Titration II). So, this is a case of double titration. 

Chemical equation: Reduction half reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 4𝐻2𝑂 + 3(𝑂) 

Oxidation half reaction 

6𝐹𝑒𝑆𝑂4 + 3𝐻2𝑆𝑂4 + 3(𝑂) → 3𝐹𝑒2(𝑆𝑂4)3 + 3𝐻2𝑂 

Complete redox reaction 

𝐾2𝐶𝑟2𝑂7 + 7𝐻2𝑆𝑂4 + 6𝐹𝑒𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 3𝐹𝑒2(𝑆𝑂4)3 + 7𝐻2𝑂 

Indicator: N-Phenyl Anthranilic acid as internal indicator 

End point: Light green to purple red. 

Procedure: 

Preparation of standard N/20 Mohr’s salt solution & Standardization of potassium dichromate 

solution (Titration I). Weigh 1.96 g of Mohr’s salt, transfer it to measuring flask using a funnel.  

Add 10 𝑚𝐿 of dilute sulphuric acid. Make the volume to 100 𝑚𝐿  with distilled water. The 
solution should be light green in colour. Wash the burette with distilled water. Rinse and fill the 

burette with given Potassium dichromate solution. Note the initial reading of the burette. (Upper 

meniscus). Pipette out 20 𝑚𝐿  of the standard Mohr’s salt solution in the titration flask. Add half 

test tube of dilute sulphuric acid. Then add 2-3 drops of N -phenyl anthranilic acid indicator. 
The solution will be light green at this point. Now add slowly with constant swirling of flask, 

potassium dichromate solution from the burette till a permanent purple red colour is obtained. 

Observe the colour carefully against a white background. (A white tile or filter paper at the base 
of the flask.) Note the final reading of the burette. Repeat the experiment for three concordant 

readings. 

Titration II: Given Mohr’s salt solution with standardized K2Cr2O7: 

Wash the burette with distilled water. Rinse and fill the burette with standardized Potassium 
dichromate solution and note the initial reading of the burette. (Upper meniscus). Pipette out 

20 𝑚𝐿 of given Mohr’s salt solution in the flask with the help of pipette bulb. Perform the 

remaining procedure as in Titration I. 

Observations and calculations: 

Amount of Mohr’s salt required to prepare 100 𝑚𝐿 𝑜𝑓 N/20 Standard solution = w g 

Normality =  
𝒘𝒆𝒊𝒈𝒉𝒕 𝒐𝒇 𝑴𝒐𝒉𝒓𝒔 𝒔𝒂𝒍𝒕

𝑬𝒒𝒖𝒊𝒗𝒂𝒍𝒆𝒏𝒕 𝒘𝒆𝒊𝒈𝒉𝒕
×

𝟏𝟎𝟎𝟎

𝟏𝟎𝟎
 

1

20
=

w

392
×

1000

100
 

∴ w = 1.96 g 

Titration I: standard Mohr’s salt solution against given 𝐾2𝐶𝑟2𝑂7 solution. 
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Table 5.15: Volume of standard Mohr’s salt in flask 𝑽𝟐=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 10.00 21.00 11.00 𝑚𝐿 

Titration II standardized 𝐾2𝐶𝑟2𝑂7solution against given Mohr’s salt solution 

Table 5.16: Volume of given Mohr’s salt in flask 𝑽𝟒=20 𝒎𝑳 

S. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7  used 

(𝑉3𝑚𝐿) (F.R – I.R) 

1. 10.00 20.00 10.00 𝑚𝐿 

Titration 1: Using Normality equation 

𝑁1𝑉1(𝐾2𝐶𝑟2𝑂7) = 𝑁2𝑉2(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁1(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓𝐾2𝐶𝑟2𝑂7 ) = 𝑁2𝑉2/𝑉1 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑣𝑎𝑙𝑢𝑒 𝑜𝑓 𝑁2 =
1

20
, 𝑉2 = 20𝑚𝐿, 𝑉1 = 11 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.15 

∴  𝑁1 = 1/11 

Titration II: Using Normality equation 

𝑁3𝑉3(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾2𝐶𝑟2𝑂7) =  𝑁4𝑉4(𝐺𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁4(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) =
𝑁3𝑉3

𝑉4
 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁3 = 𝑁1 =
1

11
, 𝑉4 = 20 𝑚𝐿, 𝑉3 = 10.0 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.16 

∴  𝑁4 = 0.0454 

Strength of   Mohr’s salt solution = 19.6 g/L (given) 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 (𝐸) = 𝑠𝑡𝑟𝑒𝑛𝑔𝑡ℎ ÷ 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 19.6/𝑁4 

𝐸 = 19.6 ÷ 0.0454 = 431.7 

𝐸 = 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 + 18𝑥 = 284 + 18𝑥 

∴ 𝑥 = 𝐸 − 284/18 

𝑥 = 431.7 − 284 ÷ 18 

𝑥 = 8.2 

Result: The number of moles of water of crystallization in Mohr’s salt is 8. 

5.4.2.1 Notes:  Preparation of solutions 

Mohr’s salt solution: Take 19.6 g of Mohr’ s salt and transfer it to measuring flask with funnel. 

Dissolve in 200 ml water. Add slowly 10 mL of dilute sulphuric acid and make the solution to 1 

L with distilled water. 
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Potassium dichromate solution (N/20) :( Equivalent weight = 49) Weigh 2.45g of potassium 

dichromate and transfer to a measuring flask with the help of funnel. Dissolve in 200 mL of 

distilled water and make the volume to 1 Lt with the help of distilled water. 

Sulphuric acid (2N): [concentrated acid=36N]: Take 55.6 mL of conc. sulphuric acid and add it 

slowly to 500 mL distilled water. Make up the volume to 1 Lt. 

N Phenyl Anthranilic Acid: Dissolve 1g of N- phenyl anthranilic acid in 100 ml of dilute NaOH 

(0.005N) solution. 

Precaution: 

Precaution should be taken while handling N-phenyl anthranilic acid as it is harmful for skin, 

eyes and respiratory system. 

The purple red colour at the end point should be carefully examined against a white background. 

Mohr’s salt solution should be light green in colour. A brown colour in the solution indicates 

oxidation of ferrous ions. 

Experiment 5.4.3.0: To determine the strength of given Mohr’s salt solution by titrating it 

against potassium dichromate using diphenylamine as internal indicator. 

Discussion: Potassium dichromate is the oxidizing agent and Mohr’s salt is the reducing agent. 
In acidic solution potassium dichromate is reduced rapidly to a green chromium (III) salt. The 

end point is not easily detected by inspection of this green colour .So, diphenylamine as internal 

indicator is used which shows a sharp colour change at the end point. The indicator 
diphenylamine is a 1% solution of diphenylamine in concentrated sulphuric acid. At the end 

point intense blue violet colour is obtained. When this indicator is used, the titration is carried 

out in the presence of phosphoric acid because it lowers the formal potential of Fe (III)-Fe (II) 
system so that equivalence potential coincides more nearly with that of the indicator. The 

presence of considerable amount of phosphoric acid is necessary in order to reduce the 

concentration of ferric ions by forming colourless soluble stable [Fe (HPO4)]
+  complex 

,otherwise ferric ions because of their tendency to oxidize the indicator prevents a sharp end 

point. 

Action of diphenyl amine indicator: Diphenylamine first undergoes oxidation to colourless 

diphenyl benzidine which is the real indicator and undergoes reversible oxidation to violet 
diphenyl benzidine. The violet-coloured diphenyl benzidine undergoes further irreversible 

oxidation if allowed to stand with excess dichromate and finally forms red or yellow product. 

Chemical equation: 

Indicator: Diphenylamine as internal indicator. 

End point: Light green to ink blue. 

Procedure: Preparation of standard 0.1 N Mohr’s salt solution and Titration with Potassium 

dichromate solution. 

Wash the burette with distilled water. Rinse and fill the burette with potassium dichromate 

solution and note the initial reading. Pipette out 10 mL of standard Mohr’s salt solution in the 

conical flask. Add half test tube of 2N sulphuric acid and then add 2 ml phosphoric acid. Now 
add 2-3 drops of diphenylamine indicator. Swirl the flask for 2 minutes. Light green colour 

appears. Titrate with potassium dichromate solution until the colour changes to blue. Note the 

final reading of the burette. Repeat to get three concordant readings. 



 

 

 

117 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

Titration II: Titration of unknown Mohr’s salt solution against potassium dichromate solution: 

Wash the burette with distilled water. Rinse and fill the burette with potassium dichromate 
solution and note the initial reading. Pipette out 10 ml of unknown Mohr’s salt solution in the 

conical flask. Remaining procedure is same as in titration I 

Observation and calculation: 

Amount of Mohr’s salt required to prepare 100 𝑚𝐿 𝑜𝑓 N/20 Standard solution = w g 

Normality =  
𝒘𝒆𝒊𝒈𝒉𝒕 𝒐𝒇 𝑴𝒐𝒉𝒓𝒔 𝒔𝒂𝒍𝒕

𝑬𝒒𝒖𝒊𝒗𝒂𝒍𝒆𝒏𝒕 𝒘𝒆𝒊𝒈𝒉𝒕
×

𝟏𝟎𝟎𝟎

𝟏𝟎𝟎
 

1

20
=

w

392
×

1000

100
 

∴ w = 1.96 g 

Titration I: standard Mohr’s salt solution against given 𝐾2𝐶𝑟2𝑂7 solution. 

Table 5.17: Volume of standard Mohr’s salt in flask 𝑽𝟐=20 𝒎𝑳 

S No. Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 24.5 19.5 mL 

Titration II standardized 𝐾2𝐶𝑟2𝑂7 solution against given Mohr’s salt solution 

Table 5.18: Volume of given Mohr’s salt in flask 𝑽𝟒=20 𝒎𝑳 

S No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of 𝐾2𝐶𝑟2𝑂7  used 

(𝑉3𝑚𝐿) (F.R – I.R) 

1. 5.00 26.5 21.5 mL 

Titration 1: Using Normality equation 

𝑁1𝑉1(𝐾2𝐶𝑟2𝑂7) = 𝑁2𝑉2(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁1(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓𝐾2𝐶𝑟2𝑂7 ) = 𝑁2𝑉2/𝑉1 

𝑁2 =
1

20
, 𝑉2 = 20𝑚𝐿, 𝑉1 = 19.5 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.17 

∴  𝑁1 =
1

𝑉1
= 1/19.5 

Titration II: Using Normality equation 

𝑁3𝑉3(𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾2𝐶𝑟2𝑂7) =  𝑁4𝑉4(𝐺𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁4(𝐸𝑥𝑎𝑐𝑡 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) =
𝑁3𝑉3

𝑉4
 

𝑁3 = 𝑁1 =
1

19.5
, 𝑉4 = 20 𝑚𝐿, 𝑉3 = 21.5 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.18 

∴  𝑁4 =
𝑉3

20𝑉1
 = 21.5÷ 390 = 0.0551 



 

 

 

118 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡. = 0.0551 × 392
= 21.59 𝑔 /𝐿 

Result: The strength of given Mohr’s salt solution is found to be= 21.59 𝑔 /𝐿 

5.4.3.1 Notes: Preparation of solutions 

Mohr’s salt solution: Take 19.6 g of Mohr’ s salt and transfer it to measuring flask with funnel. 

Dissolve in 200 mL water. Add slowly 10mL of dilute sulphuric acid and make the solution to 1 

L with distilled water 

Potassium dichromate solution (N/20) :( Equivalent weight = 49) Weigh 2.45g of potassium 

dichromate and transfer to a measuring flask with the help of funnel. Dissolve in 200 mL of 

distilled water and make the volume to 1 L with the help of distilled water. 

Sulphuric acid (2N): [concentrated acid=36N]: Take 55.6 mL of concentrated sulphuric acid and 

add it slowly to 500 mL distilled water. Make up the volume to 1 L. 

Diphenylamine indicator: (0.5% diphenylamine in 90% sulphuric acid): Add slowly 90 ml of 
concentrated sulphuric acid to 10 mL of water. Then add this sulphuric acid to 0.5 g of diphenyl 

amine in small slots with stirring. 

Mohr’s salt solution should be light green in colour. A brown colour in the solution indicates 

oxidation of ferrous ions. 

Experiment 5.4.4.0 To determine the chemical oxygen demand (COD) of the given sample of 

water. 

Discussion. Chemical oxygen demand (COD) is the measurement of amount of oxygen in water 

(dissolved oxygen, DO) consumed for chemical oxidation of pollutants (organic matter). The 

organic waste present in water consume dissolved oxygen for decomposition causing complete 

depletion of DO leading to pose danger to aquatic life. Higher COD indicates more organic 
pollution in water. The organic matter present in the water sample is oxidized by potassium 

dichromate in the presence of sulphuric acid to produce CO2 and H2O. (Silver sulphate and 

mercuric sulphate are also added as catalyst and to reduce chloride ions respectively in the 
process). The quantity of K2Cr2O7 used is calculated volumetrically by titrating against a 

standard solution of Mohr's salt (ferrous ammonium sulphate). It is given by the difference in 

volumes of Mohr’s salt consumed in blank and sample titrations. The quantity of K2Cr2O7 used 
in the reaction is equivalent to the oxygen used to oxidize the organic matter of water sample 

i.e., COD. 

Chemical reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 +  4𝐻2𝑂 + 3[𝑂] 

2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4 + 𝐻2𝑆𝑂4 + [𝑂] → 𝐹𝑒2(𝑆𝑂4)3 +  2(𝑁𝐻4)2𝑆𝑂4 ] × 3 

 

𝐾2𝐶𝑟2𝑂7 + 6𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4 + 7𝐻2𝑆𝑂4

→ 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 3𝐹𝑒2(𝑆𝑂4)3 + 6(𝑁𝐻4)2𝑆𝑂4 + 4𝐻2𝑂 

Indicator: Ferroin 

End point: Appearance of reddish-brown colour 

Procedure: Refluxing: Take 10 mL of sample water into a round bottom reflux flask and add 
some glass beads to prevent bumping while refluxing. Add 1.0 mL of mercuric sulphate 
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solution, 15.0 mL silver sulphate solution and 5.0 mL K2Cr2O7solution and reflux the contents 

for 2Hrs using reflux condenser. (Figure 5.10) Cool the contents and rinse the condenser with 

25 mL distilled water; collecting in the same flask. 

 

Figure 5.10 

Titration I: Add 2-3 drops of ferroin indicator and titrate (whole solution of the flask) against 
0.025N Mohr’s salt solution taken in the burette. Continue adding Mohr’s salt till the end point 

i.e., appearance of reddish-brown colour. Note the volume of Mohr’s salt solution used. 

Titration II: Repeat for blank preparation in the same manner as in Titration I replacing sample 
water with distilled water and keeping all other parameters exactly same. Note the volume of 

Mohr’s salt solution used for blank titration. 

Calculations. 

Calculate COD by using the formula: 

𝐶𝑂𝐷 = (𝑉𝑏 − 𝑉𝑠) × 𝑁 × 𝐷𝐹 × 8 × 1000 ÷ 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑎𝑚𝑝𝑙𝑒 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛 𝑚𝐿 

 

Vb = Volume in mL of Mohr’s salt solution consumed during titration with blank preparation, 

say 25.6 mL 

Vs = Volume in mL of Mohr’s salt solution consumed during titration with sample preparation, 

say 23.8 mL 

N = Normality of Mohr’s salt solution (0.025N) 

DF = dilution factor, if applicable (DF = 1 for present experiment) 

Eq wt. of oxygen = 8 

Volume of sample water taken = 10.0 mL 

Factor 1000 is used to express the result as mg L-1 (ppm). 

𝐶𝑂𝐷 = (25.6 − 23.8) × 0.025 × 1 × 8 × 1000 ÷ 10 =
360

10
= 36 𝑝𝑝𝑚 
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Result. COD for the given sample of water is 36 ppm. 

5.4.4.1 Notes: 

Preparation of solutions 

K2Cr2O7 Solution: (0.025N): dissolve 1.225 g/L in a measuring flask. (Eq. Wt.= 49). 

Mohr’s salt solution:(0.025N): dissolve 9.8 g/L in the measuring flask. (Eq. Wt. =392). 

Mercuric sulphate :(HgSO4) solution: dissolve 0.1 g in 5.0 mL of conc. H2SO4. 

Silver sulphate (Ag2SO4) solution: dissolve 10.0 g in 500 mL conc. H2SO4 and dilute it to 1000 

mL by distilled water. Allow it to stand for 24 Hrs. 

Ferroin indicator: dissolve 3.5 g iron sulphate heptahydrate and 7.5 g phenanthroline 

monohydrate in 500 mL distilled water. 

Precautions: 

Mercuric sulphate solution should be handled with precaution as it is hazardous for skin, eyes 

and respiratory system It should not be drained in sinks. 

Avoid the release of ferroin indicator as it is dangerous to aquatic life. 

Mohr’s salt solution should be light green in colour. A brown colour in the solution indicates 

oxidation of ferrous ions. 

Silver sulphate solution should be kept covered and exposure to bright light should be avoided. 

It should be handled with care as it is corrosive (causes skin burns) and hazardous for 

environment. 

Silver nitrate (used for preparing silver sulphate) is an expensive chemical so should be used 

judiciously. 

5.5.0.0 Exercises 

5.5.1.0 Determine FeSO4.7H2O per litre of the given solution, volumetrically. It is about N/15. 

5.5.2.0 Determine volumetrically the g per litre of ferrous iron in the given solution ‘C’. It is 

approximately N/20. 

5.5.3.0 Determine the amount of sulphuric acid (H2SO4) and oxalic acid (H2C2O4) present in one 

litre of the solution ‘B’. 

5.5.4.0 Solution ‘F’ is obtained by dissolving a mixture of potassium bisulphate and oxalic acid. 

Determine volumetrically the number of g of each in one litre of the given solution. [Hints -pot. 

bisulphate, KHSO4 is acidic, proceed as in 3 above] 

5.5.5.0 Solution ‘E’ contains 6.8 g of a mixture of sodium oxalate and hydrated oxalic acid per 

litre. Find by a volumetric method the percentage composition of the mixture. 

5.5.6.0 Find out volumetrically the percentage of ferrous sulphate (FeSO4.7H2O) and oxalic acid 
(H2C2O4.2H2O) in the given mixture, 10 g of which have been dissolved in one litre of the 

solution ‘A’. 

5.5.7.0 Determine volumetrically the number of grams of ferrous oxalate, FeC2O4 dissolved per 

litre in solution 'C'. 

5.5.8.0 Determine ferrous and ferric iron per litre of the given solution volumetrically. 

Approximate strength of the solution is N/15 to N/20. 
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5.5.9.0 Determine the percentage of manganese dioxide in the given specimen of pyrolusite. 

5.5.10.0 Estimate volumetrically the available oxygen in the given sample of pyrolusite. 

5.5.11.0 Determine the amount of ferrous sulphate, FeSO4.7H2O per litre of the given solution. 

You are supplied with a sample of pure potassium dichromate. 

5.5.12.0 Determine the percentage of iron in the given iron wire. 

5.5.13.0 Determine the amount of K2Cr2O7 in the given solution volumetrically. The given 

solution is approximately N/25. 

5.5.14.0 Determine volumetrically the amount in grams of ferric ion present in one litre of the 

given solution ‘D’. You are provided with N/20 pot. dichromate solution. 

5.5.15.0 Determine the amount of ferric alum, (NH4)2SO4.Fe2(SO4)3.24H2O per litre in the given 

solution ‘B’. Provided N/20 pot. dichromate. 

5.5.16.0 Determine ferrous and ferric iron in the given solution by titration with pot. 

dichromate. 

5.5.17.0 The given solution ‘C’ has been made by dissolving 25 g of a double sulphate of iron 

(ferrous) and potassium after careful desiccation. Find the formula of the double salt. Provided 

N/10 potassium dichromate. 

5.5.18.0 The given solution contains 4.4460 g per litre of the dichromate of an alkali metal M, 

M2Cr2O7. Determine the atomic weight of M by a volumetric method, Provided N/10 ferrous 

ammonium sulphate solution. 

5.6.0.0 Model Problems 

5.6.1.0 20 mL of a solution of ferrous sulphate required for complete oxidation 20.58 mL of 

0.105N pot. permanganate solution. Find the normality and number of grams per litre of 

FeSO4.7H2O in the solution. (Ans. 0.108N, 30.03 g) 

5.6.2.0 20 mL of 0.096N KOH consumed, for complete neutralization, 17.15 mL of a solution 

containing sulphuric acid and oxalic acid (H2C2O4). 20 mL of the acid mixture was titrated and 

used 20.45 mL of 0.062N KMnO4 Calculate the amount of each present per litre of the solution. 

(Ans. H2SO4=1.764 g, H2C2O4=3.420 g) 

5.6.3.0 The given solution contains a mixture of pot. bisulphate (KHSO4) and hydrated oxalic 

acid. (H2C2O4.2H2O). It was titrated first with0.102N KOH and then with 0.055N KMnO4. 20 
mL of the alkali Needed 22.5 mL of the mixture solution for complete neutralization of the 

acids. 20 mL of the solution consumed 17.65 mL of the permanganate solution. What is the 

percentage composition of the mixture? (Ans. Pot. bisulphate=65.19, Oxalic acid=34.81) 

5.6.4.0A solution contains 6.8 g per litre of a mixture of sod. oxalate and hydrated oxalic acid. 
30 mL of this solution required 19.28 mL of 0.108N KMnO4 solution for complete oxidation. 

Find the percentage composition of the mixture. (Ans. Sod. oxalate= 61.08, oxalic acid=38.92) 

5.6.5.01.2915 g ferrous oxalate, FeC2O4.2H2O was dissolved in dilute sulphuric acid and the 
solution diluted to 250 mL. 20 mL of this solution on titration, used 14.43 mL of 0.112N 

KMnO4. Determine the percentage purity of the sample. (Ans. 99.27) 

5.6.6.0 20 mL of a solution containing 10 g per litre of a mixture of ferrous sulphate 
(FeSO4.7H2O) and oxalic acid (H2C2O4.2H2O) on titration consumed 21.43 mL of 0.056N 

KMnO4. Find the percentage of each constituent in the mixture. (Ans. Ferrous sulphate=83.66, 

Oxalic acid=16.34) 
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5.6.7.0 20 mL of a solution containing ferrous and ferric sulphate required 17.25 mL of 0.12N 

KMnO4 for oxidation of the ferrous ion. 100 mL of the solution was subjected to reduction with 
zinc dust and sulphuric acid and the volume made up to 250 mL. The given pot. permanganate 

solution was also diluted with an equal volume of water. 20 mL of the reduced iron solution 

consumed 26.20 mL of the diluted permanganate for complete oxidation. Determine the amount 

of each of the ferric and ferrous ions per litre of the original solution. (Ans. Fe(ic):5.770 g; 

Fe(ous):5.314 g) 

5.6.8.0 1.0220 g powdered pyrolusite (MnO2) was boiled with 50 mL 1N oxalic acid and 50 mL 

of dil. sulphuric acid. When the action was complete, the solution was cooled and diluted to 250 
mL. 2 mL of this solution needed 22.46 mL of 0.1N KMnO4 for titration. Calculate the 

percentage of the MnO2 in the sample and the available oxygen in it. (Ans.MnO2=89.8; 

available O=16.51) 

5.6.9.0 1.6120 g of an iron wire was dissolved in dil. H2SO4 and the solution was made up to 

250 mL. 20 mL of this solution required 21.75 mL of 0.105N pot. dichromate solution for 

titration. Find percentage purity of the wire. (Ans. 99.5) 

5.6.10.0 20 mL of N/25 ferrous ammonium sulphate, on titration required 17.65 mL of the given 

solution of pot. dichromate. Find the amount of the pot. dichromate per litre. (Ans. 2.221 g) 

5.6.11.0 A solution contains 20.5 g per litre of ferric sulphate. 20 mL of this solution after 

reduction with SnCl2, consumed 17.86 mL of 0.112N K2Cr2O7 for complete titration. Calculate 

the percentage of iron in the ferric salt. (Ans. 27.13) 

5.6.12.0 A solution contains 15 g per litre of a carefully desiccated double sulphate of potassium 

and iron (ferrous). 20 mL of this solution consumed 19.15 mL of a solution containing 2.33 g 

per litre of potassium dichromate. Determine the formula of the double salt. (Ans. K2S04.FeSO4) 

5.6.13.0 The given solution contains 4.4460 g per litre of the dichromate of an unknown alkali 

metal M. M2Cr2O7. 20 mL of 0.106N ferrous ammonium sulphate solution consumed 20.85 mL 

of the given dichromate solution. Calculate the atomic weight of the metal and ascertain what it 

is. (Ans. 23.31; Na) 

5.7.0.0. VIVA QUESTIONS 

5.7.1.0 Permanganate titrations. 

1. What are redox titrations? What are their types? 

The redox titration is also known as oxidation reduction titration. In these titrations the chemical 

reaction takes place with the transfer of electrons in the reacting ions in solution. These 

titrations involve different titrants and are named after the titrant used as shown in the following 

table: 

TYPE OF REDOX TITRATION NAME OF THE TITRANT USED 

Permanganometry Potassium permanganate 

Dichrometry Potassium dichromate 

Iodimetry Iodine 

Iodometry Sodium thiosulphate 

Cerimetry 

 

Cerium (IV) salts 
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2.What are redox indicators? What are their characteristics? 

A substance that can be reversibly oxidized and reduced and has distinct colour in the individual 
oxidized and reduced forms. A redox indicator undergoes colour change at specific redox 

potential. (Refer Table 5.11) 

𝐼𝑛𝑜𝑥 + 𝑛(𝑒 −) ⇆ 𝐼𝑛𝑟𝑒𝑑  

𝐼𝑛𝑟𝑒𝑑 ⇆  𝐼𝑛𝑜𝑥 + 𝑛(𝑒 −) 

3.Which classes of compounds are useful as redox indicators? 

Two classes of compounds are useful as redox indicators: 

Metal organic complexes: These change colour as the metal changes its oxidation state like 

phenanthroline 

True Organic redox compounds: In these indicators, a proton participates in the redox reaction 

like methylene blue. 

Redox indicators are also divided into general groups as 𝑝𝐻 dependent indicators and 𝑝𝐻 

independent indicators. 

4. What is the difference between internal and external redox indicator? Explain with example. 

Internal indicator: The indicator which is added to the solution and also takes part in the reaction 
is called an internal indicator. Example: N-phenyl anthranilic acid and diphenylamine used as 

internal indicators in dichromate titrations. 

External indicator: The indicators which are not added to the solutions and do not take part in 
the reaction, but simply indicate the end point Example: Potassium ferricyanide indicator used 

in the titration of ferrous ions with potassium dichromate. Near the end of the reaction drops of 

reaction mixture are brought in contact with the indicator solution on a spot plate. End point is 

reached when the reaction mixture drop fails to give the blue colour. 

5.Define self-indicator? Why KMnO4   acts as self-indicator? 

Ans: Potassium permanganate is a dark purple coloured solution and in acidic medium it acts as 

a good oxidizing agent. It is a titrant in the redox titrations and taken in the burette. When the 
redox rection is complete, potassium permanganate changes to colourless manganese sulphate. 

The dark purple coloured permanganate ions are reduced to colourless manganous ions (Mn2+) 

in the flask. 

Now at this point even a single drop of potassium permanganate added from the burette gives a 

light pink colour indicating the end point of the titration. So potassium permanganate titrations 

do not require an indicator. 

𝐾𝑀𝑛𝑂4(Violet) + 𝐹𝑒2+ + 𝐻+ → 𝑀𝑛2+(𝑐𝑜𝑙𝑜𝑢𝑟𝑙𝑒𝑠𝑠) + 𝐹𝑒3+ 

6. Why freshly prepared starch solution used as an indicator in iodometric and iodimetric 

titration is not classified as a redox indicator? 

Freshly prepared starch solution is used as an indicator for those titrations which involve iodine 
because starch forms an intense blue coloured complex with iodine. Starch is not a redox 

indicator because it responds specifically to the presence of iodine and not to the change in 

redox potential. 

7. Why is it necessary to heat the contents of flask in the titration between oxalic acid and 

potassium permanganate? 
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Ans: Heating the flask is necessary to expel the carbon dioxide formed during the reaction 

which does not allow the reaction to go to completion. Heating is also necessary to speed up the 

formation of Mn2+ ions which auto catalyse the reaction. 

8. Why sometimes a brown-coloured precipitate is formed in permanganometric titration? 

When the oxidation of potassium permanganate is not complete due to insufficient amount of 

sulphuric acid, brown coloured precipitate (MnO2.H2O ) is formed This occurs mainly when the 

𝑝𝐻 of the solution is greater than 8. 

2𝐾𝑀𝑛 𝑂4 + 𝐻2𝑂 → 2𝐾𝑂𝐻 + 2𝑀𝑛𝑂2 + 3[𝑂] 

9. Potassium permanganate is not a primary standard. How is it standardized? 

Potassium permanganate is standardized by titration with sodium oxalate which is a primary 

standard. 

10. How is 0.1 N potassium permanganate solution prepared? 

Dissolve about 3.2 g of potassium permanganate (M. Wt.=158.04) in 1L of water and allow the 
solution to stand at room temperature for 2 days. Filter the liquid through sintered glass crucible 

to remove any solid MnO2. Transfer the filtrate to a clean glass stoppered bottle and protect it 

from evaporation and strong light. 

10. Which method is used for redox titration in the absence of suitable indicator? 

Potentiometric method is used in the absence of suitable indicator to carry out the redox 

titration. It is a physio -chemical method applied for very dilute solutions and even for coloured 

solutions. 

11. What is the equivalent weight of KMnO4 when it acts as an oxidizing agent in the presence 

of acids? 

KMnO4 loses 5 electrons per molecule when it acts as oxidizing agent in the presence of acids. 

So, its equivalent mass is one fifth of its molecular mass. 

Equivalent mass=Molecular mass/5 

=158/5=31.6 

12.Why solution of potassium permanganate is boiled, cooled and filtered before being used as 

a titrant? 

Solution of potassium permanganate even if prepared in distilled water has MnO2  as one of the 

degradation products. To prevent this degradation, potassium permanganate is dissolved in pure 
distilled water, then boiled for 20-30 minutes, cooled at room temperature and filtered. This 

process helps to remove any kind of impurities. 

13.Why acidic medium is required to carry out redox titrations with potassium permanganate? 

In acidic medium the reduction potential value of potassium permanganate is high (+1.51V) and 

it gains 5e-, so acts as good oxidizing agent in acidic medium. 

𝑆𝑡𝑟𝑜𝑛𝑔 𝑎𝑐𝑖𝑑𝑖𝑐 𝑚𝑒𝑑𝑖𝑢𝑚: 𝑀𝑛𝑂4
− + 8𝐻+ + 5𝑒− ⇄ 𝑀𝑛2+ + 4𝐻2𝑂 ; 𝐸0 = +1.51𝑉 

14.Why potassium permanganate is not a primary standard? 

Potassium permanganate is not a primary standard because it is difficult to obtain it in pure form 

and free from manganese dioxide. 
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15.Why does a solution of potassium permanganate on reduction gives either colourless or 

green solution or a brown precipitate? 

Potassium permanganate is a strong oxidizing agent which undergoes reduction in all the three-

medium acidic, basic and neutral. So, the colour at the end of reaction depends on the pH of the 

medium. 

When pH <7 (Acidic medium) 𝑀𝑛𝑂4
− + 8𝐻+ + 5𝑒− ⟶ 𝑀𝑛2+(𝑐𝑜𝑙𝑜𝑟𝑙𝑒𝑠𝑠) + 4𝐻2𝑂 

When Ph>7 (Basic medium) 𝑀𝑛𝑂4
− + 𝑒− ⟶ 𝑀𝑛𝑂4

2−(𝐺𝑟𝑒𝑒𝑛 𝑐𝑜𝑙𝑜𝑟) 

When Ph=7(Neutral medium) 𝑀𝑛𝑂4
− + 2𝐻2𝑂 + 3𝑒− ⟶ 𝑀𝑛𝑂2(𝐵𝑟𝑜𝑤𝑛 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒) + 4𝑂𝐻− 

5.7.2.0 Potassium dichromate titrations: 

1.What is dichrometry? 

The redox titrations which are carried out using potassium dichromate as the titrant and 

oxidizing agent are called potassium dichromate titrations or dichrometry. 

2. Why potassium dichromate is a primary standard? 

Potassium dichromate is used as a primary standard because it is available in highly pure state 

and its solutions in water are highly stable to light, to most organic matter and to chloride ions. 

3. What is the disadvantage of using potassium dichromate as a titrant in redox titrations as 

compared to potassium permanganate? 

Potassium dichromate is an orange-coloured compound and during the redox reaction it changes 

to green coloured product. Formation of this product makes it impossible to ascertain the end 
point of dichromate titration by simple visual inspection of the solution. So, an indicator is 

required in these titrations unlike potassium permanganate titrations. 

Moreover, it acts as an oxidizing agent only in acidic medium. Potassium dichromate is not as 

powerful oxidizing agent as potassium permanganate. 

4. What chemical reaction occurs when potassium dichromate is reduced in a redox titration 

with ferrous salt? 

𝐾2𝐶𝑟2𝑂7 ⇄ 2𝐾+ +  𝐶𝑟2𝑂7
− 

𝐶𝑟2𝑂7
−  + 6𝐹𝑒2+ +  14 𝐻+ → 2𝐶𝑟3+ + 6𝐹𝑒3+ + 7𝐻2𝑂 

5. What is the titrant and main analyte in dichromatometry? 

The titrant is potassium dichromate and main analyte is ferrous ions. 

6. Which type of indicator is best for dichromatometry? 

External indicator is the best type of indicator that can be used in dichromatometry. 

7. What are main steps in dichromatometry using external indicator? 

Step 1: Take the analyte (Fe2+) in the flask. 

Step II: Add sulphuric acid to make the medium acidic 

Step III Titrate with standard potassium dichromate solution taken in the burette. 

Step IV Take drops of this solution on a spot plate at regular intervals and treat them with 

external indicator which is potassium ferricyanide. 



 

 

 

126 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

Step V Initially when ferrous ions are present in the solution, the indicator drop will give 

Prussian blue colour with this solution on the spot plate. 

Step VI When all the ferrous ions have been oxidized by potassium dichromate the end point is 

shown by disappearance of blue colour on the spot plate. 

Step VII Note the final reading of the burette when end point is reached. 

Alternately if spot plate is not available, drops of indicator are put on a clean white tile and then 
at regular intervals a clean glass rod is dipped in the solution in flask and touched with one 

indicator drop. Initially a blue colour appears but as the reaction proceeds the colour disappears. 

8. What is meant by equivalent weight of an oxidizing agent? How is it calculated for potassium 

dichromate? 

Equivalent weight of an oxidizing agent is equal to the molecular weight divided by number of 

electrons gained during the redox reaction. It is calculated by the formula: 

Equivalent weight of an oxidizing agent= Molecular weight /Number of electrons gained. 

Potassium dichromate acts as an oxidizing agent in acidic medium and therefore undergoes 

reduction i.e., gain of electrons. 

𝐶𝑟2𝑂7
2− + 14𝐻+ + 6𝑒− → 2𝐶𝑟3+ + 7𝐻2𝑂 

Molecular weight of potassium dichromate is 294 and since in redox reaction it gains 6 (e-) 

So, equivalent weight =294/6 = 49 

9. Which indicators are used as internal indicators in potassium dichromate titrations? 

N- phenyl anthranilic acid, diphenylamine, Ferroin. 

10. What is the role of phosphoric acid in the titration of ferrous ammonium sulphate with 

potassium dichromate when diphenylamine is used as an indicator? 

The reaction of potassium dichromate with Mohr’s salt is a redox reaction in which the 

Potassium dichromate undergoes reduction to Chromium sulphate and Ferrous sulphate is 

oxidized to ferric sulphate. The end point is detected with the help of internal indicator 
diphenylamine which shows a colour change from green to violet. The reduction potential value 

of diphenylamine is +0.76 V, which is close to the reduction potential value of Fe3+ /Fe2+ system 

+0.77 V. Phosphoric acid is required in this titration as it forms a complex with ferric ions and 
lowers the formal potential of Fe3+/Fe2+ system, thereby increasing the reducing power. Thus, 

the end point is sharper. 

11.Why N phenyl anthranilic acid is a more suitable indicator for the determination of ferrous 

ions with dichromate? 

The redox potential value of N-phenyl anthranilic acid is 1.08 which is intermediate between the 

E0 value of Fe3+/Fe2+ system 0.77 and E0 value of Cr2O7
2-/Cr3+ system which is 1.36. So, the 

colour change at end point is sharp. 

12. Why sulphuric acid is used in dichromate titrations to make the medium acidic? 

13.Why hydrochloric and nitric acid cannot be used? 

Ans: The oxidizing action of potassium dichromate depends on the 𝑝𝐻  of the solution and in 
this reaction the change of Cr(+7) to Cr(+3) requires a lot of acid .In sulphuric acid the sulphur 

atom has highest oxidation state of +6 and cannot be further oxidized. In case of hydrochloric 
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acid, the chloride ion can be oxidized to chlorine by the titrant, resulting in erroneous titre value. 

Nitric acid is itself a strong oxidizing agent and can cause the oxidation of analyte, thereby 

causing erroneous titre value. 

14. Why sometimes a brown precipitate is formed in the titration of Mohr’s salt with Potassium 

dichromate? 

Mohr’s salt solution is directly prepared in water and the aqueous solution contains ferrous ions 
which is the active redox species in the compound. These ferrous ions in aqueous solution are 

highly susceptible towards hydrolysis resulting in formation of brown precipitate of ferrous 

hydroxide. 

[𝐹𝑒(𝐻2𝑂)]6 ⇋ 𝐹𝑒(𝑂𝐻)2(𝐵𝑟𝑜𝑤𝑛 𝑝𝑝𝑡) +  4𝐻2𝑂 + 𝐻+ 

 

 

 

 

 

 

 

“It doesn’t matter how beautiful your theory is, it doesn’t matter how smart you are. If it 

doesn’t agree with experiment, it’s wrong”. Richard P. Feynman 

 

 

 Year 2019 was celebrated as International Year of Chemistry to commemorate 150 years of 

Periodic table and 100 years of IUPAC. 
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IODINE TITRATIONS 
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6.1.0.0 Introduction and types of iodine titrations: In this Chapter we will be discussing the 

third type of redox titration iodine titrations. The redox titrations using iodine directly or 
indirectly as an oxidizing agent are called iodine titrations. These are of two types: Iodimetry 

titration and Iodomety titration. In both these titrations iodine is used as an oxidizing agent and 

the titrations are carried out in neutral or slightly acidic medium using starch as an indicator. 

The use of iodine as a titrant has two disadvantages. Firstly, iodine is less soluble in water and 
secondly it is volatile in nature. In order to overcome these disadvantages, solution is made in 

KI as it forms soluble triiodide ion with iodine. 

𝐼2 + 𝐼− ⇄ 𝐼3
− 

𝐼3
− 𝑎𝑐𝑡𝑠 𝑎𝑠 𝑡ℎ𝑒 𝑜𝑥𝑖𝑑𝑖𝑧𝑖𝑛𝑔 𝑎𝑔𝑒𝑛𝑡 ; 

𝐼3
− + 2𝑒(−) ⇄ 3𝐼−; 𝐸0 = 0.536𝑉 

Iodine is a much weaker oxidizing agent with reduction potential value 0.536V as compared to 
potassium permanganate and potassium dichromate. This value of redox potential is 

independent of the 𝑝𝐻 of the solution up to a value of 𝑝𝐻  9.At higher 𝑝𝐻 (in basic medium) 

iodine reacts with hydroxide ions to produce iodide and iodate(I) ions. The commonly used 

reducing agent for iodine titrations is sodium thiosulphate, commonly called hypo and having 

molecular formula 𝑁𝑎2𝑆2𝑂3. 

𝑂𝑥𝑖𝑑𝑎𝑡𝑖𝑜𝑛 ℎ𝑎𝑙𝑓 𝑟𝑒𝑎𝑐𝑡𝑖𝑜𝑛:2𝑆2𝑂3
2−(𝑎𝑞) ⇄ 𝑆4𝑂6

2−(𝑎𝑞) + 2𝑒− 

𝑅𝑒𝑑𝑢𝑐𝑡𝑖𝑜𝑛 ℎ𝑎𝑙𝑓 𝑟𝑒𝑎𝑐𝑡𝑖𝑜𝑛: 𝐼2 + 2𝑒− ⇄ 2𝐼−(𝑎𝑞) 

In the above reaction between sodium thiosulphate and iodine, iodine is being reduced 
(oxidation state 0 in I2 to -1 in NaI) and sodium thiosulphate is being oxidized (oxidation state 

+2 in Na2S2O3 to +2.5 in Na2S4O6) This is the basic redox reaction of all iodine titrations. 

Actually, it is the triiodide ion that reacts with the thiosulphate to yield iodide and tetrathionate.  

2𝑆2𝑂3
2− + 𝐼3

− ⇄  𝑆4𝑂6
2− + 3𝐼− 

However, whether we consider iodine molecule (I2) 

or the triiodide ion( 𝐼3
−) the reduction process involves the gain of same number of electrons i.e., 

2. 

In strong acidic medium copper sulphate and potassium dichromate can act as oxidizing agents 
and oxidize iodide to iodine. Here iodide acts as strong reducing agent and is reducing copper 

ions from +2 state in copper sulphate to +1 state in cuprous iodide (Cu2I2) 

𝐶𝑢𝑆𝑂4 + 4𝐾𝐼 → 𝐶𝑢2𝐼2 + 2𝐾2𝑆𝑂4 + 𝐼2 

The liberated iodine can be used as oxidizing agent for titration with hypo (sodium 

thiosulphate). 

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Depending on whether iodine solution is directly being used or indirectly; iodine titrations are of 

two types: Iodimetry and iodometry 

IODIMETRY: 

Standard iodine solution is used as an oxidant 

and titrated directly against the reducing agent 

IODOMETRY: 

In this case some oxidizing agent liberates 

iodine from an iodide solution and then 
liberated iodine is titrated against the reducing 

agent. 
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Also called direct iodine titration Also called indirect iodine titration. 

Carried out in slightly acidic or neutral 

medium 

Carried out in slightly acidic or neutral 

medium 

Iodine solution is made with KI since 

solubility of iodine in water is slow. 

Iodine solution titrated with Reducing agent 

generally sodium thiosulphate solution 

Solid KI is directly added to the oxidizing 

agent to liberate iodine. 

KI +Oxidizing agent Iodine solution which is 
titrated with reducing agent generally sodium 

thiosulphate 

Iodine solution should be taken in amber 
coloured flask and the stock solution should be 

kept in dark. 

 

When KI is added to the oxidizing agent, the 
reaction is slow and mixture has to be kept in 

dark for some time before titration so that the 

reaction is completed. Enough KI is required 

for completion of reaction. 

In iodimetry titration indicator starch solution 

can be added at the beginning of the titration if 

iodine solution is taken in the burette. 

Since liberated iodine as solution is always 

present in the titration flask, the indicator is 

not added in the beginning of titration but is 

added close to the end point. 

6.1.1.0: Primary and secondary standards in iodine titrations: 

Sodium thiosulphate, commonly called hypo is the main reducing agent in both types of iodine 
titrations. It is prepared by dissolving hydrated sodium thiosulphate sample in required amount 

in distilled water. Although its aqueous solution remains stable for 3-4 days but still 

standardization of the solution should be done before use because it is not a primary standard. 
The common form of sodium thiosulphate Na2S2O3.5H2O is not highly pure to be used as 

primary standard and its concentration changes with time. Instead, sodium thiosulphate is 

usually standardized by reaction with fresh solution of triiodide prepared from potassium iodate 

and potassium iodide. The prepared solution of sodium thiosulphate can undergo some bacterial 
or aerial decomposition with passage of time but it can be used after re standardization. 

Thiosulphate solutions once prepared should be stored in the dark. Addition of 0.1g of sodium 

carbonate per litre maintains the Ph in optimum range for stability. To prevent bacterial growth 

2-3 drops of chloroform can also be added to the solution. 

Iodine solution which is used directly in the iodimetric titrations is insoluble in water and 

volatile in nature. It is prepared by first forming a paste of solid iodine in solid potassium iodide 

and then dissolving in distilled water. Sublimed iodine is pure enough to be used as primary 
standard but due to its volatility it is seldom used as a standard. Instead, it’s approximate 

amount is weighed and the triiodide solution is standardized before being used as titrant. It is 

standardized with sodium thiosulphate solution. 

Potassium iodate solution can be used as a primary standard and it gives more precise results 

when used in place of iodine solution. Potassium iodate (KIO3) is more stable and primarily 

used as a source of iodine which is liberated in the presence of iodide ion and acid. 

𝐼𝑂3
− + 5𝐼− + 6𝐻+ → 3𝐼2 + 3𝐻2𝑂 

6.1.2.0 Indicator for iodine titrations: 

A dilute solution of iodine(triiodide) is pale yellow in colour, more concentrated solution is 

brown in colour and iodide is colourless. It is possible to use the dilute iodine solution as a self-

indicator if all other components of the titration are colourless but in practice starch is used as 
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indicator for a sharp colour change at the end point. Starch reacts with iodine to form a blue 

coloured complex even at low concentrations of iodine. 

A freshly prepared solution of starch solution (preferably potato starch) has to be used because 

it gets decomposed with passage of time. 

Starch forms a water insoluble complex with iodine, so it cannot be added to the titration flask 

in the beginning of titration if iodine solution has been taken in the titration flask. This is the 
case in iodometric titrations where iodine is being liberated in the flask and is present in high 

concentration in the beginning. For iodimetric titration, the iodine solution can be taken in the 

burette and addition of first drop of excess iodine from the burette in the titration flask turns the 
solution dark blue and gives the end point accurately. In iodimetry starch solution as indicator 

can be added at the beginning of the titration in the flask. 

Another feature of starch solution is that it is not a redox indicator and it does not respond to a 

change in redox potential. 

6.1.3.0 Equivalent weights of some compounds used in iodine titrations: 

Substance Formula Equivalent weight 

Iodine I2 253.84/2= 126.92 

Hydrated sodium thiosulphate Na2S2O3.5H2O 248.19/1=248.19 

Anhydrous sodium 

thiosulphate 
Na2S2O3 158.09/1=158.09 

Copper sulphate hydrated CuSO4.5H2O 249.68/1=249.68 

Potassium iodate (In 

moderately acidic medium) 

KIO3 214/6 =35.6 

Potassium iodate (In strongly 

acidic medium) 
KIO3 214/4 = 53.50 

Potassium dichromate K2Cr2O7 294/6 = 49 

6.1.4.0 Sources of error and precautions in iodine titrations: 

6.1.4.1 Iodine solution is volatile, so there is possibility of loss of iodine during the titration. So, 

to avoid this error, proper precautions like covering the flask with watch glass not delaying the 

titration process unnecessarily should be taken. 

6.1.4.2 The reaction should not be performed in direct sunlight to avoid error due to aerial 

oxidation. 

6.1.4.3. In iodometry proper amount of KI should be added to get the triiodide ion which is less 

volatile. 

6.1.4.4 Starch solution to be used as indicator decomposes with time. So, a fresh solution of 

indicator should be prepared for correct detection of end point. 

6.1.4.5 In iodimetry when iodine solution is taken in the burette, upper meniscus should be read. 

6.1.4.6 In iodometry pH of the solution should be maintained. In the estimation of copper 

sulphate by iodometry, pH of 4-5.5 has to be maintained. 
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6.1.4.7 While noting down the readings from burette read the appropriate meniscus (upper for 

iodine solution and lower for hypo). 

6.1.4.8 In the analysis of antimony, poisonous tartar emetic solution should be taken in the 

burette as a precautionary measure and while preparing solution of tartar emetic care should be 

taken to use gloves and safety goggles as it can harm the skin and eyes. 

6.1.4.9 Use the iodine solution carefully as it stains the skin and can be harmful for eyes. 

6.1.4.10 Always use stoppered glass apparatus for keeping iodine solution and swirl the flask 

continuously when iodine is being added to the flask in iodimetry titrations. 

6.2.0.0 EXPERIMENTS 

Experiment 6.2.1.0: To determine the strength in g/L of a given solution of copper sulphate. 

Provided approximately N/20 sodium thiosulphate solution. Prepare a standard solution of 

copper sulphate pentahydrate (N/20) for standardizing the given sodium thiosulphate solution. 

Discussion: The strength of copper sulphate solution is determined by iodometric method. 

When KI is added to a solution of copper sulphate a white cuprous iodide (Cu2I2) is precipitated 

and an equivalent amount of iodine is liberated. The free liberated iodine is titrated with 

standard solution of hypo, using freshly prepared starch solution as the indicator. As soon as the 
liberated iodine has been reduced to NaI by sodium thiosulphate, the blue colour of iodine 

starch complex will disappear and white precipitate of Cu2I2 will appear in the titration flask as 

the end point. In this experiment hypo solution is standardized in the first titration (Titration I) 
and then standardized hypo solution(titrant) is titrated with given copper sulphate 

solution(analyte) in second titration (Titration II). So, this experiment is an example of double 

titration. 

Chemical reactions (Titration I and Titration II) 

𝐶𝑢𝑆𝑂4 + 4𝐾𝐼 → 𝐶𝑢2𝐼2 + 2𝐾2𝑆𝑂4 + 𝐼2 

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Indicator: Freshly prepared starch solution (Titration I and titration II) 

End point: Blue to white precipitate (Titration I and titration II) 

Procedure: Preparation of standard known N/20 CuSO4.5H2O solution: Weigh the calculated 

amount of copper sulphate (1.25 g) accurately and transfer it to 100 mL standard titration flask. 
Add 10 mL glacial acetic acid and make the volume up to 100 ml with distilled water. Stopper it 

and shake well. 

Titration I: Titration of standard CuSO4.5H2O solution against given sodium thiosulphate 

(Na2S2O3) solution. Wash, rinse and fill the burette with given sodium thiosulphate solution 
(hypo solution). Note the initial reading of the burette. Pipette out 25ml of known standard 

copper sulphate solution in a clean titration flask. Add a pinch of sodium carbonate or 1:1 

Ammonia solution till turbidity is obtained. Then add few drops of 2N acetic acid solution just 
to remove turbidity and get clear solution. Add a pinch of solid KI or 5ml of 10% KI solution. 

Stopper the flask and keep it in dark place. The reaction mixture takes 2-3 minutes to complete 

and liberate brown coloured iodine. Titrate this liberated iodine in flask with hypo solution 

taken in the burette. Add hypo solution till pale yellow (straw yellow) colour is obtained in the 
flask. Now add 2 drops of freshly prepared starch solution as indicator. A blue colour is 

obtained. Now again add hypo solution from the burette till the solution in the flask starts 

fading. At this point add 2ml of ammonium thiocyanate or potassium thiocyanate solution. Blue 
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colour instantly becomes intense. Add more hypo from the burette till the solution becomes 

colourless and a white precipitate is obtained in the flask. Note the final reading of the burette. 

Repeat the titration to get three concordant readings. 

Titration II: Titration of unknown given copper sulphate solution against the standardized hypo 

solution: Repeat the above titration with the given solution of copper sulphate till three 

concordant readings are obtained. 

Observation and Calculation 

Preparation of standard N/20 CuSO4 Solution (100 𝑚𝐿): 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 100 

1

20
= 𝑤 × 1000 ÷ 249.678 × 100 

∴ 𝑤 = 1.25 𝑔 

Accurately weigh 1.25 g copper sulphate and dissolve in 100 𝑚𝐿 of distilled water to get 

standard 1/20 N solution. This solution is used for titration I. 

Titration I: Hypo (𝑁𝑎2𝑆2𝑂3) against Standard copper sulphate solution 

Standard copper sulphate solution in the flask = 20 𝑚𝐿 

Table 6.1 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 24.00 19.00 𝑚𝐿 

Titration II: Hypo (𝑁𝑎2𝑆2𝑂3) against given copper sulphate solution. 

Given copper sulphate solution in the titration flask =20 𝑚𝐿 

Table 6.2 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 5.00 28.00 23.00 𝑚𝐿 

Calculation Titration I: Standardizing the given hypo solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1(𝑁𝑎2𝑆2𝑂3) = 𝑁2𝑉2(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐶𝑢𝑆𝑂4 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁1 =  𝑁2𝑉2/𝑉1 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁2 =
1

20
 , 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑉1 = 19.00 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.1 

𝑁1 = 1/19 
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The normality of hypo  𝑁1 calculated from this equation is used in next step to calculate the 

normality of given copper sulphate solution. 

Calculation Titration II: Normality of given copper sulphate solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1 𝑉1
′(𝑁𝑎2𝑆2𝑂3) = 𝑁3𝑉3(𝐺𝑖𝑣𝑒𝑛 𝐶𝑢𝑆𝑂4 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁3 =
𝑁1𝑉1

′

𝑉3
 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁1 =
1

19
, 𝑉1

′ = 23 (𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.2 )𝑎𝑛𝑑 𝑉3 = 20 𝑚𝐿 

𝑁3 = 0.060 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝐶𝑢𝑆𝑂4 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.060 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛  𝐶𝑢𝑆𝑂4 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁3 × 𝐸𝑞. 𝑤𝑡 = 0.060 × 249.678 = 14.98 𝑔/𝐿 

Result: The strength of given CuSO4.5H2O solution is found to be = 𝑥 𝑔/𝐿 

6.2.1.1 Notes: 

Preparation of solutions: 

N/20 Sodium thiosulphate (Na2S2O3.5H2O) [Molar mass of Sodium Thiosulphate 
=248.18g/mol] Dissolve 12.4 g of sodium thiosulphate in distilled water and make the solution 

up to 1L. To minimize bacterial activity, add 0.1 g of sodium carbonate which maintains  𝑝𝐻 

level at 9-10 

N/20 Copper sulphate (CuSO4.5H2O) [Molar mass of copper sulphate =249.678g/mol] Weigh 
12.485 g of CuSO4.5H2O and add 10ml of glacial acetic acid. Make up the volume to 1Lt with 

distilled water. 

Starch solution (1%): Make a paste of 0.1 g of starch with little cold water and add this paste 
with constant stirring to 100ml of boiling water. Boil for 1-2 minutes and allow the solution to 

cool. Add 2-3 g of solid KI. Keep the solution in a stoppered bottle. 

10%Potassium iodide solution (KI) [Molar mass of KI :166.0028 g/mol] Dissolve 100g of KI in 

distilled water and make the solution 1L with distilled water. 

10%Ammonium thiocyanate solution (NH4SCN) Dissolve 100g of NH4SCN in distilled water 

and make the solution up to 1 L with distilled water. 

Precaution: When brown coloured iodine is being released in the flask, cover the flask with a 

watch glass so that iodine is not lost by evaporation. 

White precipitate of Cu2I2   formed at the end point should be noted carefully 

Only fresh starch solution should be used as indicator 

Experiment 6.2.2.0 Determine the strength of given K2Cr2O7 solution iodometrically. You are 

provided with approximately N/20 sodium thiosulphate solution. Prepare a standard solution of 

K2Cr2O7 for standardizing the sodium thiosulphate solution. 

Discussion: Potassium dichromate (K2Cr2O7) reacts with KI in acidic medium. In this reaction 
the dichromate is reduced to green chromic salt and liberates an equivalent amount of iodine 

which is titrated with a standard hypo solution using starch as an indicator. This principle is 
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employed to determine the strength of K2Cr2O7 iodometrically. At end point the blue coloured 

iodine starch complex suddenly disappears and pure green solution due to chromic salt remains. 
In this experiment hypo solution is standardized in the first titration (Titration I) and then 

standardized hypo solution(titrant) is titrated with given potassium dichromate solution(analyte) 

in second titration (Titration II). So, this experiment is an example of double titration. 

Chemical reaction: Titration I and Titration II: 

𝐾2𝐶𝑟2𝑂7 + 7𝐻2𝑆𝑂4 + 6𝐾𝐼 → 4𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 7𝐻2𝑂 + 3𝐼2 

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

𝐾2𝐶𝑟2𝑂7 ≡ 3𝐼2 ≡ 6𝑁𝑎2𝑆2𝑂3 

∴ 1𝑁𝑎2𝑆2𝑂3 ≡ 𝐾2𝐶𝑟2𝑂7/6 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓𝑁𝑎2𝑆2𝑂3 = 𝑀𝑤𝑡 = 248.2 𝑔 

 

Indicator: Freshly prepared starch solution (Titration I and titration II) 

End point:  Blue to light green (Titration I and titration II) 

Procedure: 

Preparation of N/20 Standard K2Cr2O7 Solution: Weigh the calculated amount of K2Cr2O7 

accurately and transfer it to 100ml volumetric flask. Make up the volume to 100ml with distilled 

water. Shake well. 

Titration I: Hypo (𝑁𝑎2𝑆2𝑂3) against Standard potassium dichromate (K2Cr2O7) solution 

Wash rinse and fill the burette with sodium thiosulphate solution. Note the initial reading of the 
burette. Pipette out 10ml of K2Cr2O7 solution in a clean titration flask. To this solution add about 

10ml of dilute sulphuric acid and pinch of solid KI and then about 0.25g of NaHCO3. 

Stopper the flask and keep it in dark for 2-3 minutes. Brown coloured iodine will be liberated in 
the flask. Titrate it with sodium thiosulphate solution till pale yellow/straw yellow colour is 

obtained in the flask. Add 3-4 drops of freshly prepared starch solution. The colour in the flask 

becomes blue. Titrate till the solution becomes light green. This is the end point. Note the final 

reading of the burette. Repeat the procedure till three concordant readings are obtained. 

Titration II: Standardized sodium thiosulphate vs given potassium dichromate solution. 

Repeat the procedure as in titration I with the given K2Cr2O7   solution in flask and standardized 

sodium thiosulphate solution in the burette. 

Observation and Calculation 

Preparation of standard N/20 K2Cr2O7    solution (100 𝑚𝐿): 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐾2𝐶𝑟2𝑂7 =
𝑀𝑤𝑡

6
=

294.2

6
= 49.03 𝑔 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 100 

1

20
= 𝑤 × 1000 ÷ 49.03 × 100 

∴ 𝑤 =
4903

20000
= 0.245𝑔 
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Accurately weigh 0.245g of potassium dichromate and dissolve in 100 𝑚𝐿 of distilled water to 

get standard 1/20 N solution. This solution is used for titration. 

Titration I: Hypo (𝑁𝑎2𝑆2𝑂3) against Standard potassium dichromate solution 

Standard potassium dichromate solution in the flask = 20 𝑚𝐿 

Table 6.3 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 24.50 19.50 𝑚𝐿 

Titration II: Hypo (𝑁𝑎2𝑆2𝑂3) against given potassium dichromate solution. 

Given potassium dichromate solution in the titration flask =20 𝑚𝐿 

Table 6.4 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 5.00 29.00 24.00 𝑚𝐿 

Calculation Titration I: Standardizing the given hypo solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1(𝑁𝑎2𝑆2𝑂3) = 𝑁2𝑉2(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾2𝐶𝑟2𝑂7 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁1 =  𝑁2𝑉2/𝑉1 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁2 =
1

20
 , 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑉1 = 19.5 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.3; 

𝑁1 = 1/19.5 

The normality of hypo  𝑁1 calculated from this equation is used in next step to calculate the 

normality of given copper sulphate solution. 

Calculation Titration II: Normality of given potassium dichromate solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1 𝑉1
′(𝑁𝑎2𝑆2𝑂3) = 𝑁3𝑉3(𝐺𝑖𝑣𝑒𝑛 𝐾2𝐶𝑟2𝑂7  𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁3 =
𝑁1𝑉1

′

𝑉3
 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁1 =
1

19.5
, 𝑉1

′ = 24 𝑎𝑛𝑑 𝑉3 = 20 𝑚𝐿 

𝑁3 = 0.061 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝐾2𝐶𝑟2𝑂7 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.061 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛  𝐾2𝐶𝑟2𝑂7 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁3 × 𝐸𝑞. 𝑤𝑡 = 0.061 × 249.678 = 15.23 𝑔/𝐿 

Result:  The strength of given 𝐾2𝐶𝑟2𝑂7 solution is found to be = 15.23 𝑔/𝐿 

6.2.2.1 Notes: Preparation of solutions 
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N/20 Sodium thiosulphate (Na2S2O3 5H2O) [Molar mass of Sodium Thiosulphate 

=248.18g/mol]: Dissolve 12.4 g of sodium thiosulphate in distilled water and make the solution 

up to 1L. To minimize bacterial activity, add 0.1 g of sodium carbonate which maintains 𝑝𝐻 

level at 9-10. 

Starch solution (1%): Make a paste of 0.1 g of starch with little cold water and add this paste 

with constant stirring to 100ml of boiling water. Boil for 1-2 minutes and allow the solution to 

cool. Add 2-3 g of solid KI. Keep the solution in a stoppered bottle. 

10% Potassium iodide (KI) solution: [Molar mass of KI :166.0028 g/mol]: Dissolve 100g of KI 

in distilled water and make the solution 1L with distilled water. 

N/20 Potassium dichromate (K2Cr2O7): Dissolve 2.4515 g of K2Cr2O7   in distilled water and 

make up the volume to 1L. 

2N sulphuric acid (H2SO4): Add 55.6 ml of conc. H2SO4 (36N) in distilled water and make the 

volume to 1L. 

When brown coloured iodine is being released in the flask, cover the flask with a watch glass 

and place it in dark so that iodine is neither lost by evaporation. nor decomposed by light. 

Only fresh starch solution should be used as indicator 

Experiment 6.2.3.0: To estimate the strength of given tartar emetic solution iodimetrically. You 

are provided with approximately N/20 Iodine solution. Prepare your own standard N/20 hypo 

((Na2S2O3 .5H2O) solution. 

Discussion: Potassium antimonyl tartarate KSbC4H4O7.1/2H2O is known as tartar emetic.  

Tartar emetic reacts directly with iodine solution and it is a redox reaction. The iodine solution 

required for this titration is standardized first with standard solution of sodium thiosulphate 

(Titration I) and then given tartar emetic solution is titrated with this standardized iodine 
solution (Titration II). In both the titrations iodine reacts directly and when the reaction is 

complete, iodine gives an intense blue colour by forming complex with the freshly prepared 

starch solution used as indicator. Iodine with KI forms triiodide ion which acts as the oxidizing 
agent. Both sodium thiosulphate (hypo) and tartar emetic act as reducing agents. This is an 

example of double titration. 

Chemical reaction: 

Titration I: 2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Titration II: 

𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐾                                             𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐾 

𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂(𝑆𝑏𝑂) + 2𝐼2 + 3𝐻2𝑂 →    𝐶𝐻(𝑂𝐻)𝐶𝑂𝑂𝐻 + 𝑆𝑏2𝑂3+ 4HI 

Indicator: Freshly prepared starch solution (for Titration I and Titration II) 

End point:  Colourless to blue (for Titration I and Titration II) 

Procedure: 

Titration I: Iodine against standard hypo (𝑁𝑎2𝑆2𝑂3) solution. 

Wash, rinse and fill the burette with given iodine solution. Note the initial reading of the burette 

(upper meniscus). Pipette out 20 mL of standard hypo solution in the titration flask. Add 1mL of 

freshly prepared starch solution as indicator. Now titrate this with iodine till an intense blue 
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colour is obtained. This is the end point. Note the final reading of the burette. Repeat the 

procedure to get at least three concordant readings. 

Titration II: Tartar emetic against standardized iodine solution 

Wash rinse and fill the burette with the standardized iodine solution. Note the initial reading of 

the burette. Take 20 mL of the tartar emetic solution from the burette in a clean titration flask. 

(Do not pipette out tartar emetic solution as it is poisonous). Add 1g of sodium bicarbonate to 

the titration flask so as to maintain the 𝑝𝐻 of the solution at 8 because the reaction between 

iodine and tartar emetic proceeds in the forward direction only at about 𝑝𝐻 = 8. Add 3-4 drops 

of freshly prepared starch solution as the indicator in the titration flask. Titrate the tartar emetic 
solution in flask with the iodine solution in the burette till an intense blue colour is obtained in 

the flask. This is the end point. Note the final reading of the burette. Repeat the procedure to get 

at least three concordant readings. 

Observations and Calculation 

Preparation of standard N/20 sodium thiosulphate solution (100 𝑚𝐿) 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 100 

1

20
= 𝑤 × 1000 ÷ 248.18 × 100 

∴ 𝑤 =
24818

20000
= 1.24 𝑔 

Accurately weigh 1.24 g of sodium thiosulphate(hypo) and dissolve in 100 𝑚𝐿 of distilled water 

to get standard 1/20 N solution. To minimize bacterial activity and to store the solution for 

longer time add 10mg of sodium carbonate. This solution is used for titration I 

Titration I: Standard sodium thiosulphate (hypo) vs iodine solution 

Hypo solution in the flask = 20 𝑚𝐿 

Table 6.5 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of iodine solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 10.00 31.00 21.00 𝑚𝐿 

Titration II: Standard iodine solution vs given tartar emetic solution. 

Given tartar emetic solution in the titration flask =20 𝑚𝐿 

Table 6.6 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of iodine solution 

used (𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 10.00 35.00 25.00 𝑚𝐿 

Calculation Titration I: Standardizing the given solution 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1(𝐼𝑜𝑑𝑖𝑛𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑁2𝑉2(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑁𝑎2𝑆2𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁1 =  𝑁2𝑉2/𝑉1 
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𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁2 =
1

20
 , 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑉1 = 21 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.6; 

𝑁1 = 1/21 

The normality of iodine 𝑁1 calculated from this equation is used in next step to calculate the 

normality of given tartar emetic solution. 

Calculation Titration II: Normality of given tartar emetic solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1 𝑉1
′(𝐼𝑜𝑑𝑖𝑛𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑁3𝑉3(𝐺𝑖𝑣𝑒𝑛 𝑡𝑎𝑟𝑡𝑎𝑟𝑒𝑚𝑒𝑡𝑖𝑐 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁3 =
𝑁1𝑉1

′

𝑉3
 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁1 =
1

21
, 𝑉1

′ = 25 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 5.6 𝑎𝑛𝑑 𝑉3 = 20 𝑚𝐿; 

𝑁3 = 0.059 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑡𝑎𝑟𝑡𝑎𝑟𝑒𝑚𝑒𝑡𝑖𝑐 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.059 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛  𝑡𝑎𝑟𝑡𝑎𝑟𝑒𝑚𝑒𝑡𝑖𝑐 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁3 × 𝐸𝑞. 𝑤𝑡 = 0.059 × 166.96 = 9.85 𝑔/𝐿 

Result: The strength of given tartar emetic solution is found to be = 9.85 𝑔/𝐿 

6.2.3.1 Notes: Preparation of solutions: 

N/20 sodium thiosulphate (Na2S2O3.5H2O) [molar mass of sodium thiosulphate =248.18 g/mol] 
Dissolve 12.4 g of sodium thiosulphate in distilled water and make the solution up to 1L. To 

minimize bacterial activity, add 0.1 g of sodium carbonate which maintains 𝑝𝐻 level at 9-10. 

Starch solution (1%): Make a paste of 0.1 g of starch with little cold water and add this paste 

with constant stirring to 100ml of boiling water. Boil for 1-2 minutes and allow the solution to 

cool. Add 2-3 g of solid KI. Keep the solution in a stoppered bottle. 

N/20 Iodine solution: Take 20g of solid KI in a beaker, add to it with constant mixing 12.07 g of 

solid iodine slowly so that water insoluble iodine forms a homogenous paste with KI. Then add 
water slowly and shake vigorously in a stoppered flask. Allow the solution to cool and make up 

the volume to 1L with distilled water. Store in a cool dark place and in stoppered dark coloured 

bottle. 

Approximate N/20 tartar emetic (potassium antimonyl tartarate) solution: [molar mass of tartar 
emetic=667.87g/mol] Dissolve 8.348 g of tartar emetic in distilled water and make up the 

solution to 1L. 

Precaution: Do not handle tartar emetic with bare hands as it is poisonous and it can cause 

gastrointestinal problems. 

Do not pipette out tartar emetic. Always use a burette to dispense the required amount of tartar 

emetic in the flask. and read the lower meniscus of the burette. 

Read the upper meniscus of the burette in both titration I and II. as iodine is a dark coloured 

liquid. 

Experiment 6.2.4.0: To determine the amount of available chlorine in a commercial sample of 

bleaching powder iodometrically. 
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Discussion: Bleaching powder is a yellowish white powder called calcium hypochlorite with 

formula CaOCl2.It is also called chlorinated lime. Hypochlorite is in equilibrium with chlorine 
and in acidic medium favours liberation of chlorine. The chlorine liberated by the action of 

acids on bleaching powder is often expressed as percentage and is called available chlorine or 

active chlorine. The available chlorine present in bleaching powder can be determined 

iodometrically by treating with KI in acidic medium, when liberated chlorine from bleaching 
powder liberates equivalent amount of iodine from KI which is titrated against standard 

hypo(𝑁𝑎2𝑆2𝑂3) solution. This is an example of single titration. 

Chemical reaction: 

𝐶𝑎𝑂𝐶𝑙2 + 2𝐻𝐶𝑙 → 𝐶𝑎𝐶𝑙2 + 𝐻2𝑂 + 𝐶𝑙2 

𝐶𝑙2 + 2𝐾𝐼 → 2𝐾𝐶𝑙 + 𝐼2  

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Indicator: Freshly prepared starch solution 

End point: Blue to colourless 

Procedure: Preparation of bleaching powder solution: Weigh accurately 2.5 g of bleaching 

powder and make a smooth paste of it. Pour some water, shake allow to settle for some time and 
then decant the milky solution in 250 ml volumetric flask. Grind the remaining paste in a pestle 

mortar, add more water, allow to settle and decant the liquid in flask. Repeat until whole of the 

sample is quantitatively transferred to the flask. Then make the volume up-to the mark by 

adding distilled water. Stopper the flask and shake well. 

Preparation of standard N/20 hypo (Na2S2O3) Solution:  Dissolve 1.24g of sodium thiosulphate 

(hypo) in distilled water and make the volume up to 100ml.Add 10mg of sodium carbonate to 

minimize the bacterial activity and maintain 𝑝𝐻 at 9-10. 

Titration: Standard hypo solution against bleaching powder solution. 

Wash, rinse and fill the burette with standard hypo solution and note the initial reading of the 

burette. Take 20ml of bleaching powder solution using a burette and transfer it to a conical 
flask. (Pipetting of bleaching powder solution should be avoided as it is corrosive in nature). 

Add a pinch of solid KI and 10ml of 2N HCl solution {2-3ml of glacial acetic acid can also be 

used to in place of HCl}. Cover the flask and keep it in dark for 2-3 minutes. Brown coloured 

iodine will be liberated in the flask. Titrate it with hypo solution taken in the burette, till a light 
straw yellow colour is obtained in the flask. Add 2-3 drops of freshly prepared starch solution as 

indicator. An intense blue colour is obtained. Again. add hypo solution from the burette till 

solution in the flask becomes colourless This is the end point. Note the final reading of the 

burette. Repeat the experiment to get at least three concordant readings. 

Observation and calculations: 

Preparation of standard N/20 sodium thiosulphate solution (100 𝑚𝐿) 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 100 

1

20
= 𝑤 × 1000 ÷ 248.18 × 100 

∴ 𝑤 =
24818

20000
= 1.24𝑔 
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Accurately weigh 1.24 g of sodium thiosulphate(hypo) and dissolve in 100 𝑚𝐿 of distilled water 

to get standard 1/20 N solution. To minimize bacterial activity and to store the solution for 

longer time add 10mg of sodium carbonate. This solution is used for titration. 

Titration: Standard Hypo (𝑁𝑎2𝑆2𝑂3) solution against bleaching powder 𝐶𝑎𝑂𝐶𝑙2 solution 

Bleaching powder solution in the flask = 20 𝑚𝐿 

Table 6.7 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 18.00 13.00 𝑚𝐿 

 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1((𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑁𝑎2𝑆2𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛)) = 𝑁2𝑉2(𝐵𝑙𝑒𝑎𝑐ℎ𝑖𝑛𝑔 𝑝𝑜𝑤𝑑𝑒𝑟(𝐶𝑎𝑂𝐶𝑙2) 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁2 =  𝑁1𝑉1/𝑉2 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁1 =
1

20
 , 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑉1 = 13.00 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.7; 

𝑁2 = 0.0325 

N2 is the normality of available chlorine in bleaching powder and equivalent weight of chlorine 

is 35.46, 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑐ℎ𝑙𝑜𝑟𝑖𝑛𝑒 𝑖𝑛 𝑤ℎ𝑜𝑙𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑝𝑟𝑒𝑝𝑎𝑟𝑒𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁2 × 35.46 ÷ 4
= 0.0325 × 35.4 ÷ 4 = 0.287625 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑎𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑐ℎ𝑙𝑜𝑟𝑖𝑛𝑒 = 𝑁2 × 35.4 × 100 ÷ 4 = 0.0325 × 35.4 × 100 ÷ 4
= 28.76% 

Result: The percentage of available chlorine in the given sample of bleaching powder is 28.76% 

6.2.4.1 Notes:  Preparations of solutions 

N/20 sodium thiosulphate (Na2S2O3.5H2O) [molar mass of sodium thiosulphate =248.18g/mol] 
Dissolve 12.4 g of sodium thiosulphate in distilled water and make the solution up to 1L. To 

minimize bacterial activity, add 0.1 g of sodium carbonate which maintains 𝑝𝐻 level. 

1% Bleaching powder (𝐶𝑎𝑂𝐶𝑙2) [Molar mass of bleaching powder =142.98g/mol]: Weigh out 

accurately 10g of bleaching powder and transfer it to a clean mortar. Make a paste and transfer 
it to a 1L flask and make the volume to the mark with distilled water. Stopper the flask and 

shake well. 

0.1% Starch solution: Make a paste of 0.1g of starch with little cold water and pour the paste in 
100ml of boiling water with constant stirring. Let it boil for 2-3 minutes. Allow the solution to 

cool and store in a stoppered bottle. 

Approximate 2N HCl: Dissolve 182 ml (11N) HCl in distilled water and make the volume to 1L 

Precaution: Pipetting of bleaching powder should be avoided as it is corrosive in nature and a 
burette should be used to dispense the required amount of bleaching powder solution in the 

flask. 
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The solution of bleaching powder must be shaken well before every sample is taken for titration. 

The solution of bleaching powder being unstable, must be titrated instantly after its preparation. 

When brown coloured iodine is being released in the flask, cover the flask with a watch glass 

and place it in dark so that iodine is neither lost by evaporation. nor decomposed by light. 

Only fresh starch solution should be used as indicator 

Experiment 6.2.5.0 To estimate the iodine content in given sample of iodized common salt 

iodometrically. 

Discussion: Iodometry is indirect iodine titration in which by adding KI, iodine is liberated from 

the salt to be analysed and this liberated iodine is then titrated against standardized sodium 
thiosulphate solution(hypo) using starch as indicator (Titration II). Standardization of given 

hypo solution is done with standard Potassium dichromate solution using starch as indicator 

(Titration I). This estimation therefore involves double titration. 

Chemical reaction: 

𝐾2𝐶𝑟2𝑂7 + 7𝐻2𝑆𝑂4 + 6𝐾𝐼 → 4𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 7𝐻2𝑂 + 3𝐼2 

2𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

Indicator:  Freshly prepared starch solution (Titration I and titration II) 

End point: 

Blue to light green (Titration I) 

Blue to colourless (Titration II) 

Procedure: Preparation of standard (0.01N) Potassium dichromate solution 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 100 

0.01 = 𝑤 × 1000 ÷ 49 × 100 

∴ 𝑤 = 0.01 ×
49

10
= 0.049 𝑔 

Accurately weigh 0.049 g of Potassium dichromate and dissolve in 100 𝑚𝐿 of distilled water. 

Titration I: Hypo solution (𝑁𝑎2𝑆2𝑂3) against standard 0.01 N Potassium dichromate solution 

Wash, rinse and fill the burette with the given hypo(𝑁𝑎2𝑆2𝑂3) solution and note the initial 

reading (lower meniscus). Pipette out 20ml of 0.1N standard potassium dichromate solution in a 

conical flask. Add 20 ml of distilled water and pinch of sodium bicarbonate. Add a pinch of 

solid KI or 3ml of 10% KI solution and 2ml of dilute HCl. Cover the beaker with a watch glass 
and allow it to stand in dark for 5 minutes so that brown coloured iodine is liberated. Titrate the 

liberated iodine with hypo solution from the burette till straw yellow colour is obtained in the 

flask. At this point add 1ml of freshly prepared starch solution as the indicator. An intense deep 
blue colour is obtained in the flask due to complex formed between starch and liberated iodine. 

Again, titrate with the hypo solution till the solution in the flask becomes light green. This is the 

end point. Note the final reading of the burette. Repeat the titration to get at least three 

concordant readings. 

Titration II: Salt sample against standardized hypo (𝑁𝑎2𝑆2𝑂3) solution. 
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Wash, rinse and fill the burette with the standardized hypo solution. and note the initial reading 

of the burette (lower meniscus). Dissolve the given 10 g sample of the salt in 50ml distilled 
water and add 1ml of 2N sulphuric acid with the help of measuring cylinder. Add a pinch of 

solid KI or 5 ml of 10% KI solution. Cover the flask with a watch glass and keep it in dark for 5 

minutes. Dark brown colour iodine will be liberated. Titrate the liberated iodine with 

standardized hypo solution till a straw yellow colour is obtained in the flask. At this point add 
1ml of freshly prepared starch solution as the indicator. An intense blue colour is obtained in the 

flask due to formation of complex between the liberated iodine and starch. Again, add more 

hypo solution from the burette to the flask till the solution in the flask becomes colourless. This 
is the end point. Note the final reading of the burette. Repeat the titration to get at least three 

concordant readings. 

Observation and calculation: 

Titration I: Hypo (𝑁𝑎2𝑆2𝑂3) solution against standard potassium dichromate solution. 

Standard potassium dichromate solution in the titration flask =20 𝑚𝐿 

Table 6.8 

Sr. No Initial Reading of 

burette (I.R.) 

Final Reading of 

burette (F.R.) 

Volume of hypo solution used 

(𝑉1𝑚𝐿) (F.R – I.R.) 

1. 5.00 17.00 30.00 𝑚𝐿 

Titration II: Standard hypo solution against salt solution. 

Table 6.9 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of hypo solution 

used (𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 5.00 7.5 2.5 𝑚𝐿 

Titration I: Standardizing the given hypo solution. 

𝑈𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 

𝑁1𝑉1(𝑁𝑎2𝑆2𝑂3) = 𝑁2𝑉2(𝑆𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝐾2𝐶𝑟2𝑂7 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

∴  𝑁1 =  𝑁2𝑉2/𝑉1 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑁2 = 0.01, 𝑉2 = 20 𝑚𝐿 𝑎𝑛𝑑 𝑉1 = 30.00 𝑚𝐿 𝑓𝑟𝑜𝑚 𝑇𝑎𝑏𝑙𝑒 6.8; 

𝑁1 = 0.006 

The normality of hypo  𝑁1 = 0.006  calculated from this equation is used in next titration. 

Titration II: Calculation of iodine content in salt sample: 

Average volume of hypo (Na2S2O3) used during titration with iodine released from sample salt 

solution 𝑉1
′𝑚𝐿  = 2.5 mL (Table 6.9) 

The weight of iodine equivalent to 1mL of normal thiosulphate solution = 0.127 g (Molecular 

weight of iodine =127) 

Normality of hypo ((𝑁𝑎2𝑆2𝑂3) = N1 = 0.006 (Calculation Titration I) 
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The amount of iodine in ppm in the iodized salt sample can now be calculated using the 

following formula: 

𝐼𝑜𝑑𝑖𝑛𝑒 𝑝𝑝𝑚 ∗= 𝑉1
′ × 100 × 1000 × 0.127 × 𝑁1 ÷ 6 

𝐼𝑜𝑑𝑖𝑛𝑒 𝑝𝑝𝑚 = 2.5 × 100 × 1000 × 0.127 × 0.006 ÷ 6 = 31.75 𝑝𝑝𝑚 

6.2.5.1 Notes: Preparation of solution 

[*Numeral 6 in this formula has been used to calculate the value that corresponds to 1 atom of 

iodine liberated.] 

0.005 N sodium thiosulphate (Na2S2O3.5H2O) [molar mass of Sodium Thiosulphate 

=248.18g/mol] Dissolve 1.24 g of sodium thiosulphate in distilled water and make the solution 

up to 1L. To minimize bacterial activity, add 0.1 g of sodium carbonate which maintains 𝑝𝐻 

level at 9-10. 

Starch solution (1%): Make a paste of 0.1 g of starch with little cold water and add this paste 

with constant stirring to 100ml of boiling water. Boil for 1-2 minutes and allow the solution to 

cool. Add 2-3 g of solid KI. Keep the solution in a stoppered bottle. 

0.01N Potassium dichromate (K2Cr2O7): Dissolve 0.49 g of K2Cr2O7   in distilled water and 

make up the volume to 1L. 

10% Potassium iodide (KI) solution: [Molar mass of KI :166.0028g/mol]: Dissolve 100g of KI 

in distilled water and make the solution 1L with distilled water. 

2N sulphuric acid: 2.8 mL of concentrated sulphuric acid added slowly and carefully to 50 mL 

of distilled water 

Sample salt solution: Dissolve 50g of the sample salt in 500 mL of distilled water. 

Precaution: When brown coloured iodine is being released in the flask, cover the flask with a 

watch glass and place it in dark so that iodine is neither lost by evaporation. nor decomposed by 

light. 

Only fresh starch solution should be used as indicator 

Experiment 6.2.6.0 To estimate the amount of vitamin C in the given juice sample 

iodimetrically. 

Discussion: Vitamin C is ascorbic acid( 𝐶6𝐻8𝑂6) and most commonly found in citrus fruits. It is 

a water-soluble vitamin and its deficiency can cause diseases like scurvy. Since it is essential for 

good health to have a minimum amount of 75-90 mg vitamin C for a healthy life so the 
quantitative estimation of Vitamin C in the fruit juices is essential. Moreover, heating destroys 

the vitamin, so it has to be taken from raw fruits and has to be estimated in these fruits without 

heating. Iodimetry, also called direct iodine titration is a common easy method to quantitatively 
estimate the amount of Vitamin C in fruit juice. The other acids present in the juices do not 

interfere with the oxidation of ascorbic acid with iodine. So, the results obtained by this method 

are accurate. Ascorbic acid present in fruit juices reacts with iodine solution to give 
dehydroascorbic acid and the soluble form of iodine, triiodide ion is converted to iodide ion. At 

the end point when all the ascorbic acid has been oxidized, iodine reacts with starch indicator to 

give blue colour and this is the end point of the titration. The titration is a double titration as the 

iodine solution has to be standardized first with a standard solution of arsenious acid (Titration 
I) and then in the second titration the juice sample is titrated with the standardized iodine 

solution (Titration II). This is an example of double titration. In both the titrations, iodine is 

taken in the soluble triiodide form. 
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𝐾𝐼 + 𝐼2 → 𝐾𝐼3(𝑠𝑜𝑙𝑢𝑏𝑙𝑒 𝑓𝑜𝑟𝑚 𝑜𝑓 𝑖𝑜𝑑𝑖𝑛𝑒 ) 

Chemical reaction Titration I: 

𝐴𝑠2𝑂3 + 3𝐻2𝑂 → 2𝐻3𝐴𝑠𝑂3 

𝐻3𝐴𝑠𝑂3 + 𝐼2 + 𝐻2𝑂 → 𝐻𝐴𝑠𝑂4
2− + 4𝐻+ + 2𝐼− 

Titration II: 

𝐶6𝐻8𝑂6(𝐴𝑠𝑐𝑜𝑟𝑏𝑖𝑐 𝑎𝑐𝑖𝑑) + 𝐼3
− + 𝐻2𝑂 → 𝐶6𝐻6𝑂6(𝑑𝑒ℎ𝑦𝑑𝑟𝑜𝑎𝑠𝑐𝑜𝑟𝑏𝑖𝑐 𝑎𝑐𝑖𝑑) + 3𝐼− + 2𝐻+ 

Indicator:  Freshly prepared starch solution (For titration I and titration II) 

End point:  Colourless to blue (For titration I and titration II) 

Procedure: Titration I: (Standard arsenious acid solution against Iodine solution) 

In a beaker add 0.15 g of As2O3(Arsenic trioxide) in 20 mL of 1M NaOH and dissolve by 

warming. Take this solution in a flask and add 40 mL of water and 2-3 drops of methyl orange 

indicator. Add dilute HCl to the flask till the orange colour changes to light pink. Add 2-3 g of 

sodium carbonate to the above mixture, make the volume to 250 mL with distilled water. water. 
Add freshly prepared starch solution as indicator. Wash rinse and fill the burette with iodine 

solution. Note the initial reading of the burette (upper meniscus). Titrate the solution with iodine 

solution till an intense blue colour is obtained which should persist even after swirling the flask 
for 20 seconds. Note the final reading of the burette. Repeat the titration at least twice more so 

that the readings agree within 0.1ml. 

Titration II: (Sample juice against standard Iodine solution) Take 25 mL of sample juice in a 
flask and add 10 drops of 1% freshly prepared starch solution to it. Wash, rinse and fill the 

burette with standardized iodine solution and note the initial reading (Upper meniscus) Titrate 

the solution in flask with iodine solution till an intense blue colour is obtained. This is the end 

point. Note the final reading of the burette. 

[Alternately in titration II if vitamin C in solid(tablet) form is to be analysed then weigh 0.5 g of 

vitamin C sample and transfer it to 100 mL volumetric flask. Dissolve it in 50 mL

distilled water and make the volume up to the mark. While dissolving vitamin C tablets, shake 
the contents of flask properly for complete dissolution and even if the solution is not clear, 

proceed for next step. Vitamin C tablets have a binder which makes the solution cloudy but it 

does not interfere with the reaction of vitamin C.] 

Observation and calculation 

Titration I: Iodine solution against standard Arsenious acid solution. 

Standard Arsenous acid solution in the titration flask =20 𝑚𝐿 

Table 6.10 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of Iodine solution 

use d (𝑉2𝑚𝐿) (F.R – I.R) 

1. 5.00 31.00 26.00 𝑚𝐿 

Titration II: Standard Iodine solution against given juice sample. 

Juice sample solution in the titration flask = 20 𝑚𝐿 

Table 6.11 
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Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 

Volume of iodine solution 

used (𝑉2
′𝑚𝐿) (F.R – I.R) 

1. 5.00 24.5 19.5 𝑚𝐿 

Calculations: 

Titration I: 

                                                                                                                         𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑜𝑢𝑠 𝑜𝑥𝑖𝑑𝑒 𝑡𝑎𝑘𝑒𝑛 =
0.15 𝑔 

𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑜𝑥𝑖𝑑𝑒 = 197.8 

𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑜𝑥𝑖𝑑𝑒 =
0.15

197.8
= 0.000758 

𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑎𝑐𝑖𝑑 = 2 × 0.000758 = 0.00151 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑎𝑐𝑖𝑑 = 0.00151 × 4 = 0.00604 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑎𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑎𝑐𝑖𝑑 = 2 × 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 = 2 × 0.00604 = 0.01208 

𝑈𝑠𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1(𝐴𝑟𝑠𝑒𝑛𝑖𝑜𝑢𝑠 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝐼𝑜𝑑𝑖𝑛𝑒) 

𝑁1𝑉1

𝑉2
= 𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑖𝑜𝑑𝑖𝑛𝑒) = 0.01208 ×  20 ÷ 26 = 0.00929 

Titration II: 

𝑁1𝑉1(𝑉𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑁2𝑉2
′(𝐼𝑜𝑑𝑖𝑛𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁1(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑣𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) =
𝑁2𝑉2

′

𝑉1
= 0.00929 × 19.5 ÷ 20 = 0.009057 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝑣𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦

2
=

0.009057

2
= 0.00452 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑣𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑙𝑖𝑡𝑟𝑒 = 0.00452 ×
250

1000
= 0.00113 

𝑀𝑖𝑙𝑙𝑖𝑔𝑟𝑎𝑚𝑠 𝑜𝑓 𝑣𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑎𝑚𝑝𝑙𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑣𝑖𝑡𝑎𝑚𝑖𝑛 𝐶 × 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 × 1000
= 0.00113 × 176.12 × 1000 = 199 𝑚𝑔 

Result: The given vitamin C sample contains 199 mg of Vitamin C. 

6.2.6.1 Notes: 

Vitamin C solution: Take 0.5 g of vitamin C sample and transfer it to 100 mL volumetric flask. 
Dissolve it in 50 mL distilled water and make the volume up to the mark. While dissolving 

vitamin C tablets, shake the contents of flask properly for complete dissolution. The solution 

appears to be cloudy due to presence of binder in the vitamin C tablets. 

Precautions: 

Vitamin C in water solution is readily oxidized by dissolved oxygen, so vitamin C solution 

should be used immediately after preparation and should not be stored for a long period. 
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Iodine solution once prepared should be stored in a dark coloured bottle. 

Vitamin C solution will appear cloudy due to binder present in the vitamin C tablets. 

Standard arsenious acid solution should be prepared from arsenious oxide in alkaline medium 

and maintain the ph of the solution between 7 and 8. Small amount of HCl can be added to 

maintain the ph. 

The 𝑝𝐻 of the solution should be checked with 𝑝𝐻 test paper. 

Experiment 6.2.7.0 To estimate the amount of dissolved oxygen in given water sample 

iodometrically. Provided standard M/40 hypo (Na2S2O3) solution. 

Discussion: Dissolved oxygen is the amount of oxygen dissolved in water. Besides sustaining 
aquatic life, dissolved oxygen is essential to oxidize the organic matter in impure water sample. 

The dissolved oxygen levels in water sample vary with temperature, altitude, source, chemical 

and biological processes. The titrimetric method used for determination of dissolved oxygen is 
Winkler’s method. In this method manganese sulphate forms manganese hydroxide precipitate 

with alkali. The dissolved oxygen in water reacts with Mn(OH)2 to form brown Mn(OH)3 

precipitate which are reduced by iodide ions to Mn(OH)2 .An equivalent amount of iodine is 

liberated in the process which is estimated with hypo solution using starch as indicator. 

Chemical reaction: 𝑀𝑛𝑆𝑂4 + 2𝑁𝑎𝑂𝐻 → 𝑀𝑛(𝑂𝐻)2 + 𝑁𝑎2𝑆𝑂4 

4𝑀𝑛(𝑂𝐻)2 + 𝑂2 + 2𝐻2𝑂 → 4𝑀𝑛(𝑂𝐻)3(𝐵𝑟𝑜𝑤𝑛 𝑝𝑝𝑡) 

𝑀𝑛(𝑂𝐻)3 + 𝐼− + 3𝐻+ →
1

2
𝐼2 + 𝑀𝑛2+ + 2𝐻2𝑂 

𝑁𝑎2𝑆2𝑂3 + 𝐼2 → 𝑁𝑎2𝑆4𝑂6 + 2𝑁𝑎𝐼 

1 𝑚𝑜𝑙𝑒 𝑂2 ≡ 4 𝑚𝑜𝑙𝑒 𝑀𝑛(𝑂𝐻)3 ≡ 2 𝑚𝑜𝑙𝑒 𝐼2 ≡ 4 𝑚𝑜𝑙𝑒 𝑁𝑎2𝑆2𝑂3 

Indicator: Freshly prepared starch solution 

End point: Blue to colourless 

Procedure: Collection and fixing of water sample: Take a BOD bottle. Fill it with water sample 
and allow the water to overflow for 2-3 minutes while collecting the sample. Stopper the bottle 

under water to prevent atmospheric oxygen from entering sample of water in the bottle. No air 

bubble should be trapped in the bottle. Remove the stopper from the bottle and add 3 ml of 50% 
manganese sulphate solution. Then add 2 ml of alkaline iodide-azide solution to the water 

sample using a pipette. Mix the contents of the bottle thoroughly till a brown-coloured 

precipitate is formed. Allow the precipitate to settle completely and then add 2 mL of 

phosphoric acid. Mix the contents thoroughly. The brown precipitate will dissolve and iodine 
will be liberated in the bottle. The sample is now fixed and remains unaffected by atmospheric 

oxygen. 

Titration: Take 50 mL of the fixed water sample in a volumetric flask. Wash, rinse and fill the 
burette with hypo solution. Note the initial reading of the burette. Titrate the water sample with 

hypo solution till it becomes straw yellow. Now add freshly prepared starch solution as 

indicator. The solution turns blue due to formation of starch iodide complex. Again, add hypo 
solution from the burette till blue colour disappears. This is the end point. Note the final reading 

of the burette. Repeat the process with fresh water sample to get at least three concordant 

readings. 

Observation and calculation: 
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Titration: Sample water against standardized hypo solution. 

Sample water solution in the titration flask = 50 𝑚𝐿 

 

Table 6.12 

Sr. No Initial Reading of 

burette (I.R) 

Final Reading of 

burette (F.R) 
Volume of hypo (𝑁𝑎2𝑆2𝑂3) 

solution used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 5.00 18.00 13.00 𝑚𝐿 

 

𝑈𝑠𝑖𝑛𝑔 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑀1𝑉1 = 𝑀2𝑉2 … … … … . (1) 

1𝑚𝑜𝑙 𝑂2 ≡ 4𝑚𝑜𝑙 ℎ𝑦𝑝𝑜(𝑁𝑎2𝑆2𝑂3) 

∴ 4 × 𝑀1𝑉1(ℎ𝑦𝑝𝑜) = 𝑀2𝑉2 ( 𝑤𝑎𝑡𝑒𝑟 𝑠𝑎𝑚𝑝𝑙𝑒) … … (2) 

𝐺𝑖𝑣𝑒𝑛  𝑀1 =
1

40
, 𝑉1 = 13 𝑚𝐿 (𝑇𝑎𝑏𝑙𝑒 6.12), 𝑉2 = 50 𝑚𝐿. 

𝑆𝑢𝑏𝑠𝑡𝑖𝑡𝑢𝑡𝑖𝑛𝑔 𝑡ℎ𝑒𝑠𝑒 𝑣𝑎𝑙𝑢𝑒𝑠 𝑖𝑛 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 (2) 𝑀2 = 0.026 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑 𝑜𝑥𝑦𝑔𝑒𝑛 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑤𝑎𝑡𝑒𝑟 𝑠𝑎𝑚𝑝𝑙𝑒 = 0.026 × 16 = 0.416 𝑔/𝐿 

Result: The amount of dissolved oxygen in the given sample of water is 0.0416 × 1000 =
41.6 𝑚𝑔/𝐿 

6.2.7.1 Notes: 

Preparation of solutions M/40 Hypo (𝑁𝑎2𝑆2𝑂3) Solution [Molecular weight of hypo =248.18]: 

Dissolve 6.2 g of hypo in distilled water and make the solution to 1L. 

Phosphoric acid (85%) 

𝑀𝑛𝑆𝑂4 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 (𝑊𝑖𝑛𝑘𝑙𝑒𝑟′𝑠 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛):Dissolve 480 g of manganese sulphate in water and 

make the solution to 500 ml. 

Iodide -azide solution: Dissolve 50 g of sodium hydroxide in 100 ml of distilled water and add 

20g of potassium iodide and 0.5 g of sodium azide. 

Starch solution: Make a paste of 0.5 g of starch in cold water. Boil 50   ml of water and add the 

paste of starch in boiling water. Stir and boil the solution for 5 minutes.  Cool and store in a 

stoppered bottle. 

Precautions: 

Winkler’s method is used for determining oxygen in fresh water samples only. 

Sample should be analysed immediately after collection as delays in between sample collection 

and testing may result in an alteration in oxygen content. 

If air bubbles are seen in the sample in bottle, the sample should be discarded. 

During titration extreme care should be taken for each drop being added to the fixed sample 

solution in the flask. 

6.3.0.0 Exercises 
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6.3.1.0 Determine the amount of arsenic per L of the given solution volumetrically, using 

standard iodine, about N/30. 

6.3.2.0 Determine volumetrically the percentage of antimony in tartar emetic, 10.0 g of which 

have been dissolved in a litre of the given solution ‘F’. You are provided with N /20 iodine 

solution. 

6.3.3.0 The given solution ‘A’ contains 15 g of an impure sample of tartar emetic per litre. 

Determine the percentage purity of the salt. 

6.3.4.0 15.0 g of a sample of sodium thiosulphate, Na2S203.5H2O are contained in one litre of 

the solution ‘B’. Estimate volumetrically the percentage purity of the sample, given pure oxalic 
acid crystals. [Hint: Prepare standard potassium permanganate with the help of oxalic acid and 

then titrate it iodometrically with the given thiosulphate solution]. 

6.3.5.0 Determine the amount of K2Cr2O7 in the given solution volumetrically. The given 

solution is approximately N/25. 

6.3.6.0 You are provided with a solution ‘A’ in which 2.6 g of M2Cr2O7 have been dissolved per 

litre. Determine the atomic weight of the metal ‘M’ by volumetric method. Given N/20 sodium 

thiosulphate solution 

6.3.7.0 Determine volumetrically the amount of CuSO4 per litre. The given solution is 

approximately N/30. 

6.3.8.0 You are provided with a solution ‘C’ containing 26 g of a mixture of copper sulphate 

and potassium sulphate. Find the amount of each present per litre by a volumetric method. 

6.3.9.0 You are given a solution of copper sulphate and N/20 sodium thiosulphate. How many 

grams of copper are present in a litre of the solution? 

6.3.10.0 You are provided with solution ‘B’ containing 13 g of a cupric salt per litre. Find the 

percentage of the metal in the salt. Given N/20 sodium thiosulphate. 

6.3.11.0 Solution ‘F’ contains 33.96 g of CuSO4.𝑥H2O per litre. Determine the value of 𝑥 

volumetrically. 

6.3.12.0 The solution ‘S’ has been prepared by dissolving 21.4 g per litre of a sample of 

partially dehydrated copper sulphate crystals. Determine volumetrically the percentage 

dehydration of the sample (fully hydrated salt is CuSO4.5H2O). 

6.3.13.0 The given solution contains 7.5 g per litre of a mixture of sodium arsenite (Na3AsO3) 

and arsenious oxide (As2O3). Determine its percentage composition by a volumetric method. 

6.3.14.0 Determine the percentage composition of the given mixture of sodium sulphite 

(Na2SO3) and potassium chloride. Provided N/5 iodine solution and N/20 sodium thiosulphate. 

6.3.15.0 Determine the percentage composition of a mixture of pot. dichromate and pot. 

permanganate, 3.52 g of which is dissolved per litre of the given solution. Provided decinormal 

sod. thiosulphate. 

6.3.16.0 2.5 g of bleaching powder is dissolved in 250 mL of water.20 mL of it is treated with 

potassium iodide solution and the liberated iodine is titrated with M/20 hypo solution. The 

volume of hypo used for complete titration was 9.5 ml. Find the percentage of available chlorine 

in the sample. 

6.4.0.0. Model Problems 
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6.4.1.0 A solution containing 5.4080 g per litre of arsenious oxide was titrated with 0.098N 

iodine solution. 20 mL of the solution required for complete oxidation 22.50 mL of the iodine 

solution. Calculate the percentage of arsenic in the oxide. (Ans. 75.75) 

6.4.2.0 7.5g of a mixture of sodium arsenite (Na3AsO3) and arsenious oxide (As2O3) are 

contained in one litre of a solution. 20 mL of this solution consumed 20.32 mL of 0.01N iodine 

solution for titration. Determine the percentage composition of the mixture. (Ans. 

Na3AsO3=66.67; As2O3=33.33) 

6.4.3.0 2.2050 g of tartar emetic crystals [C4H4O4.K(SbO). ½H2O] were dissolved in water and 

the solution made to 250 mL. On titration, 20 mL of this solution was completely oxidised by 

22.00 mL of 0.048N I2 solution. Determine the atomic weight of antimony. (Ans. 122) 

6.4.4.0 20 mL of a solution containing 10.5 g per litre of tartar emetic consumed 23.95 mL of 

0.05N iodine solution for titration. Calculate the percentage purity of the sample and also the 

percentage of antimony in it. (Ans. Purity=95%; Sb=34.78%) 

6.4.5.0 15 g of partially dehydrated sodium thiosulphate (fully hydrated salts is Na2S203.5H2O) 

are dissolved per litre of the given solution. 19.85 mL of this solution was required by 20 mL of 

0.068N potassium dichromate solution in presence of dil. sulphuric acid and excess of KI 

Determine percentage loss of weight due to dehydration of the salt. (Ans. 11.78) 

6.4.6.0 20 mL of a solution containing 2.60 g per litre of M2Cr2O7. On titration in presence of 

KI and dil. HCl, consumed 18.25 mL of 0.058N sodium thiosulphate. Calculate the atomic 

weight of the metal, M. (Ans. 39.36) 

6.4.7.0 The given solution contains 14.04 g of hydrated copper sulphate, CuS04.5H2O per litre. 

20 mL of this solution on treatment with an excess of KI followed by titration with 0.048N sod. 
Thiosulphate used up 23.45 mL of the latter. Find the equivalent weight of copper for 

iodometric titrations and the percentage of the metal in the salt. (Ans. Eq. Wt. = 63.1; 

percentage=25.33) 

6.4.8.0 1.48 g of a mixture of sodium sulphite (Na2S203) and pot. chloride was dissolved in 150 
mL of 0.2N iodine solution. The liquid then was made up in 250 mL and titrated with N/20 sod. 

thiosulphate solution. 20 mL of the residual I2 solution required 19.85 mL of the latter solution. 

Find the percentage composition of the mixture. (Ans. sod. Sulphite =75; pot. chloride= 25) 

6.4.9.0 3.52 g of a mixture of pot. permanganate and pot. dichromate was dissolved per litre of 

the given solution. 20 mL of the solution was treated with KI and dil. H2SO4. The iodine 

liberated required 19.55 mL of 0.12N sod. thiosulphate solution. What is the percentage of each 

constituent in the mixture? (Ans.  pot. permanganate= 36.49; pot. dichromate= 63.51) 

6.4.10.0 10 ml of Fe3+ solution on reaction with excess KI. The liberated iodine is titrated with 

0.1 mol/L of hypo and volume of hypo used to reach the end point was 15.5 ml. Calculate the 

concentration of original Fe3+ solution. [HINT: number of moles=concentration.× Volume] 

Number of moles (hypo)=number of moles (Fe3+) =0.1 × 15.5 × 10−3 = 1.55 × 10−3  

Concentration of Fe3+ = number of moles/ volumes 

1.55 × 10−3 ÷ 10 × 10−3 = 0.155 𝑚𝑜𝑙𝑒𝑠/𝐿 

6.4.11.0 6.35 g of iodine is present in 500 ml of the solution. What is the number of moles of 
iodine in 25ml of this solution? Given molecular weight of iodine = 254. [ Hint: 0.025 mol per 

500 ml] 
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6.4.12.0 What is the number of moles of hypo required to reduce 0.00125 moles of iodine in the 

titration of iodine against hypo? [Hint: Iodine: Hypo molar ratio is 1:2] [Ans   0.0025 moles of 

hypo] 

6.4.13.0 Calculate the concentration in grams/L of sodium thiosulphate [Mol wt=248] if its 

concentration in mol /L is 0.08. [Ans:19.84 g/L] 

6.4.14.0 What will be the equivalent weight of copper sulphate in the following reaction. Given 

molecular weight of copper sulphate=159.5 

2𝐶𝑢𝑆𝑂4 + 4𝐾𝐼 → 𝐶𝑢2𝐼2 + 𝐼2 + 2𝐾2𝑆𝑂4
 

6.4.15.0 50 ml of copper sulphate solution when treated with excess KI, liberates iodine and this 
liberated iodine when treated with hypo solution requires 22 ml of 0.2M hypo (sodium 

thiosulphate) to reach the end point. What is the molarity of copper sulphate solution? 

(Ans=0.088) 

6.5.0.0. Viva questions 

1. What is the difference between iodometry and iodimetry? 

Iodometry is indirect iodine titration and iodimetry is direct iodine titration. In iodometry iodine 

is first liberated and then titrated with a reducing agent. In iodimetry iodine is directly titrated 

with a reducing agent. 

2. What is the similarity in iodometric and iodimetric titration.? 

In both the titrations iodine is being titrated with the reducing agent mainly hypo solution and in 
both the titrations freshly prepared starch solution is used as an indicator. Both iodimetry and 

iodometry are redox titrations in which iodine is the oxidizing agent and hypo is the reducing 

agent. 

3. What is hypo? 

Hypo is hydrated sodium thiosulphate and its formula is Na2 S2 O3 .5H2O 

4.Why solid potassium iodide is used to prepare iodine solution? 

Solid KI reacts with iodine to form KI3 Which increases the solubility of iodine in water and 

lowers its volatility also. 

5. In iodometry why the titration should not be performed in sunlight? 

Sunlight causes aerial oxidation of iodide to iodine. So, the reaction vessel should be kept in 
dark so that the iodide ion is oxidized by the oxidizing agent and reaction completes at its own 

pace. These titrations are carried out in amber coloured flasks. 

6.How the liberation of iodine in flask in iodometry is confirmed? 

: The appearance of brown colour in the flask indicates the liberation of iodine. 

7. Can a dilute solution of iodine act as self-indicator in iodimetry? 

Dilute solution of iodine has a pale-yellow colour and at end point it can become colourless, so 

in iodimetry it can act as self-indicator. 

8. Why freshly prepared starch solution is used as indicator? 
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Starch solution once prepared cannot be used for long period because it undergoes bacterial 

decomposition and will not form the blue coloured complex with iodine required for the 

titration. 

9.How is starch solution prepared to be used as an indicator for iodometric and iodimetric 

titrations? 

Take 1g starch powder and dissolve it in minimum amount of cold water to form a uniform 
paste. Boil 100 mL water separately and then add the paste to this boiling water with stirring. 

Boil for a few minutes and then cool. Store the indicator solution in stoppered bottle. A pinch of 

salicylic acid can be added to preserve the starch indicator for a longer time. 

10 When is starch solution (as indicator) added to the titration flask in iodometry and iodimetry? 

In Iodometry when iodine is first liberated in the titration flask, starch solution is not added 

initially but added near the end point when the colour shown by iodine becomes pale yellow in 
the flask. This is because if added initially to brown coloured iodine then starch will form an 

insoluble intense blue complex with iodine and detection of end point (blue to colourless) will 

become difficult. 

In Iodimetry when iodine solution has been taken in the burette, starch solution as indicator can 
be added in the beginning in the flask and in this case it remains colourless. As we add iodine 

from burette and reaction reaches the equivalence point, one additional drop of iodine from 

burette gives intense blue colour in flask showing end point (colourless to blue). 

11.  In the estimation of copper sulphate solution iodometrically what is the role of ammonium 

thiocyanate? 

In the iodometric estimation of copper sulphate at the end point white precipitate of cuprous 
iodide are formed but it has been found that some iodine gets adsorbed on to the surface of this 

precipitate So to get the accurate end point pinch of ammonium thiocyanate is added near the 

end point which easily displaces the adsorbed iodine. 

12. What is the pH that should be maintained in the iodometric estimation of copper sulphate? 

A pH of 4-5 (acidic) is maintained in the iodometric estimation of copper sulphate and this is 

done by adding few drops of acetic acid after the solution has turned turbid due to sodium 

carbonate. On adding acetic acid turbidity disappears and pH is maintained. 

13. What are redox indicators? Is starch solution a redox indicator? 

A redox indicator is a chemical compound which responds to change in redox potential. The 

redox potential of the indicator lies in between the potential of the titrant and titrand and it 

exhibits different colour in oxidized and reduced form. Example diphenylamine, Nphenyl 
anthranilic acid are internal redox indicators and Potassium ferricyanide is an external redox 

indicator. Starch solution used as an indicator in iodometry and iodimetry is not a redox 

indicator because it does not respond to the change in redox potential but it simply responds to 
the presence of iodine in both these titrations. Starch is a preferred indicator for iodine titration 

because it forms an intense blue coloured complex with iodine. 

14. Why redox titration is a better method than acid base titration to determine the ascorbic acid 

content in vitamin C tablets? 

In ascorbic acid determination, once all the ascorbic acid has been oxidized, the excess iodine is 

free to react with starch indicator forming blue coloured complex and thus indicating the end 
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point. This method gives exact end point and moreover if other acids also present, they do not 

interfere with the oxidation process and do not affect the end point. 

15. Why iodine solution is kept in dark bottles and titrations are preferably carried out in amber 

coloured flasks 

Iodine solution reacts with light and undergoes photodecomposition, so it is kept away from 

light, preferably in dark bottles. In iodine titrations, light accelerates the side reaction in which 

iodide ion is oxidized to iodine by atmospheric oxygen. 

16. Why starch as indicator is added at the end of the reaction of iodometric titration? 

In iodometric titrations, starch solution is added to make clear the presence of iodine in the last 
stage of titration. During the titration iodine is liberated slowly and it is light yellow in colour 

which is difficult to observe. So, near the end point starch solution is added which forms a dark 

blue complex with iodine and end point can be detected easily when the colour changes from 

blue to colourless. 

17. In iodimetric titrations, what is the effect of pH of the solution? 

Iodimetric titrations are best carried out at pH =7 or 8. In pH>8 iodine undergoes 

disproportionation reaction and therefore the calculation and results are not accurate. 

2𝑁𝑎𝑂𝐻 + 𝐼2 → 𝑁𝑎𝑂𝐼 + 𝑁𝑎𝐼 + 𝐻2𝑂 

When ph is very low (acidic solution), starch solution used as an indicator gets decomposed and 

affects the end point. Moreover, iodide ion present in the reaction mixture gets oxidized by the 

dissolved oxygen present in the acidic medium. 

19. What is the role of sodium bicarbonate in iodine titrations? 

The reducing agent in most of the iodine titrations is sodium thiosulphate and in acidic 

conditions it decomposes to sulphur. To prevent its decomposition in acidic medium sodium 

bicarbonate is added which is alkaline in nature. 

20.What is the chemical formula of bleaching powder? 

Bleaching powder is a yellowish -white powder that contains 𝐶𝑎𝑂𝐶𝑙2  as the major compound 

besides some free slaked lime. 

21 What is available chlorine in bleaching powder? 

The chlorine liberated by the action of dilute acids on bleaching powder is often expressed as 
percentage by weight and is known as available chlorine or active chlorine. It varies from 35-

40%. 

22. Explain bleaching action of chlorine? 

Chlorine reacts with moisture to liberate nascent oxygen. 

𝐶𝑙2 + 𝐻2𝑂 → 𝐻𝐶𝑙 + [𝑂] 

This nascent oxygen oxidizes the colouring matter to colourless products. Thus, chlorine 

bleaches by oxidation. 

23.What happens when chlorine is bubbled through potassium iodide solution? 

Iodine is liberated when chlorine is bubbled through potassium iodide. 

2𝐾𝐼 + 𝐶𝑙2 → 2𝐾𝐶𝑙 + 𝐼2  
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24.How is bleaching powder prepared? 

Bleaching powder is prepared by passing chlorine gas over dry slaked lime at a temperature of 

35-45℃. 

𝐶𝑎(𝑂𝐻)2 + 𝐶𝑙2 → 𝐶𝑎(𝑂𝐶𝑙)𝐶𝑙 + 𝐻2𝑂 

25. What are the possible errors in iodine titrations? 

There are chances of loss of iodine by evaporation from the solution. Due to its low solubility 

and volatility. 

There are sources of error from light as iodine undergoes photo-decomposition. 

There can be atmospheric oxidation of iodide ion in acidic medium. 

Bacterial decomposition of starch solution with time. 

26.What is dissolved oxygen? Name the method used to determine the dissolved oxygen in 

water? 

The amount of oxygen dissolved in water which sustains aquatic life and also oxidizes the 
organic matter in a sample of impure water is called dissolved oxygen. Dissolved oxygen is 

determined by Winkler’s method. 

27.What is COD and BOD? 

COD is the amount of oxygen consumed to chemically oxidize organic water contaminants to 

inorganic end products.  It is a measure of water and wastewater quality. BOD represents the 

amount of oxygen consumed by bacteria and other microorganisms while they decompose 

organic matter under aerobic conditions at a specific temperature. 

28. How is dissolved oxygen expressed mathematically? 

Dissolved oxygen is expressed in mg/L or ppm or % saturation. 

% 𝑠𝑎𝑡𝑢𝑟𝑎𝑡𝑖𝑜𝑛 =
𝐷𝑂

𝑆𝑎𝑡𝑢𝑟𝑎𝑡𝑖𝑜𝑛𝐿𝑒𝑣𝑒𝑙
× 100 

Where DO is the dissolved oxygen and saturation level is the maximum concentration of 

oxygen that can be present in water at a specific temperature. 

29. What is the amount of dissolved oxygen present in pure water? 

7-9 mg/L 

30. What is the importance of dissolved oxygen? 

It is the fundamental requirement for survival of all aquatic living organisms. 

31. What is the role of KI in Winkler’s method for determining dissolved oxygen? 

KI liberates iodine. Amount of iodine liberated is equal to dissolved oxygen present. 

32.What is chemical name of Tartar emetic? What is its molecular formula? 

Tartar emetic is potassium antimony tartarate. Its molecular formula is [𝐾(𝑆𝑏𝑂)𝐶4𝐻4𝑂6]1/
2𝐻2𝑂 

33. What is single drop test to check the end point of a titration? 
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After the end point has reached say from blue to colourless then on adding a single drop of the 

analyte tin the titration flask the colour should be reversed back to blue. 

34 What is tincture of iodine? 

Tincture of iodine is an antiseptic solution in which iodine is the solute and solvent is alcohol 

and water. 

35.What is the optimum level of iodine in iodized salt? 

The optimum recommended level of iodine in iodized salt should be 45 microgram per gram of 

salt. 

 

“Experiment is the sole source of truth. It alone can teach us something new; it alone can 

give us certainty.” Henri Poincaré 

 

 The terms burette and pipette were coined by Joseph Louis Gay Lussac in 1824. 
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7.1.0.0 Introduction and advantage of ceric salts: Ce (IV) salts in acidic medium act as strong 

oxidising agents and are used in redox titrations mainly for nitrites, ferrous salts, arsenates, 
oxalic acid etc. Mainly ceric sulphate and ceric ammonium sulphate are used in cerimetry, 

which was proposed in the middle of nineteenth century but systematic studies did not start until 

about 70 years later. Ce+4 species are easily reduced to the +3 states: 

𝐶𝑒+4(𝑦𝑒𝑙𝑙𝑜𝑤) + 𝑒(−) ⇄ 𝐶𝑒+3(𝑐𝑜𝑙𝑜𝑟𝑙𝑒𝑠𝑠) 

Ce (IV) salts are excellent primary standards, their solutions have long shelf life, end point can 

be easily detected during their titrations as in +3 state they are colourless and they can be easily 

standardised with arsenious oxide, sodium oxalate, Mohr’s salt etc. Some other advantages of 

ceric sulphate over potassium permanganate and potassium dichromate are: 

Solutions remain stable even if boiled. 

Cerrous ions are colourless, hence no interference with end point. 

Ce (IV) solutions do not require protection from light as is required in case of iodine solutions. 

Colourless cerous ions are produced from ceric ions and are not reduced further. 

However, cerium salts are expensive, can’t be used in neutral or basic medium and get reduced 

in HCl so limiting their use. 

2𝐶𝑒+4 + 2𝐶𝑙− ⇄ 2𝐶𝑒+3 + 𝐶𝑙2 

7.1.1.0 Equivalent weight: 

In cerimetric titrations, Ce (IV) is reduced to Ce (III) with one electron change, therefore, the 
equivalent mass of Ce (IV) salts is the same as their molecular mass, as depicted in the table 

below: 

Compound Molecular Mass Equivalent Mass = Mol. 

Mass/1 

Ceric sulphate, Ce (SO4)2 332.24 332.24 

Ceric ammonium sulphate, 

(NH4)4. Ce (SO4)4.2H2O 
632.56 632.56 

Ceric ammonium nitrate, 

Ce (NO3)4.2NH4NO3 

548.26 548.26 

7.1.2.0 Indicators: Redox indicators like N-phenyl anthranilic acid, ferroin, diphenylamine etc. 

are used in cerimetric titrations to locate the end points. The most commonly used indicator in 

these titrations is ferroin. When this indicator is added to the analyte (ferrous salt) in the flask, it 
imparts a colour depending on the potential of the solution. As the titrant (ceric salt) is added 

from the burette, the potential value changes. With change in the potential value of the solution, 

the indicator changes its colour and indicates the end point. Actually, the colour of the indicator 
depends on its oxidized and reduced forms. All redox indicators have different colours in these 

two forms. [Refer chapter 5, Table 5.11]and have a potential range in which they show a change 

in colour at end point. [Figure 5.4, chapter 5] 

Ferroin indicator is ortho phenanthroline Fe2+ complex which is pale blue in oxidized form and 

red in reduced form. The complete formula of ferroin is 

[𝐹𝑒 (𝑜 − 𝑝ℎ𝑒𝑛)3]𝑆𝑂4 



 

 

 

158 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

 

Figure 7.1 Image courtesy: sigma aldrich.com 

The two forms of indicator are: 

[𝐹𝑒(𝑜 − 𝑝ℎ𝑒𝑛)3]2+𝑤ℎ𝑖𝑐ℎ 𝑖𝑠 𝑚𝑜𝑟𝑒 𝑝𝑟𝑒𝑐𝑖𝑠𝑒𝑙𝑦 𝑐𝑎𝑙𝑙𝑒𝑑 𝑓𝑒𝑟𝑟𝑜𝑖𝑛(𝐹𝑖𝑔𝑢𝑟𝑒 7.1) 𝑎𝑛𝑑 [𝐹𝑒(𝑜 −
𝑝ℎ𝑒𝑛)3]3+ which is called Ferrin. 

As ceric sulphate is used as a titrant in many titrations and it has light yellow colour; it can also 
act as self- indicator in some titrations in which colourless oxalic acid is the analyte. 

[Experiment 4] 

7.1.3.0 Preparation of solutions of ceric salts: 

7.1.3.1 Ceric sulphate solution: For preparation of 0.1N or 0.1M cerium (IV) sulphate solution 

dissolve 33.22g in 55 mL 1:1 H2SO4. Make the volume to one litre by adding distilled water in a 

measuring flask. 

7.1.3.2 Ceric ammonium sulphate solution (0.1N or 0.1M) can be prepared by dissolving 63.26g 

of it in 500 mL water containing 30 mL conc. H2SO4. Heat gently, cool, filter the solution 

through a fine porosity sintered glass crucible and make the volume to exactly one litre. 

7.1.3.3 Ceric ammonium nitrate (0.1N or 0.1M) can be prepared by just dissolving 54.83 g/L of 

distilled water. 

These solutions can also be standardised by titrating against standard solutions of arsenious 

oxide or Mohr’s salt. As the reaction of arsenious oxide with Ce (IV) sulphate is slow, so 3-4 

drops of 0.25% osmium tetroxide are added to catalyse the reaction. 

7.1.4.0 Titration curve:  As cerimetric titration is an example of redox titration, the titration 

can be carried out potentiometrically and a curve can be plotted between the volume of titrant 

(ceric salt solution) and the corresponding potential values. The volume of titrant added is taken 
on the X axis and the potential values are taken on the Y axis, the curve so obtained is called the 

titration curve. Since ceric salts as titrant and ferrous salts as analyte react in 1:1stoichiometry, 

so the equivalence point of the reaction is found midway on the steep rising portion of the curve. 

Such a curve is called symmetric titration curve. 
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7.1.5.0 Sources of error and Precautions in cerimetry: 

7.1.5.1 Ceric ammonium sulphate when used as titrant, has to be standardized with Arsenious 

oxide solution. 

7.1.5.2 While preparing ceric ammonium sulphate solution, gentle heating should be done. 

7.1.5.3 Proper knowledge of redox indicator and selecting the right indicator for any cerimetric 

titration is essential to get the exact end point. For this the redox potential range of indicator has 

to be worked out. (Chapter 5. Table 5.11) 

7.1.5.4 Ceric ammonium sulphate and ceric nitrate are expensive salts, so should be used 

judiciously. 

7.1.5.5 Solutions of ceric ammonium sulphate and ceric nitrate are difficult to prepare. These 

must be prepared in strong acidic medium. 

7.1.5.6 Read the meniscus of the burette carefully as the ceric salt solutions are yellow coloured. 

7.2.0.0 EXPERIMENTS 

Experiment 7.2.1.0: To determine the normality and strength of the given ceric sulphate 

solution. Provided 0.1N Mohr’s salt solution. 

Discussion: Ceric (IV) sulphate is reduced to Ce (III) sulphate by Fe (II) ions present in Mohr’s 
salt during its titration and end point can be detected by using N-phenyl anthranilic acid (yellow 

to purple) or ferroin (orange red to blue) as indicator (ceric sulphate solution in the burette).  

Procedure: Rinse and fill the burette with the given ceric sulphate solution and note the initial 
reading. Pipette out 20 mL of Mohr’s salt solution (0.1N) into the titration flask and add approx. 

20 mL dil. H2SO4 (4N) along with 4-5 drops of ferroin indicator. Run down ceric sulphate 

solution from the burette slowly with constant shaking till the end point (orange red colour 
becomes colourless and sharply changes to blue). Note down the final reading of the burette and 

repeat to get three concordant readings. 

Chemical equation:  

2𝐶𝑒(𝑆𝑂4)2 + 2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4. 6𝐻2𝑂
→ 𝐹𝑒2(𝑆𝑂4)3 + 𝐶𝑒2(𝑆𝑂4)3 + 2(𝑁𝐻4)2𝑆𝑂4 + 12𝐻2𝑂 

𝐶𝑒4+ + 𝐹𝑒+2 → 𝐶𝑒3+ + 𝐹𝑒+3 

Indicator: Ferroin 

End Point: Orange red to blue 

Observation and Calculations: 

Table 7.1: Volume of standard Mohr’s salt solution in flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Ceric sulphate 

solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 21.2 21.20 𝑚𝐿 

Calculations: 

20 𝑚𝐿 𝑜𝑓 0.1 𝑁 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 21.20 𝑚𝐿 𝑜𝑓 𝑁2 𝑛𝑜𝑟𝑚𝑎𝑙 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 
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𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1(𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) = 𝑁2𝑉2(𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) 

𝑁2 = 20 ×
0.1

21.20
= 0.094 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 332.24 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 𝑁2 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 = 0.094 × 332.24 = 31.23 𝑔/𝑂𝐿 

Result.  Normality of the given ceric sulphate solution is 0.094N and its strength is 31.23g/L. 

Preparation of solution 

7.2.1.1. Notes: 

0.1N Mohr’s salt solution: Weigh 39.2 g of Mohr’s salt (ferrous ammonium sulphate) and 
dissolve in 250 ml of distilled water. Add 10-20 ml of concentrated sulphuric acid to prevent 

oxidation of ferrous ions to ferric ions. Make the volume to 1L with distilled water. 

Cerium (IV) sulphate solution:  Dissolve 33.22 g in 55 mL 1:1 H2SO4 and make the volume to 

one litre by adding distilled water in a measuring flask. 

Ferroin indicator:  Dissolve 0.23g of ferrous sulphate heptahydrate in 100 ml of distilled / 

deionized water. Add 0.46 g of 1,10 phenanthroline monohydrate and stir until dissolved. 

Precautions: 

Handle the ceric sulphate solution carefully as it contains sulphuric acid and can cause burns 

and harm the skin. 

Mohr’s salt solution should be light green in colour. A brown colour in the solution indicates 

oxidation of ferrous to ferric ions. 

Ferroin indicator should be freshly prepared. 

Experiment 7.2.2.0 To determine the percentage purity of the given sample of sodium oxalate, 
7.0g of which has been dissolved/L of the given solution. You are provided with 0.1N ceric 

sulphate solution. Ask for your requirement. 

Requirement: 0.1N Mohr's salt solution. 

Discussion: A known volume of sodium oxalate is reacted with excess of ceric sulphate solution 
in the presence of dil. Sulphuric acid at 60-70oC. Ceric sulphate remained unreacted in the 

reaction mixture is titrated against standard solution of Mohr’s salt using N-phenyl anthranilic 

acid as indicator. 

Chemical Equations 

2𝐶𝑒(𝑆𝑂4)2 + 𝑁𝑎2𝐶2𝑂4 → 𝐶𝑒2(𝑆𝑂4)3 + 2𝐶𝑂2 

2𝐶𝑒(𝑆𝑂4)2 + 2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4. 6𝐻2𝑂
→ 𝐹𝑒2(𝑆𝑂4)3 + 𝐶𝑒2(𝑆𝑂4)3 + 2(𝑁𝐻4)2𝑆𝑂4 + 12𝐻2𝑂 

lonic Equation 

𝐶𝑒+4 + 𝐹𝑒+2 → 𝐶𝑒+3 + 𝐹𝑒+3 

Indicator: N-Phenyl anthranilic acid 

End point: Yellow to violet or purple tinge 
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Procedure: Rinse and fill the burette with 0.1N Mohr’s salt solution and note the initial reading 

of the burette. Pipette out 20 mL of sodium oxalate solution in the titration flask. Add to it 20 
mL of 4N H2SO4 and 40 mL of 0.1N ceric sulphate solution with the help of a burette. Heat the 

contents at 60°C for 5 minutes. Cool and then add 8-10 drops of N-phenyl anthranilic acid 

indicator. Run down Mohr’s salt solution from the burette slowly with shaking till the colour 

changes to violet or purple. Note the final reading of the burette. Repeat the experiment to get 

three concordant readings. 

Observations and calculations 

Table 7.2: Volume of sodium oxalate solution in flask=20 𝒎𝑳 

Volume of ceric sulphate added to sodium oxalate solution for each titration= 40 𝑚𝐿 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Mohr’s salt solution 

used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 19.50 19.50 𝑚𝐿 

Normality of Mohr’s salt solution = 0.1 

Normality of ceric sulphate solution = 0.1 

Calculations: 

Calculating the normality of sodium oxalate solution 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.1 𝑁 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑡ℎ𝑒 𝑢𝑛𝑟𝑒𝑎𝑐𝑡𝑒𝑑 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 19.50 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.1 𝑁 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑟𝑒𝑎𝑐𝑡𝑖𝑛𝑔 𝑤𝑖𝑡ℎ 20 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= (40 − 19.5) = 20.50 𝑚𝐿 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑁1𝑉1(𝑆𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒) = 𝑁2𝑉2(𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) 

Where 

Volume of sodium oxalate solution used V1 = 20 mL 

The normality of ceric sulphate solution N2 = 0.1 

Volume of ceric sulphate solution used, V2 = 20.50 mL 

Substituting these values, we get 

𝑁1 = 0.1 ×
20.5

20
= 0.1025 

The normality of sodium oxalate solution = 0.1025N 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞 𝑤𝑡 = 0.1025 × 67 = 6.867 𝑔/𝐿 

Ate % 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 =
6.8675

7
× 100 = 98.11% 

Result: The percentage purity of given sample of sodium oxalate=98.11% 

7.2.2.1 Notes: Preparation of solution 
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N ceric sulphate solution: Dissolve 33.2 g of ceric sulphate in 55 mL 1:1 H2SO4 and make the 

volume to 1L by adding distilled water in a measuring flask. 

N sodium oxalate solution: Dissolve 7 g of the salt in 1L of distilled water. 

N Mohr’s salt solution: Weigh 39.2 g of Mohr’s salt (ferrous ammonium sulphate) and dissolve 

in 250 ml of distilled water. Add 10-20 ml of concentrated sulphuric acid to prevent oxidation 

of ferrous ions to ferric ions. Make the volume to 1L with distilled water. The colour of the 

solution should be light green. 

4N H2SO4 

Precautions 

Heat the flask containing sodium oxalate cautiously at temperature 60℃. 

Mohr’s salt solution should be immediately used after preparation to avoid aerial oxidation of 

ferrous ions to ferric ions. 

Mohr’s salt solution taken in burette is light green in colour so read upper meniscus. 

Ceric sulphate solution is prepared in sulphuric acid, so it should never be pipetted out. Always 

use a burette to dispense the required amount of ceric sulphate in the flask. 

A plain white paper or a white tile should be used below the flask to clearly see the red violet 

colour at end point. 

Experiment 7.2.3.0. To determine the percentage purity of impure sodium nitrite sample, 4.0g 

of which has been dissolved per litre. You are provided with 0.1N ceric sulphate solution. Ask 

for your requirement. 

Requirement: 0.1N Mohr’s salt solution. 

Discussion: Nitrite can be estimated by reacting it with excess of 0.1N ceric sulphate solution 

and titrating the unreacted ceric sulphate with standard Mohr’s salt solution. From the volume 
of unreacted ceric sulphate solution, the normality, strength and hence, the percentage purity can 

be determined. 

Chemical Equations: 

𝑁𝑎𝑁𝑂2 + 2𝐶𝑒(𝑆𝑂4)2 + 𝐻2𝑂 → 𝑁𝑎𝑁𝑂3 + 𝐶𝑒2(𝑆𝑂4)3 + 𝐻2𝑆𝑂4 

2𝐶𝑒(𝑆𝑂4)2 + 2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4. 6𝐻2𝑂
→ 𝐹𝑒2(𝑆𝑂4)3 + 𝐶𝑒2(𝑆𝑂4)3 + 2(𝑁𝐻4)2𝑆𝑂4 + 12𝐻2𝑂 

Ionic equations: 

2𝐶𝑒+4 + 𝑁𝑂2
− + 𝐻2𝑂 → 2𝐶𝑒+3 + 𝑁𝑂3

− + 2𝐻+ 

𝐶𝑒+4 + 𝐹𝑒+2 → 𝐶𝑒+3 + 𝐹𝑒+3 

Indicator: N-Phenyl anthranilic acid 

End point: Yellow to violet red or purple 

Procedure: Rinse and fill the burette with 0.1N Mohr’s salt solution. Pipette out 20mL of 

sodium nitrite solution in a titration flask.  Add to it 40 mL of 0.1N ceric sulphate solution using 

a burette and then add 10 mL of 4N H2SO4 Allow the reaction mixture to stand for 5 minutes so 

that the nitrite gets oxidised to nitrate. Add 8-10 drops of N-phenyl anthranilic acid indicator to 
it. Start running Mohr’s salt solution into the titration flask slowly with constant shaking until 
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the colour changes to violet red or purple. Note the final reading of the burette. Repeat the 

experiment to obtain at least three concordant readings. 

Observations: 

Observation Table 7.3: Volume of sodium nitrite solution in flask=20 𝒎𝑳 

Volume of ceric sulphate added to sodium nitrite solution for each titration= 40 𝑚𝐿 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Mohr’s salt solution 

used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 21.80 21.80 𝑚𝐿 

 

Calculations: 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.1 𝑁 𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑡ℎ𝑒 𝑢𝑛𝑟𝑒𝑎𝑐𝑡𝑒𝑑 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 21.80 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.1 𝑁 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑟𝑒𝑎𝑐𝑡𝑖𝑛𝑔 𝑤𝑖𝑡ℎ 20 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= (40 − 21.80) = 18.20𝑚𝐿 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑁1𝑉1(𝑆𝑜𝑑𝑖𝑢𝑚 𝑛𝑖𝑡𝑟𝑖𝑡𝑒) = 𝑁2𝑉2(𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) 

Where, 

Volume of sodium nitrite solution used for each titration V1 = 20 mL 

Normality of ceric sulphate solution N2 = 0.1 

Volume of ceric sulphate solution used, V2 = 18.20 mL 

Substituting these values, we get 

𝑁1 = 0.1 × 18.20/20 = 0.091 

The normality of sodium nitrite solution = 0.091 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑛𝑖𝑡𝑟𝑖𝑡𝑒 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞 𝑤𝑡 = 0.091 × 34.5 = 3.1395 𝑔/𝐿 

% 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑠𝑜𝑑𝑖𝑢𝑚 𝑛𝑖𝑡𝑟𝑖𝑡𝑒 =
3.1395

4
× 100 =78.49% 

Result: The percentage purity of sodium nitrite is 78.49% 

7.2.3.1 Notes: 

Preparation of solutions 

0.1N ceric sulphate solution: Dissolve 33.2 g of ceric sulphate in 55 mL 1:1 H2SO4 and make 

the volume to 1L by adding distilled water in a measuring flask. 

Approx. 0.1 N NaNO2 solution: Dissolve 4 g of sodium nitrite in 200 ml of distilled water and 

make the volume to 1L. 

0.1N Mohr’s salt solution: Weigh 39.2 g of Mohr’s salt (ferrous ammonium sulphate) and 

dissolve in 250 ml of distilled water. Add 10-20 ml of concentrated sulphuric acid to prevent 

oxidation of ferrous ions to ferric ions. Make the volume to 1L with distilled water. 

4N H2SO4 
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Mohr’s salt solution should be immediately used after preparation to avoid aerial oxidation of 

ferrous ions to ferric ions. 

Mohr’s salt solution taken in burette is light green in colour so read upper meniscus. 

Ceric sulphate solution is prepared in sulphuric acid, so it should never be pipetted out. Always 

use a burette to dispense the required amount of ceric sulphate in the flask. 

A plain white paper or a white tile should be used below the flask to clearly see the red violet 

colour at end point. 

Experiment. 7.2.4.0 To determine the percentage of oxalate ion and percentage purity of oxalic 

acid, 7g of which has been dissolved per litre of the given solution. Provided approx. 0.1N 

cerium (IV) sulphate solution. Ask for your requirement. 

Requirement: 0.1N Mohr’s Salt solution. 

Discussion: First cerium (IV) sulphate solution is standardised with standard ferrous ammonium 
sulphate solution (Mohr’s salt solution) (Titration I). Then cerium (IV) sulphate solution is 

titrated with hot solution of oxalic acid acidified with dilute sulphuric acid (Titration II). This is 

an example of double titration and in second titration ceric sulphate acts as self-indicator. 

Chemical Equations: 

For Titration I: Mohr’s salt vs cerium (IV) sulphate. 

𝐶𝑒+4 + 𝐹𝑒+2 → 𝐶𝑒+3 + 𝐹𝑒+3 

For Titration II. Oxalic acid vs cerium (IV) sulphate solution. 

𝐶2𝑂4𝐻2 + 2 𝐶𝑒+4 → 2𝐶𝑂2 + 2 𝐶𝑒+3 + 2𝐻+ 

Indicator: 

For Titration I: Ferroin 

End Point: Orange red to blue [cerium (IV) sulphate solution in the burette] 

For Titration II: Cerium (IV) sulphate acts as a self-indicator 

End Point: Colourless to pale yellow 

Procedure: For Titration I: Standardisation of cerium (IV) sulphate solution Same as in 

Experiment 1 

For titration II: Oxalic acid against cerium (IV) sulphate: Rinse and fill the burette with cerium 

(IV) sulphate solution. Adjust the initial reading and note it. Pipette out 20 mL of the given 

oxalic acid solution in a conical flask. Add 20 mL of dilute H2SO4 to it. Heat to 70-80oC and 
titrate against cerium (IV) sulphate solution with constant shaking until the reaction mixture 

assumes faint yellow colour. This marks the end point. Repeat the experiment to get three 

concordant readings. 

Observations: For Titration I: 

Observation Table 7.4: Volume of standard Mohr’s salt solution in flask 𝑽𝟐=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Ceric sulphate 

solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 21.4 21.40 𝑚𝐿 
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For Titration II: 

Observation Table 7.5: Volume of standard oxalic acid solution in flask 𝑽𝟑 =20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Ceric sulphate 

solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 22.10 22.10 𝑚𝐿 

Calculations: For Titration I: 

To calculate the exact normality of cerium (IV) sulphate solution. 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑁1𝑉1(𝐶𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) = 𝑁2𝑉2(𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡) 

𝑁1(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) = 0.1 × 20/21.40 = 0.093 

For Titration II: 

To find the exact normality of oxalic acid 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑛𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛  𝑁3𝑉3(𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑) = 𝑁4𝑉4(𝑐𝑒𝑟𝑖𝑐 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒) 

𝑁3(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑) = 0.093 × 22.10/20 = 0.1028 

To find the percentage of C2O4
-2 ions 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝐶2𝑂4
2−  𝑖𝑜𝑛𝑠 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐶2𝑂4

2− = 0.1028 × 44
= 4.5232 𝑔/𝐿 

[Note: Equivalent Weight of C2O4
-2 = Molecular Weight/2 = 88/2 = 44] 

∴ 𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝐶2𝑂4
−2 𝑖𝑜𝑛𝑠 𝑖𝑛 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 = 4.5232/7 × 100 = 64.62% 

To find the percentage purity of oxalic acid 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑
= 0.1028 × 63 = 6.4764 𝑔/𝐿 

∴ 𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑜𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 = 6.4764/7 × 100 = 92.52% 

Result: The percentage of oxalate ions is 64.62% and percentage purity of oxalic acid=92.52% 

7.2.4.1 Notes: 

Preparation of solutions 

N ceric sulphate solution: Dissolve 33.2 g of ceric sulphate in 55 mL 1:1 H2SO4 and make the 

volume to 1L by adding distilled water in a measuring flask. 

N Mohr’s salt solution: Weigh 39.2 g of Mohr’s salt (ferrous ammonium sulphate) and dissolve 

in 250 ml of distilled water. Add 10-20 ml of concentrated sulphuric acid to prevent oxidation 
of ferrous ions to ferric ions. Make the volume to 1L with distilled water. The colour of the 

solution should be light green. 

Oxalic acid solution: Dissolve 7 g of oxalic acid in 1L of distilled water. 

Dilute sulphuric acid 

Precautions: 
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Mohr’s salt solution should be immediately used after preparation to avoid aerial oxidation of 

ferrous ions to ferric ions. 

Heating of flask containing oxalic acid should be done cautiously at 60-70 ℃ 

7.3.0.0 Exercises: 

7.3.1.0 To Determine volumetrically the percentage purity of the given sample of Mohr’s salt, 

40g of which has been dissolved per litre of the given solution. You are provided with 0.1N 

ceric sulphate solution. 

7.3.2.0To determine volumetrically the value of 𝑥 in Mohr’ salt FeSO4(NH4)2SO4.𝑥H2O, 40g of 

which has been dissolved per litre of the given solution. You are provided with 0.1N ceric 

sulphate solution. 

7.3.3.0. To determine volumetrically the value of 𝑥 in oxalic acid (H2C2O4. 𝑥H2O), 7g of when 

has been dissolved per litre of the given solution. You are provided with 0.1N ceric sulphate 

solution. Ask for your requirement. 

7.3.4.0. The given solution contains 8g per litre of potassium nitrite. Determine the percentage 

purity of the given sample. You are provided with 0.1N ceric sulphate solution. Ask for your 

requirement. 

7.4.0.0 Viva questions 

1. What is the main titrant and analyte in cerimetric titrations? 

Cerium sulphate is the main titrant and ferrous ion solution (mostly ferrous ammonium 

sulphate) is the analyte in the cerimetric titrations? 

2. Why is cerimetry an example of redox titration? 

In cerimetric titrations cerium sulphate solution acts as oxidizing agent and ferrous ion solution 

acts as reducing agent as shown in the following ionic reaction: 

𝐶𝑒4+ + 𝐹𝑒2+ → 𝐹𝑒3+ + 𝐶𝑒3+ 

3. What are the advantages of using ceric sulphate as an oxidizing agent? 

Advantages of ceric sulphate as an oxidizing agent are as follows: 

Ceric sulphate is a versatile oxidizing agent and solutions of ceric sulphate are stable in nature. 

Ceric sulphate is bright yellow in colour and in acidic medium it is reduced to cerrous sulphate 

which is colourless. So ceric sulphate can also act as self-indicator. 

Various other internal indicators like ferroin and N phenyl anthranilic acid can also be in ceric 

sulphate titrations. 

There is no effect of light on the stability of ceric sulphate solution. 

Ceric solutions can be heated in aqueous solution for a definite length of time without 

decomposition and so can be used in estimation of organic compounds. 

4. How is ceric ammonium sulphate solution prepared? 

6.6 g of Ceric ammonium sulphate is first dissolved in 10 ml of dilute sulphuric acid by gently 
heating. The solution is then cooled and filtered and volume made to 100 ml with distilled 

water. 

5.How is ceric ammonium sulphate solution standardized? 



 

 

 

167 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

Ceric ammonium sulphate solution can be standardized by titrating with arsenic trioxide, a 

primary standard in presence of sulphuric acid and osmic acid utilizing ferroin indicator. End 

point is detected by change in colour from pink to very pale blue. It is a redox reaction 

2𝐶𝑒+4 + 𝐻3𝐴𝑠𝑂3 + 𝐻2𝑂 ⇔ 2𝐶𝑒3+ + 𝐻3𝐴𝑠𝑂4 + 2𝐻+ 

Ceric ammonium sulphate is taken in the burette. 

6. Why ceric salt is dissolved in sulphuric acid? 

Ceric salts are dissolved in sulphuric acid to prevent hydrolysis to ceric hydroxide. 

7. Why nitric acid cannot be used for preparation of ceric salt solution? 

Solution of ceric sulphate in nitric acid undergoes slow photochemical decomposition. 

8. Which indicator is used in cerimetric titrations? 

Redox indicator phenanthroline Fe (II) commonly called ferroin is used as an indicator in 

cerimetric titrations. 

9. Why is ferroin a suitable redox indicator? 

The active ingredient in ferroin is [Fe(o-phen)3]
2+ which is oxidized to its ferric form 

[Fe(o-phen)3]
3+. As an indicator it shows a rapid colour change from red ferrous form to pale 

blue ferric form. 

10.How is ferroin solution prepared? 

Dissolve 1.4 g of ferrous sulphate and 3.0 g of 1,10-phenanthroline hydrochloride in 100 mL of 

water and then make the volume to 200 mL. 

Take 3.7125 g o-phenanthroline monohydrate (M Wt. 198) and 1.6375 g ferrous sulphate 

heptahydrate. Dissolve in 50 ml water and make the volume up to 250 mL with distilled water. 

11. Which ligands is present in ferroin indicator? 

Ans: Ferroin indicator has 1,10-phenanthroline as the ligand and it is tridentate ligand. 

12 Is it possible to carry out cerimetric titration without using indicators? 

Yes, cerimetric titration can be carried out potentiometrically. 

13 Write the redox reaction involved in the analysis of ferrous ion solution cerimetrically? 

𝐶𝑒4+ + 𝐹𝑒2+ → 𝐹𝑒3+ + 𝐶𝑒3+ 

14.Can ceric sulphate act as self-indicator? 

Yes, ceric sulphate can act as self-indicator. Ceric sulphate is bright yellow in colour and in 

acidic medium it is reduced to cerrous sulphate which is colourless. So ceric sulphate can also 

act as self-indicator. 

15.What is the disadvantage of using ceric sulphate as a self- indicator? 

There is a possibility of over titration if ceric sulphate is used as a self-indicator. 

16. What is the oxidation state of iron in ferroin indicator? 

Iron is in +2 oxidation state in ferroin indicator. 
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17. Who is considered as originator of cerimetry? 

Professor Ion A Atanasiu is considered as the originator of Cerimetry.  

 

 

 

 

 

 

“Chemistry begins in the stars. The stars are the source of the chemical elements, which are 

the building blocks of matter and the core of our subject.” Peter Atkins, 1940 to present.  

 

 

 The burette used in present times was designed and modified by Karl Friedrich 

Mohr who also introduced oxalic acid and Mohr’s salt as primary standards for 

acid base and redox titrations.  
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CHAPTER 8 

SILVER NITRATE TITRATIONS 
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8.1.0.0 Introduction. and Methods of Argentimetry 

Soluble halides as those of alkali metals are generally determined by titration with standard 

silver nitrate solution. The silver halides are instantaneously precipitated. Thus 

𝐴𝑔𝑁𝑂3 + 𝑁𝑎𝐶𝑙 → 𝐴𝑔𝐶𝑙(↓) + 𝑁𝑎𝑁𝑂3 

The titrations involving the use of silver nitrate are termed as silver nitrate titrations. This 

branch of volumetric analysis is also referred to as Argentimetry or Argentometry. These 

determinations are carried in the following three ways: 

By Direct Method (Mohr’s Method). The halide solution is taken in the titration flask and the 

silver nitrate is run from the burette. After all the halide ions have been precipitated as silver 
halide; the end point is indicated by means of potassium chromate indicator, which forms a 

brick red precipitate of silver chromate with an excess of the silver nitrate. 

𝐴𝑔+ + 𝐶𝑙− ⇆ 𝐴𝑔𝐶𝑙(𝑠) 

2𝐴𝑔+(𝑎𝑞) + 𝐶𝑟𝑂4
2−(𝑎𝑞) ⇆ 𝐴𝑔2𝐶𝑟𝑂4(𝑠)(𝑏𝑟𝑖𝑐𝑘 𝑟𝑒𝑑 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒) 

The optimum 𝑝𝐻 range for this titration is 6.5 to 9. The titration occurs best in neutral or 

slightly alkaline medium. 

By Indirect Method (Volhard’s Method). The Volhard’s method was first described by a 

German Chemist Jacob Volhard in 1874.The halide is first completely precipitated by adding an 

excess of standard silver nitrate solution. The precipitate is filtered off and the filtrate made to a 

known volume by dilution. The residual silver nitrate in it is then determined by titration with 
potassium sulphocyanide. Ferric alum is used as indicator which forms a red colour with the 

sulphocyanide reagent 

𝐴𝑔𝑁𝑂3 + 𝐾𝐶𝑁𝑆 → 𝐴𝑔𝐶𝑁𝑆 + 𝐾𝑁𝑂3 

𝐹𝑒3+ + 𝑆𝐶𝑁− ⟶ 𝐹𝑒𝑆𝐶𝑁2+(𝑟𝑒𝑑 𝑐𝑜𝑙𝑜𝑟) 

Fajan’s Method: This method is a direct method used for analysis of halide ions in which 

anionic dyes like fluorescein are used as adsorption indicators. These dyes have the ability to get 

attracted to the Ag+ ions present at the precipitate surface after the end point. As a result, colour 

of the dye changes which indicates the end point of the reaction. The 𝑝𝐻 of the solution should 

be maintained in such a way that the dye remains in anionic form. 

8.1.1.0 Indicators. As already mentioned, three indicators i.e., potassium chromate and ferric 

alum and fluorescein dye are chiefly employed in silver nitrate titrations. 

Potassium chromate, K2CrO4: It forms a brick red precipitate with silver nitrate. 

 

𝐾2𝐶𝑟𝑂4 + 2𝐴𝑔𝑁𝑂3 → 𝐴𝑔2𝐶𝑟𝑂4(𝐵𝑟𝑖𝑐𝑘 𝑟𝑒𝑑) + 2𝐾𝑁𝑂3 

Therefore, it is used as internal indicator in titrations where silver nitrate is run from the burette. 

Silver chromate is more soluble than AgCl. Therefore, the indicator does not react with silver 

nitrate unless the whole of the chloride has precipitated as AgCl. A 2 per cent solution of pure 
potassium chromate is prepared in distilled water.3-5 drops of this solution are added at a time. 

The appearance of a faintly reddish tinge in the precipitate or solution (mostly in precipitate) 

indicates the end point. The titration must be carried out in neutral and cold solution; silver 
chromate is soluble in dilute acid. Strong solutions or excessive quantity of potassium chromate 

should be avoided. Otherwise, the intense yellow colour of the indicator will mark the end point. 
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This indicator is used when Mohr’s method of titration is followed for determination of 

chlorides and bromides. 

Ferric Alum, (NH4)2SO4. Fe2(SO4)3.24H2O: It is preferred to any other ferric salt on account of 

its high solubility. It gives a blood red colouration with potassium sulphocyanide. This indicator 

is mostly used when Volhard’s method is followed for the titration of silver with potassium or 

ammonium sulphocyanide solution in presence of nitric acid. When the sulphocyanide solution 
is added from the burette to the silver nitrate solution taken in flask then initially silver 

sulphocyanide is precipitated. 

𝐴𝑔+ + 𝑆𝐶𝑁− ⇄ 𝐴𝑔𝑆𝐶𝑁− 

When this reaction is complete, slight excess of sulphocyanide from the burette produces a 

reddish-brown colouration, due to formation of complex 𝐹𝑒(𝐶𝑁𝑆)3 

𝐹𝑒2(𝑆𝑂4)3 + 6𝐾𝐶𝑁𝑆 → 3𝐾2𝑆𝑂4 + 3𝐹𝑒(𝐶𝑁𝑆)3(𝐵𝑙𝑜𝑜𝑑 𝑟𝑒𝑑) 

It is, therefore, used as internal indicator in titrations where the silver nitrate is taken in the 

titration flask and the potassium sulphocyanide is run from the burette. 

A 40 per cent (saturated) solution of ferric alum is prepared in distilled water and boiled with 

some conc. nitric acid until the fumes of nitrogen oxides cease. 2-3 drops of this solution are 
used at a time. When the Ag ions have completely precipitated as AgCNS, the slightest excess 

of the sulphocyanide reagent will produce a reddish colour throughout the solution. This 

indicates the end point. Ferric alum has a special advantage over potassium chromate, that it can 

be used for acidic solutions. 

8.1.1.3 Adsorption indicators These are anionic dyes and have the ability to get adsorbed on the 

surface of the Ag+ ions after the end point during determination of halide ions. As a result, the 

colour of the dye changes and end point is indicated. The dye requires a definite 𝑝𝐻 to get 
adsorbed and show the colour change. As the dye particles need large surface area for 

adsorption so, coagulation of precipitates should be avoided by using electrolytes of low 

concentration. The use of these indicators was first made by K. Fajan and the dyes that can be 
employed as indicators in silver nitrate titrations are either acidic dyes like fluorescein, eosin or 

basic dyes like rhodamine. When a chloride ion solution is titrated with silver nitrate, silver 

chloride precipitate is formed which has the ability to adsorb its own ions on its surface. A layer 

of oppositely charged ions are attracted towards these adsorbed ions. When fluorescein anion as 
indicator is present in the solution then it gets preferentially adsorbed on the excess silver ions. 

This brings about the colour change at the end point and this change can be seen on the surface.  

Adsorption indicators must be carefully chosen. It should be of opposite charge to the ion of 
precipitating agent like in case of Ag+ ions as precipitating agent, negatively charged fluorescein 

dye is used as indicator. Moreover the indicator ion should be adsorbed only after the 

precipitation is complete and after the equivalence point . Another factor to be taken care of is 
that silver chloride precipitate is sensitized to light by the layer of adsorbed indicator so, these 

titrations should be carried out with minimum exposure of light. 

8.1.2.0 Standard Substances: 

The following salts are employed as primary standards for argentometric titrations: 

8.1.2.1 Silver Nitrate. It is obtainable in a chemically pure state and is easily soluble in water. 

Therefore, the standard solution of silver nitrate is prepared by direct weighing. Itis employed 

for standardisation of soluble chlorides and sulphocyanides. Solid silver nitrate should be 
handled with a steel spatula. Use of plastic spatula and touching with hand should be avoided as 
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the salt is highly corrosive. Silver nitrate solutions should be stocked in coloured bottles as it is 

decomposed by light. 

8.1.2.2 Sodium Chloride. A standard solution of sodium chloride is employed for checking up 

the strength of silver nitrate solution. The pure salt is anhydrous and unaffected by the 

atmosphere. Thus, it is most suited for the purpose. Pure potassium chloride is also equally 

useful as a standard substance. 

8.1.2.3 Potassium sulphocyanide (or thiocyanate). It is obtainable up to a purity of 99.9%. The 

pure salt is not appreciably hygroscopic unless the relative humidity of atmosphere exceeds 

45%. It retains its purity if the salt is carefully packed and protected from light and acid fumes. 

Standard solutions of potassium sulphocyanide are employed for standardising silver nitrate 

solutions, especially when they are acidic. Sometimes ammonium sulphocyanide is also used as 

substitute of potassium sulphocyanide. But it is only a secondary standard on account of its 
hygroscopic nature. The ammonium sulphocyanide solutions are, therefore, standardised before 

use. 

8.1.3.0 Equivalent Weights. 

Equivalent weight of silver nitrate is calculated from its action with HCl. 

𝐴𝑔𝑁𝑂3 + 𝐻𝐶𝑙 → 𝐴𝑔𝐶𝑙 + 𝐻𝑁𝑂3 

𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑔𝑁𝑂3 = 108 + 14 + 48 = 170 

𝐴𝑔𝑁𝑂3 ≡ 𝐻𝐶𝑙 ≡ 𝐻 𝑜𝑟 𝐶𝑙 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑔𝑁𝑂3 = 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 = 170 

Equivalent weight of NaCl and other reagents can be calculated from their action with AgNO3. 

Thus: 

𝐴𝑔𝑁𝑂3 + 𝑁𝑎𝐶𝑙 → 𝐴𝑔𝐶𝑙 + 𝑁𝑎𝑁𝑂3 

𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 = 23 + 35.5 = 58.5 

𝑁𝑎𝐶𝑙 ≡ 𝐴𝑔𝑁𝑂3 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 = 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 = 58.5 

The equivalent weights of some of commonly used substances are given in Table.8.1 

Table 8.1 

Substance Formula Eq. Wt. 

Silver nitrate AgNO3 170 

Silver Ag 108 

Sodium chloride NaCl 58.5 

Potassium chloride KCl 74.5 

Ammonium chloride NH4Cl 53.5 

Chloride ion Cl- 35.5 

Potassium sulphocyanide KCNS 97 

Ammonium sulphocyanide NH4CNS 76 
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8.1.4.0 Titration curve: The determination of halide content by using silver nitrate can also be 

carried out potentiometrically in which chloride ions are precipitated by addition of silver nitrate 
and change in potential is measured by potentiometer. Silver plated platinum wire is the 

indicator electrode and calomel electrode is used as a reference electrode. The potential value of 

the cell is noted after each addition of 1mL of the titrant (silver nitrate.) A graph is plotted 

between the volume of titrant added and potential of the cell A sigmoid curve of the type shown 
in figure 8.1 is obtained. The volume of titrant at the end point can be obtained from this curve. 

As can be seen in the curve the end point of the titration is at the mid-point of the steep rising 

portion of the curve, so it is a symmetric titration curve. A symmetric titration curve is expected 

in this titration as the titrant and the analyte react in 1:1 molar ratio. 

 

Figure 8.1 Symmetric titration curve 

8.1.5.0 Sources of error and precautions in silver nitrate titrations: 

There are different sources of error depending upon the method of titration followed and the 
choice of indicator. Precautions for these errors have to be considered accordingly as mentioned 

against each of these methods in the experiments given in this chapter. Some general 

precautions are: 

Silver nitrate is an expensive chemical so, its solution should be prepared judiciously taking 

care that it is not wasted. 

Silver nitrate is sensitive to light so, its solution should be protected from light. When exposed 

to bright light, silver nitrate hydrolyses. 

Silver nitrate is corrosive in nature so, while using silver nitrate in laboratory, care should be 

taken for proper protection of eyes and skin by using safety goggles and protective clothing 

8.2.0.0 EXPERIMENTS 

Experiment 8.2.1.0. To determine the percentage purity of the given sample of sodium chloride 

by Mohr’s method. 

Discussion. The purity of sodium chloride is determined by titrating it with a standard solution 

of silver nitrate, which is prepared by direct weighing. The titration is carried in neutral solution 

in cold, using potassium chromate as indicator. This is generally known as Mohr’s Method. 

Chemical equation: 

𝑁𝑎𝐶𝑙 + 𝐴𝑔𝑁𝑂3 → 𝐴𝑔𝐶𝑙 + 𝑁𝑎𝑁𝑂3 

Indicator: 2% potassium chromate solution 

End Point: Appearance of reddish tinge in precipitate 

Procedure. 
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Making Solution of Sample. Weigh out accurately about 1.5g of the given powdered sodium 

chloride from a weighing bottle into a beaker containing about 50 mL distilled water. Dissolve 

the salt by stirring and make the solution up to 250 mL in a graduated flask. 

Preparing Standard Silver nitrate solution. Weigh accurately on a watch-glass 4-4.5 g of pure 

silver nitrate flakes. Transfer them to a beaker containing about 50 mL distilled water. Rinse the 

watch-glass into the beaker. Dissolve the salt by stirring with a glass rod. Then make the 
solution up to 250 mL in a graduated flask. Shake well and transfer the solution to a beaker 

wrapped with brown paper and keep it covered with a clock-glass. Work out the normality of 

the solution from the actual weight of the salt dissolved in it. 

Titration. Rinse and fill the burette with the silver nitrate solution. Pipette out 20 mL lots of the 

sodium chloride solution and add 3-5 drops of 2% potassium chromate as indicator to each lot. 

Run the silver nitrate solution from the burette with swirling, unless red-colour formed by each 
drop disappears only sluggishly. Make the additions dropwise towards the end and finish the 

titration when pinkish tinge appears in the precipitate. The precipitate will also coagulate 

suddenly at this point. Take the mean of at least three concordant readings and calculate the 

result. 

Observation and Calculations. 

Table 8.1: Volume of sodium chloride solution in flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of silver nitrate solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 21.25 21.25 𝑚𝐿 

Let the wt. of given sodium chloride taken be = 1.4375 𝑔 

Vol. of solution made = 250 𝑚𝐿 

Wt. of sodium chloride/litre = 1.4375 × 4 = 5.7500 𝑔/𝐿 

Let the wt. of silver nitrate taken be = 3.9100 𝑔 

Vol. of solution made = 250 𝑚𝐿 

Wt. of silver nitrate/litre = 3.9100 × 4 = 15.64 

Eq. wt. of silver nitrate =  170 

∴ Normality of silver nitrate solution prepared   = 15.64 ÷ 170 = 0.092 

Titration: 

Suppose 20 𝑚𝐿 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 21.25 𝑚𝐿 𝑜𝑓 0.092𝑁 𝐴𝑔𝑁𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

As per Normality equation 

(𝐴𝑔𝑁𝑂3) 𝑁1𝑉1 = (𝑁𝑎𝐶𝑙)𝑁2𝑉2 

𝑁2 =
𝑁1𝑉1

𝑉2
 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝐶𝑙) = 0.092 ×
21.25

20
= 0.0978 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 = 58.5 
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𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑢𝑟𝑒 𝑁𝑎𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 0.0978 × 58.5 = 5.722 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑎𝑚𝑝𝑙𝑒 =
5.722

5.750
× 100 = 99. 

Result. The given sample of sodium chloride is 99.5% pure. 

8.2.1.1 Notes 

Preparation of solutions. 

N Silver nitrate solution: As given in procedure. 

Sodium chloride solution: Dissolve 6 g of sodium chloride in 1L of distilled water. 

2% potassium chromate solution: Dissolve 2 g of potassium chromate in 100 mL of distilled 

water. 

The above method can also be employed for the determination of potassium chloride, 

ammonium chloride and potassium bromide. But it does not give satisfactory results with 

iodides. 

Precautions: The Mohr titration method is generally carried out in neutral conditions i.e., 𝑝𝐻 

range 6.5-9. At higher 𝑝𝐻  (basic medium) silver ions may be removed as silver hydroxides and 

at low 𝑝𝐻 (acidic conditions) chromate ions of the indicator may be removed as dichromate 

ions, affecting the accuracy of the end point. 

Burettes with rubber tubes should not be used for measuring out silver nitrate solution as the 

rubber is acted upon by the reagent. 

Silver nitrate should not be run in large amounts at a time; the silver chromate formed by a local 
excess of AgNO3 has a tendency to agglomerate and the end-point thus will appear to have 

reached much earlier. 

The halide solution should be free from anions like carbonate, oxalate, arsenate, since they 

interfere with silver nitrate forming insoluble silver salts. 

Experiment 8.2.2.0. To determine the percentage composition of a mixture of NaCl and KBr, 

10.67 g of which is dissolved in one litre of the given solution. 

Discussion. The given solution is titrated with a standard solution of silver nitrate, using 

potassium chromate as internal indicator. The total normality of the halides is thus found. From 

it are then calculated the normalities and thence the amounts per litre of the individual 

constituents of the mixture. The method is Mohr’s method of argentimetry. 

Chemical equation: 

𝑁𝑎𝐶𝑙 + 𝐴𝑔𝑁𝑂3 → 𝐴𝑔𝐶𝑙 + 𝑁𝑎𝑁𝑂3 

𝐾𝐵𝑟 + 𝐴𝑔𝑁𝑂3 → 𝐴𝑔𝐵𝑟 + 𝐾𝑁𝑂3 

Indicator: 2% potassium chromate solution 

End Point: Appearance of reddish tinge in precipitate 

Procedure. Titrate 20 mL lots of the given mixture solution with a standard silver nitrate 

solution (supplied or prepared as in last experiment) run from the burette and using potassium 
chromate as indicator. Take the mean of at least three concordant readings and calculate the 

result. 
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Observation and Calculations. 

Observation Table 8.2: Volume of mixture solution in flask = 20 𝑚𝐿 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of silver nitrate solution 

used (𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 20.85 20.85 𝑚𝐿 

Wt. of the mixture of NaCl and KBr per litre of given solution = 10.67 𝑔 

Titration: 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 20.85 𝑚𝐿 𝑜𝑓 0.0102 𝑁 𝐴𝑔𝑁𝑂3 

As per Normality equation 

𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 ℎ𝑎𝑙𝑖𝑑𝑒𝑠 ) =
𝑁1𝑉1

𝑉2
= 0.102 ×

20.85

20
= 0.110 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝐶𝑙 = 𝑥 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐾𝐵𝑟 = 0.110 − 𝑥 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 = 58.5 𝑎𝑛𝑑 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐾𝐵𝑟 = 119 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 58.5 × 𝑥 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐾𝐵𝑟 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 119 × (0.110 − 𝑥)𝑔 

𝑇𝑜𝑡𝑎𝑙 𝑤𝑒𝑖𝑔ℎ𝑡𝑠 𝑜𝑓 ℎ𝑎𝑙𝑖𝑑𝑒𝑠 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 58.5𝑥 + 119 × (0.110 − 𝑥) = 10.67 

𝑥 = 0.04 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.04 × 58.5 = 2.34 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 =
2.34

10.67
× 100 = 21.93 

 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝐾𝐵𝑟 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 = 100 − 21.93 = 78.07 

Result. The given mixture contains 21.93% NaCl and78.07% KBr. 

8.2.2.1 Notes: 

The result may also be calculated by supposing the amount of sodium chloride per litre in the 

solution to be 𝑥 

Preparation of solutions 

Mixture solution: Dissolve 3g of NaCl and 7g of KBr in 1L of distilled water. 

0.1N Silver nitrate solution: Same as in experiment 1. 

2% Potassium chromate solution: Dissolve 2g of potassium chromate in 100 mL of distilled 

water. 

Precaution: The Mohr titration method is generally carried out in neutral conditions i.e., 𝑝𝐻 

range 6.5-9. At higher 𝑝𝐻  (basic medium) silver ions may be removed as silver hydroxides and 
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at low 𝑝𝐻 (acidic conditions) chromate ions of the indicator may be removed as dichromate 

ions, affecting the accuracy of the end point. 

Burettes with rubber tubes should not be used for measuring out silver nitrate solution as the 

rubber is acted upon by the reagent, 

Silver nitrate should not be run in large amounts at a time; the silver chromate formed by a local 

excess of AgNO3 has a tendency to agglomerate and the end-point thus will appear to have 

reached much earlier. 

The halide solution should be free from anions like carbonate, oxalate, arsenate, since they 

interfere with silver nitrate forming insoluble silver salts. 

The Mohr’s titration method is not too accurate in in case mixture solution contains significant 

concentration of chloride ions along with bromide ions. So, mixture solution should be 

accordingly prepared. 

To get the correct end point, one rough titration can be performed to get the familiarity about the 

pinkish tinge at the end point. 

Experiment 8.2.3.0. To determine the percentage purity of the silver metal, 11 g of which are 

dissolved in conc. nitric acid and the solution diluted to one litre. 

Discussion. The acidic solution cannot be titrated with a standard chloride solution using 

potassium chromate as indicator. The metal is, therefore, determined by titration with a standard 

solution of potassium sulphocyanide, using ferric alum as indicator. This is called Volhard’s 

Method. 

Chemical Reaction: 𝐴𝑔𝑁𝑂3 + 𝐾𝐶𝑁𝑆 → 𝐴𝑔𝐶𝑁𝑆 + 𝐾𝑁𝑂3 

Indicator: Ferric Alum 

End point: Appearance of Permanent reddish tinge. 

Procedure. 

Preparing Standard KCNS solution. Weigh out accurately about 2.5 g of pure potassium 

sulphocyanide (Eq. wt. 97) from a weighing bottle into a beaker containing 50 mL distilled 
water. Dissolve the salt by stirring and make the solution up to 250 mL by means of a graduated 

flask. Work out the exact normality from the actual weight of the salt dissolved. 

Titration. Rinse and fill the burette with the above prepared decinormal potassium 
sulphocyanide solution. Pipette out 20 mL of the given solution of silver into the conical, flask. 

Add 2-3 drops of ferric alum indicator and run the burette solution into it with swirling. When 

the red patches formed by addition of the reagent disappear slowly, start the additions dropwise. 

Stop as soon as a permanent reddish tinge is seen throughout the liquid in the titration flask. At 
about the same time the AgCNS is completely coagulated. Repeat the titration until at least three 

concordant readings are obtained. Take their mean and calculate the result. 

Observation and Calculations. 

Table 8.3: Volume of given silver solution in flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of KCNS solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 19.50 19.50 𝑚𝐿 
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Wt. of impure silver dissolved per litre of given solution = 11.0 g 

Let the wt. of KCNS taken be = 2.5075 g 

Vol. of solution made = 250 mL 

Wt. of KCNS/litre of solution 

2.5075 × 4 = 10.030 𝑔 

Normality of sulphocyanide solution 
10.030

97
= 0.1034 

Titration: 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑠𝑖𝑙𝑣𝑒𝑟 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 ≡ 19.50 𝑚𝐿 𝑜𝑓 0.1034 𝑁 𝐾𝐶𝑁𝑆 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

As per normality equation 

(𝐾𝐶𝑁𝑆)𝑁1𝑉1 = 𝑁2𝑉2(𝐴𝑔 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐴𝑔 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) =
𝑁1𝑉1

𝑉2
= 0.1034 ×

19.50

20
= 0.1008 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑔 = 108 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑔 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 0𝑟 𝑖𝑛 11.0 𝑔 𝑜𝑓 𝑖𝑚𝑝𝑢𝑟𝑒 𝑠𝑖𝑙𝑣𝑒𝑟 = 0.1008 × 108 = 10.8864 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 𝑜𝑓 𝑠𝑖𝑙𝑣𝑒𝑟 𝑚𝑒𝑡𝑎𝑙 =
10.8864

11
× 100 = 98.97 

Result. The given silver metal is 98.97% pure. 

8.2.3.1. Notes: 

Preparation of solutions 

Silver nitrate solution: Dissolve 11 g of silver nitrate in concentrated nitric acid and make the 

volume to 1L. 

Standard KCNS solution: As given in procedure 

Ferric alum indicator: A 40 per cent (saturated) solution of ferric alum is prepared in distilled 

water and boiled with some conc. nitric acid until the fumes of nitrogen oxides cease. 

Precautions: 

The titration has to be performed in acidic conditions. 

The indicator concentration should not be more than 0.2M. 

Experiment 8.2.4.0. To determine the percentage of iodine in the given sample of potassium 

iodide. Provided N/5 AgNO3 and N/20 KCNS solutions. 

Discussion.: Iodides cannot be titrated with silver nitrate solution directly using potassium 

chromate as indicator, on account of some absorption complications and difficulty in 

distinguishing the end-point as Agl is of yellow colour. Therefore, Volhard’s Method is 

employed for determining iodides. A known weight of the iodide is treated with a known excess 
of N/5 AgNO3 solution. The silver iodide is precipitated which is removed by filtration. The 

filtrate is made to a known volume and the residual silver nitrate is titrated against a standard 

solution of KCNS in presence of ferric alum indicator. So, this method employs back titration. 

Chemical equation: 
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𝐴𝑔𝑁𝑂3 + 𝐾𝐼 → 𝐴𝑔𝐼 + 𝐾𝑁𝑂3 

𝐴𝑔𝑁𝑂3 + 𝐾𝐶𝑁𝑆 → 𝐴𝑔𝐶𝑁𝑆 + 𝐾𝑁𝑂3 

Indicator: Ferric Alum 

End point: Appearance of Permanent reddish tinge. 

Procedure. Weigh out accurately 1.3 to 1.5 g of the given potassium iodide into a clean beaker 

and dissolve it in about 50 mL distilled water. Add to it 100 mL of the given N/5 silver nitrate 
solution with stirring. Heat in order to coagulate the precipitate. Cool and filter through an 

ordinary filter paper. Receive the filtrate into a 250 mL graduated flask. Wash the precipitate 

with a few portions of distilled water and collect the washings along with the filtrate. Make the 
solution up to the mark by dilution with distilled water. Stopper and shake the flask for thorough 

mixing of the liquid, 

Place the N/20 KCNS in the burette and with it titrate20 mL lots of the residual diluted silver 

nitrate solution using ferric alum as indicator. Take the mean of at least three concordant 

readings and calculate the result. 

Observation and Calculations. 

Table 8.4: Volume of residual diluted silver nitrate solution in flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of KCNS solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 18.85 18.85 𝑚𝐿 

Let the wt. of potassium iodide taken be = 1.3650 g 

Vol. of residual AgNO3 solution made after treatment with 100 mL of N/5 AgNO3 = 250 mL 

Titration. 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐴𝑔𝑁𝑂3 ≡ 18.85 𝑚𝐿 𝑜𝑓 0.05𝑁 𝐾𝐶𝑁𝑆 

𝑁1𝑉1(𝐾𝐶𝑁𝑆) = 𝑁2𝑉2(𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝑑𝑖𝑙 𝐴𝑔𝑁𝑂3) 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐴𝑔𝑁𝑂3) =
𝑁1𝑉1

𝑉2
= 0.05 ×

18.85

20
= 0.0471 

250 𝑚𝐿 𝑜𝑓 0.0471 𝑁 𝐴𝑔𝑁𝑂3 ≡ 𝑉2 𝑚𝐿 𝑜𝑓
𝑁

5
 𝐴𝑔𝑁𝑂3 

𝐴𝑔𝑎𝑖𝑛 𝑁1𝑉1(0.0471 𝑁 𝐴𝑔𝑁𝑂3) = 𝑁2𝑉2(
𝑁

5
 𝐴𝑔𝑁𝑂3) 

𝑉2(𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓
𝑁

5
 𝐴𝑔𝑁𝑂3 𝑙𝑒𝑓𝑡 𝑢𝑛𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑) = 0.0471 × 250 × 5 = 58.88 𝑚𝐿 

𝑇𝑜𝑡𝑎𝑙 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓
𝑁

5
 𝐴𝑔𝑁𝑂3 = 100 𝑚𝐿 

∴ 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓
𝑁

5
𝐴𝑔𝑁𝑂3𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑓𝑜𝑟 𝑡ℎ𝑒 𝑝𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑖𝑜𝑑𝑖𝑑𝑒 = 100 − 58.88 = 41.12 𝑚𝐿 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑖𝑜𝑑𝑖𝑛𝑒 = 127 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑖𝑜𝑑𝑖𝑛𝑒 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑡𝑜 41.12 𝑚𝐿 𝐴𝑔𝑁𝑂3 = 41.12 × 127 ÷ 5 × 1000 = 1.044 𝑔 
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𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑖𝑜𝑑𝑖𝑛𝑒 𝑖𝑛 𝑔𝑖𝑣𝑒𝑛 𝑝𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑖𝑜𝑑𝑖𝑑𝑒 =
1.044

1.365
× 100 = 76.50% 

Result. The given potassium iodide contains 76.5% of iodine. 

8.2.4.1 Notes: 

Preparation of solutions 

N/5 Silver nitrate solution: Dissolve 34g of silver nitrate in 1L of distilled water. 

N/20 KCNS solution: Dissolve 4.8 g of KCNS in 1L of distilled water. 

Ferric alum indicator: A 40 percent (saturated) solution of ferric alum is prepared in distilled 

water and boiled with some conc. nitric acid until the fumes of nitrogen oxides cease 

KI solution: Dissolve 3g of KI in 100 mL of distilled water. 

Precautions: A reddish brown cloud initially formed on addition of KCNS will disappear on 

shaking and should not be confused with the permanent reddish tinge obtained at the end point. 

The flask should be shaken vigorously during titration to get the correct end point. 

The indicator concentration should not be more than 0.2 M. 

Experiment 8.2.5.0. To determine the amount of each of HCI and HNO3 per litre of the given 

solution. Provided 0.1N NaOH, 0.2N AgNO3 and 0.05N KCNS solutions. 

Discussion. The acid mixture is titrated with the standard NaOH solution and total acid 

normality found. Then a known volume of the mixture is treated with an excess of the 0.2N 

AgNO3. The HCl is precipitated and removed by filtration. The filtrate is made up to a known 
volume and then titrated against the given sulphocyanide solution. Thus, the normality of the 

HCI is found. The normality of HNO3 is obtained by subtracting normality of HCl from total 

normality. From the two normalities, the amount of each acid per litre is calculated. This 
experiment illustrates double titration. Titration I being acid base titration and titration II is 

Volhard’s method of silver nitrate titrations. 

Indicator: 

Phenolphthalein (Titration I) 

Ferric Alum (Titration II) 

End Point: 

Pink to colourless (Titration I) 

Appearance of permanent reddish tinge (Titration II) 

Procedure. 

Titration I: Acid mixture with NaOH: Titrate 20 mL lots of the given decinormal NaOH 
solution with the acid mixture added from the burette using phenolphthalein as indicator. Work 

out the total normality of the two acids. 

Titration II: Precipitation of AgCl and Back Titration of residual diluted AgNO3 with KCNS: 

Pipette out 100 mL of the given acid mixture into a 400 mL beaker and add to it 100 mL of 
0.2N AgNO3 solution in a fine stream with stirring. Heat for coagulation and cool. Filter 

through an ordinary filter paper and receive the filtrate into a 250 mL graduated flask. Dilute the 

solution up to the mark by adding distilled water. 
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Place the given 0.05N potassium sulphocyanide solution in the burette and with this titrate 20 

mL lots of the residual silver nitrate solution using ferric alum as indicator. Take the mean of at 

least three concordant readings and calculate the result. 

Alternative Method. The AgCl is usually filtered off before the back titration since it is partially 

soluble in KCNS solution, AgCNS being slightly more soluble than AgCl. The difficulty can be 

overcome by the use of nitrobenzene, in presence of which the titration can be carried directly 

with the KCNS solution, without filtering AgCl. The alternative procedure is as follows. 

Pipette out 20 mL of the acid mixture into a titration flask and add to it 40 mL of 0.1N 

AgNO3solution. Shake and add 1 mL of pure nitrobenzene. Titrate with 0.IN KCNS solution 

using ferric alum as indicator. Repeat the titration to get concordant readings. 

Observation and Calculations. 

Titration I: Acid mixture with 0.1N NaOH 

Table 8.5: Volume of NaOH in the flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of Mixture solution 

used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 18.48 18.48 𝑚𝐿 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 0.1 𝑁 𝑁𝑎𝑂𝐻 ≡ 18.48 𝑚𝐿 𝑜𝑓 𝑎𝑐𝑖𝑑 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 

.𝑁1𝑉1(𝑁𝑎𝑂𝐻) = 𝑁2𝑉2(𝐴𝑐𝑖𝑑 𝑚𝑖𝑥𝑡𝑢𝑟𝑒) 

𝑇𝑜𝑡𝑎𝑙 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑡ℎ𝑒 𝑡𝑤𝑜 𝑎𝑐𝑖𝑑𝑠(𝑁2) = 0.1 ×
20

18.48
= 0.108 

Titration II: Precipitations and Back Titration. 

Table 8.6: Volume of residual diluted silver nitrate solution in flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KCNS solution used 

(𝑉1
′𝑚𝐿) (F.R – I.R) 

1. 0 21.6 21.6 𝑚𝐿 

 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑎𝑐𝑖𝑑 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑡𝑎𝑘𝑒𝑛 = 100 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2𝑁 𝐴𝑔𝑁𝑂3 , 𝑚𝑖𝑥𝑒𝑑 = 100 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑓𝑖𝑙𝑡𝑟𝑎𝑡𝑒 𝑚𝑎𝑑𝑒 𝑎𝑓𝑡𝑒𝑟 𝑓𝑖𝑙𝑡𝑟𝑎𝑡𝑖𝑜𝑛 𝑜𝑓 𝐴𝑔𝐶𝑙 = 250 𝑚𝐿 

𝑇ℎ𝑒𝑛 𝑠𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐴𝑔𝑁𝑂3 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 21.6 𝑚𝐿 𝑜𝑓 0.05𝑁 𝐾𝐶𝑁𝑆 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

𝑁1
′𝑉1

′(𝐾𝐶𝑁𝑆) = 𝑁2
′𝑉2

′(𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝐴𝑔𝑁𝑂3) 

𝑁2
′(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐴𝑔𝑁𝑂3) = 0.05 ×

21.6

20
= 0.054 

250 𝑚𝐿 𝑜𝑓 0.054𝑁 𝐴𝑔𝑁𝑂3 ≡ 𝑉2𝑚𝐿 𝑜𝑓 0.2𝑁 𝐴𝑔𝑁𝑂3 

𝐴𝑔𝑎𝑖𝑛 𝑁1𝑉1 = 𝑁2𝑉2 
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𝑉2(𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2𝑁 𝐴𝑔𝑁𝑂3𝑙𝑒𝑓𝑡 𝑢𝑛𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑) = 0.054 ×
250

0.2
= 67.5 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2 𝑁 𝐴𝑔𝑁𝑂3𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑓𝑜𝑟 100 𝑚𝐿 𝐻𝐶𝑙 = 100 − 67.5 = 32.5 𝑚𝐿 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐻𝐶𝑙 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑎𝑐𝑖𝑑 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 = 0.2 ×
32.5

100
= 0.065 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐻𝑁𝑂3𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑎𝑐𝑖𝑑 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 = 0.108 − 0.065 = 0.043 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 = 36.5 𝑎𝑛𝑑 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝑁𝑂3 = 63 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 0.065 × 36.5 = 2.372 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻𝑁𝑂3𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 0.043 × 63 = 2.709 𝑔 

Result. The given solution contains per litre, 2.372 g HCI and 2.709 g HNO3. 

8.2.5.1 Notes: 

Preparation of solutions 

0.2N silver nitrate solution: Dissolve 34 g of silver nitrate in 1L of distilled water. 

0.1N NaOH solution: Dissolve 4 g of NaOH in 1L of distilled water. 

0.05 N KCNS: Dissolve 4.8 g of KCNS in 1L of distilled water. 

Ferric alum indicator: A 40 percent (saturated) solution of ferric alum is prepared in distilled 

water and boiled with some conc. nitric acid until the fumes of nitrogen oxides cease 

Phenolphthalein indicator 

Precautions For titration II A reddish brown cloud initially formed on addition of KCNS will 

disappear on shaking and should not be confused with the permanent reddish tinge obtained at 

the end point. 

The flask should be shaken vigorously during titration to get the correct end point. 

The indicator concentration should not be more than 0.2M. 

Precaution for titration I: The pink colour in the flask on adding phenolphthalein indicator 

should be very light. 

Experiment 8.2.6.0. To determine the percentage composition of sodium carbonate (Na2CO3) 

and sodium chloride (NaCl), supplied in solution. Provided 0.2NAgNO3, 0.1N HCl and 0.05 N 

KCNS solutions. 

Discussion. Sodium carbonate is determined by titrating the given solution with the given 

standard HCl using methyl orange as indicator. (Titration I) Then a known volume of the 
solution is acidified with HNO3 and treated with an excess of the 0.2N AgNO3. The AgCl is 

separated by filtration and the filtrate made up to a known volume. It is then titrated with the 

given KCNS solution. (Titration II) From their respective normalities the amounts of the sod. 
Carbonate and chloride are calculated and the percentage composition of the mixture worked 

out. This experiment illustrates double titration and back titration 

Indicator: 

Methyl orange (Titration I) 

Ferric alum (Titration II) 
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End point: 

Appearance of permanent pink colour. (Titration I 

Appearance of permanent reddish tinge. (Titration II) 

Procedure: 

Titration I with 0.1N HCl: Pipette out20 mL of the given solution into the titration flask and add 

to it 2 drops of methyl orange indicator. Run the 0.1N HCI from the burette until the first 
appearance of a permanent pinkish tinge. Repeat the titration and take the mean of at least three 

concordant readings. Work out the amount of sodium carbonate present per litre of the solution. 

Titration II: Precipitation and Back Titration. Pipette out 100 mL mixture solution into a 400 
mL beaker. Acidify it with20 mL conc. HNO3 and add with stirring, 100 mL of 0.2N AgNO3 

solution in a fine stream. Heat to coagulate the precipitate and cool. The rest of the procedure is 

the same as described in the last experiment. Calculate the result as follows. 

Observation and Calculations. 

Titration I: Mixture solution with 0.1N HCl: 

Table 8.7: Volume of reaction mixture in the flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of HCl used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 19.60 19.60 𝑚𝐿 

 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑟𝑒𝑎𝑐𝑡𝑖𝑜𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 ≡ 19.60 mL of 0.1 N HCl 

N1V1 = N2V2  

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑖𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
𝑁1𝑉1

𝑉2
= 0.1 ×

19.6

22
= 0.098 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3 = 53 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎2𝐶𝑂3𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 0.098 × 53 = 5.194 𝑔 

 

Titration II: Precipitation and back titration. 

Table 8.8: Volume of diluted residual AgNO3 in the flask=20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of KCNS used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 20.88 20.88  𝑚𝐿 

 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑎𝑘𝑒𝑛 = 100 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2 𝑁 𝐴𝑔𝑁𝑂3𝑎𝑑𝑑𝑒𝑑 = 100 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑓𝑖𝑙𝑡𝑟𝑎𝑡𝑒 𝑚𝑎𝑑𝑒 𝑎𝑓𝑡𝑒𝑟 𝑠𝑒𝑝𝑎𝑟𝑎𝑡𝑖𝑜𝑛 𝑜𝑓 𝐴𝑔𝐶𝑙 = 250 𝑚𝐿 
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𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐴𝑔𝑁𝑂3 ≡ 20.88 𝑚𝐿 𝑜𝑓 0.05 𝑁 𝐾𝐶𝑁𝑆 

Applying Normality equation 

𝑁1𝑉1 = 𝑁2𝑉2 

𝑁2𝑖. 𝑒 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑑𝑖𝑙𝑢𝑡𝑒𝑑 𝑟𝑒𝑠𝑖𝑑𝑢𝑎𝑙 𝐴𝑔𝑁𝑂3  = 0.05 ×
20.88

0.2
= 0.052 

250 𝑚𝐿 𝑜𝑓 0.052 𝑁 𝐴𝑔𝑁𝑂3 = 𝑉2𝑚𝐿 𝑜𝑓 0.2 𝑁 𝐴𝑔𝑁𝑂3 

𝐴𝑔𝑎𝑖𝑛 𝑢𝑠𝑖𝑛𝑔 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑁1𝑉1 = 𝑁2𝑉2 

𝑉2𝑖. 𝑒 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2 𝑁 𝐴𝑔𝑁𝑂3 𝑙𝑒𝑓𝑡 𝑢𝑛𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 = 0.052 ×
250

0.2
= 65 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 0.2 𝑁 𝐴𝑔𝑁𝑂3 𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑓𝑜𝑟 100 𝑚𝐿 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 100 − 65
= 35 𝑚𝐿 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.2 ×
35

100
= 0.07 

𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 = 58.5 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.07 × 58.5 = 4.095 𝑔 

𝑇𝑜𝑡𝑎𝑙 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑎𝑛𝑑 𝑁𝑎2𝐶𝑂3𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 = 5.194 + 4.095 = 9.289 𝑔 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎2𝐶𝑂3 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 =
5.194

9.289
× 100 = 55.93 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑁𝑎𝐶𝑙 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 = 100 − 55.93 = 44.07 

Result. The given mixture contains 55.93% of Na2CO3 and 44.07% of NaCl. 

8.2.6.1 Notes: 

Preparation of solutions 

0.2N Silver nitrate: Dissolve 34 g of silver nitrate in 1L of distilled water. 

N HCl: Add 8.3 ml of 37% HCl in to 1L of distilled water. 

0.05N KCNS: Dissolve 4.8 g of KCNS in 1L of distilled water. 

Ferric alum indicator: A 40 percent (saturated) solution of ferric alum is prepared in distilled 

water and boiled with some conc. nitric acid until the fumes of nitrogen oxides cease 

Methyl orange indicator 

Precautions for Titration II: A reddish brown cloud initially formed on addition of KCNS will 

disappear on shaking and should not be confused with the permanent reddish tinge obtained at 

the end point. 

The flask should be shaken vigorously during titration to get the correct end point. 

The indicator concentration should not be more than 0.2M. 

Exercise 8.2.7.0: Determine the strength of given sodium chloride solution using Fajan’s 

method. Provided N/20 AgNO3 solution. 

Discussion: Fajan’s method uses dyes as adsorption indicators which is generally fluorescein 

dye.  When a solution of silver nitrate is added to sodium chloride, a white precipitate of silver 
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chloride is formed. Initially Cl- ions are adsorbed on this precipitate and then after the 

equivalence point when Ag+ ions are in excess they get attracted to the precipitate surface. At 
this point the fluorescein dye anion is strongly adsorbed by the silver ions. Thus, a pink 

complex is formed between the dye and excess silver ions. This change in colour indicates the 

end point. This experiment illustrates the use of adsorption indicators in double titrations. 

Indicator: Fluorescein or dichlorofluorescein 

End point: greenish yellow to pink. 

Procedure: Titration I: Preparation of standard N/20 NaCl and titration against given silver 

nitrate solution: Weigh 1.46 g of sodium chloride, transfer it to a volumetric flask. Dissolve in 
100 ml distilled water and make the volume to 500 ml.  Wash, rinse and fill the burette with 

given silver nitrate solution. Pipette out 10 ml of standard NaCl solution in the flask. Add 2-3 

drops of fluorescein indicator. The solution becomes greenish yellow. Note the initial reading of 
the burette and add silver nitrate from the burette in the titration flask. Continuously stir the 

flask while adding silver nitrate solution till the colour changes to pink. Repeat the process to 

get three concordant readings. 

Titration 2: Given NaCl solution against standardized silver nitrate solution: Pipette out 20 ml 
of given sodium chloride solution in the titration flask and fill the burette with the standardized 

silver nitrate solution. Note the initial reading of the burette. Add 3-4 drops of fluorescein 

indicator in the titration flask and add silver nitrate from the burette till a pink colour is 

obtained. Repeat to get three concordant readings. 

Observation and calculation: 

Titration I 

Titration I: Standard sodium chloride (N/20 NaCl) with silver nitrate (AgNO3) 

Table 8.9: Volume of sodium chloride in the flask = 20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of AgNO3 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 21.60 21.60 𝑚𝐿 

 

𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑁𝑎𝐶𝑙 ≡ 21.60 mL of given Ag N𝑂3 

N1V1(AgN𝑂3) = N2V2 (𝑁𝑎𝐶𝑙) 

𝑁1(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝐴𝑔𝑁𝑂3  𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) =
𝑁2𝑉2

𝑉1
=

1

20
× 20 ÷ 21.60 = 0.046 

Titration II: Standard silver nitrate (AgNO3) with given NaCl solution 

Table 8.10: Volume of sodium chloride in the flask = 20 𝒎𝑳 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of AgNO3 used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 23.20 23.20 𝑚𝐿 
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𝑆𝑢𝑝𝑝𝑜𝑠𝑒 20 𝑚𝐿 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑁𝑎𝐶𝑙 ≡ 23.20 mL of standard Ag N𝑂3 

N1V1(standard AgN𝑂3) = N2V2 (𝑔𝑖𝑣𝑒𝑛 𝑁𝑎𝐶𝑙) 

𝑁2(𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑁𝑎𝐶𝑙 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) =
𝑁1𝑉1

𝑉2
= 0.046 × 23.2 ÷ 20 = 0.053 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑑𝑖𝑢𝑚 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡
= 0.053 × 58.5 = 3.1 𝑔/𝐿 

Result: The strength of given sodium chloride solution is 3.1 g/L. 

8.2.7.1 Notes: 

Preparation of solutions 

N/20 Silver nitrate solution: Dissolve 8.5 g of silver nitrate in distilled water and make the 

volume to 1 L. 

N/20 Sodium chloride solution: Dissolve 2.9 g of sodium chloride in 1L of distilled water. 

Fluorescein: Dissolve 0.2 g of sodium fluoresceinate in 100 mL of water. 

Dichlorofluorescein: Dissolve 0.1 g of dichlorofluorescein in 100 mL of 70% ethanol. 

Precautions: Adsorption indicators must be carefully chosen. It should be of opposite charge to 

the ion of precipitating agent like in case of Ag+ ions as precipitating agent, negatively charged 

fluorescein dye is used as indicator. 

The indicator ion should be adsorbed only after the precipitation is complete and after the 

equivalence point. 

Another factor to be taken care of is that silver chloride precipitate is sensitized to light by the 

layer of adsorbed indicator so, these titrations should be carried out with minimum exposure of 

light. 

8.3.0.0 Exercises 

8.3.1.0 Determine the percentage purity of the given sample of potassium chloride. Prepare your 

own standard silver nitrate solution. 

8.3.2.0 Determine the amount of KBr volumetrically in the given solution, per litre. The 
strength of the solution is approximately N /30. 7 g of a mixture of NaCl and KCl have been 

dissolved per litre of the solution ‘B’. Determine the percentage composition of the mixture by a 

volumetric method. 

8.3.3.0 One litre of the solution ‘A’ contains 8.875 g of a mixture of NaCl and KBr. Determine 

volumetrically the amount of each per litre. 

8.3.4.0 Determine the percentage purity of the given metallic silver by a volumetric method. 

[Hint: Dissolve a known weight of the metal in conc. HNO3 and dilute it to a known volume. 

Titrate with standard KCNS solution.] 

8.3.5.0 7.20 g of a silver alloy ‘P’ was dissolved in nitric acid and the solution made upto one 

litre. Estimate volumetrically the percentage of silver in the alloy. 

8.3.6.0 Find by Volhard’s method the percentage purity of the impure KBr 6.0 g of which have 

been dissolved in a litre of the solution ‘J’. Ask for any standard solutions you want. 
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8.3.7.0 Determine volumetrically the amount of KI per litre in the given solution. It is 

approximately N/30. 

8.3.8.0 You are given a solution ‘B’ containing both nitric acid and hydrochloric acid. Find this 

amount of each in grams per litre by a volumetric method. 

8.3.9.0 Determine volumetrically the percentage composition of mixture of KCl and K2CO3, 8.0 

g of which have been dissolved in one litre of the given solution ‘A’. 

8.3.10.0 Solution ‘F’ is prepared, by dissolving a mixture of anhydrous sodium carbonate and 

sodium chloride. Determine volumetrically the number of grams of each in a litre of the 

solution. Calculate the percentage composition of the mixture. 

8.3.11.0 Determine volumetrically exact normality and strength of the given conc. HCl which is 

10-11N, by Volhard’s method. 

8.4.0.0 Model Problems. 

8.4.1.0   2.171g of potassium chloride was dissolved in water and the solution was diluted to 

250 mL. 20 mL of this solution required 21.86 mL of 0.102N silver nitrate solution for complete 

action. Calculate the percentage purity of the sample. (Ans. 95.64). 

8.4.2.0 20 mL of a solution containing 19.570 g per litre of a mixture of KBr and 
Na2SO4consumed 19.67 mL of 0.11N AgNO3 for complete titration. What is the percentage of 

KBr in the mixture? (Ans. 65.8). 

8.4.3.0 The given solution contains 7g per litre of a mixture of NaCl and KCl. 20 mL of it 
required 21.58 mL of AgNO3 solution containing 16.540g AgNO3 per litre, for complete 

titration. Calculate the percentage composition of the mixture. (Ans. NaCl = 42.86 KCl = 

57.14). 

8.4.4.0 100 mL of a solution containing 6.0 g per litre of potassium bromide was treated with 80 

mL of 0.2N AgNO3 solution. The silver bromide was filtered off and the filtrate made up to 250 

mL. 20 mL of this solution used up 21.33 mL of 0.045N KCNS solution for complete action. 

Find the percentage purity of the sample. (Ans. 79.23). 

8.4.5.0 7.2 g of a silver alloy was dissolved in conc. HNO3and the solution was diluted to one 

litre. 20 mL of this solution needed 21.46 mL of0.045N KCNS solution for titration. What is the 

percentage of silver in the alloy? (Ans. 72.41). 

8.4.6.0 100 mL of a solution containing 8.0 g per litre of a mixture of KCl and K2CO3 was 

acidified with nitric acid and then treated with 100 mL of 0.2N silver nitrate solution. The 

precipitate was filtered off and the filtrate was made up to 250 mL by dilution. 20 mL of this 

solution consumed 23.58 mL of 0.045N solution. Determine the percentage composition of the 

given mixture. (Ans. KCl = 62.8, K2CO3 = 37.2). 

8.4.7.0 1.50 mL of conc. HCI was dissolved in water and treated with 50 mL of N/2 AgNO3 

solution. The AgCl was filtered off and the filtrate made up to 250 mL by dilution. 20 mL of 
this solution required 16.67 mL of 0.054N KCNS solution for complete titration. What is the 

Normality of the concentrated acid? (Ans. 9.16). 

8.5.0.0 Viva questions 

1 What are precipitation titrations? Why are these called argentometric titrations? 
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The titrations in which precipitation reactions take place are called precipitation titrations. The 

most frequent application of this type of titration is use of silver ions to determine chloride ions. 

Therefore, these titrations are called   Argentometric   titrations. 

2 What is the principle of precipitation titration? 

The main principle of precipitation titration is that the quantity of the added precipitating 

reagent or precipitant is equivalent to the substance being precipitated. 

3 What are the main characteristics of precipitation titrations? 

The titrations involve reactions that are fast and complete. There are no secondary or side 

reactions. When the precipitation of analyte by titrant is complete, then just one extra drop of 

titrant forms a coloured precipitate with the indicator showing the end point of the titration. 

4 What is precipitation and when does it occur in a reaction? 

Ans: Precipitation is the formation of a solid residue when two reactants undergo double 

displacement reaction. The residue is an insoluble salt. 

5 What are the three methods used in Precipitation titrations? 

The three methods used in Precipitation titrations are: 

Mohr’s method 

Volhard’s method 

Fajan’s method 

6. Which indicator is used in Mohr’s method and why? 

Mohr’s method is used to determine the chloride ion concentration with silver nitrate using 

potassium chromate as the indicator. Potassium chromate is used as an indicator because it 

forms a red precipitate with silver ions and this precipitate has a greater solubility than silver 
chloride. Therefore, first silver chloride precipitate is formed and when all the chloride has been 

consumed, the first drop of silver in excess will react with chromate indicator and give reddish 

precipitate. 

7 What is the accurate 𝑝𝐻 required in the Mohr’s method of Argentometry? 

In the Mohr’s method  𝑝𝐻 of the medium should be kept at 7 (neutral). If the 𝑝𝐻 of the solution 

is less than 7(acidic), chromate will be converted to dichromate and in alkaline medium when 

 𝑝𝐻 of the medium is more than 7 silver will react with hydroxide ion to give silver hydroxide. 

8 Why is Volhard’s method of Argentometric titrations, an indirect method? 

Volhard’s method is an indirect method of chloride ion determination because in this method an 

excess amount of standard silver ion is added to the chloride solution containing ferric ion as an 

indicator. The excess silver ion is then titrated with standard thiocyanate solution until a red 

colour is obtained which is the end point. 

𝐴𝑔+  +  𝐶𝑙−   → 𝐴𝑔𝐶𝑙  𝐹𝑖𝑟𝑠𝑡 𝐶ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑖𝑠 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒𝑑 𝑢𝑠𝑖𝑛𝑔 𝑒𝑥𝑐𝑒𝑠𝑠 𝑠𝑖𝑙𝑣𝑒𝑟 𝑛𝑖𝑡𝑟𝑎𝑡𝑒. 

𝐴𝑔+  + → 𝐴𝑔𝑆𝐶𝑁  𝑇ℎ𝑒𝑛 𝑒𝑥𝑐𝑒𝑠𝑠 𝑠𝑖𝑙𝑣𝑒𝑟 𝑖𝑜𝑛 𝑖𝑠 𝑡𝑖𝑡𝑟𝑎𝑡𝑒𝑑 𝑤𝑖𝑡ℎ 𝐾𝑆𝐶𝑁 𝑖𝑛 𝑡ℎ𝑒 𝑝𝑟𝑒𝑠𝑒𝑛𝑐𝑒 𝑜𝑓 𝐹𝑒3+ 

𝐹𝑒3+ +  𝑆𝐶𝑁−  → 𝐹𝑒𝑆𝐶𝑁2− 𝑊ℎ𝑒𝑛 𝑠𝑖𝑙𝑣𝑒𝑟 𝑖𝑜𝑛 ℎ𝑎𝑠 𝑏𝑒𝑒𝑛 𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 , 𝑎 𝑟𝑒𝑑 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 𝑓𝑜𝑟𝑚𝑠. 

9 Which methods in Argentometric titrations uses adsorption indicators? 

Fajan’s method uses adsorption indicators. 
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10 Name the adsorption indicators used in Fajan’s method? 

Dichlorofluorescein or fluorescein, eosin, rhodamine are used as adsorption indicators in 

Fajan’s method. 

11 What are the three types of indicators used in precipitation titration? 

There are three types of indicators and each type is specific to the method used for titration 

The first type of indicator is used in Mohr’s method and it is a species that forms a precipitate 
with the titrant. In chloride ion determination, when silver ion is used as titrant; potassium 

chromate is used as an indicator and at the end point it forms a reddish-brown precipitate of 

silver chromate. 

The second type of indicator is used in Volhard’s method and it can form complex with the 

titrant or titrand. In analysis of silver ion using potassium sulphocyanide, ferric ammonium 

sulphate used as an indicator which reacts with sulphocyanide ions to form ferric thiocyanate 

having reddish brown precipitate at the end point. 

The third type of indicator used is an adsorption indicator used in Fajan’s Method. The indicator 

is a dye dichlorofluorescein. In the analysis of chloride ion with silver, the indicator is added to 

the analyte and before the end point the dye has a greenish yellow colour. After the end point 
the indicator is adsorbed on the precipitates surface and shows pink colour indicating the end 

point. 

12.What are the basic requirements for a precipitation titration? 

The precipitate formed should be stoichiometric. 

An indicator should be available for determining the exact end point. 

The equilibrium between the precipitate and the ions should be attained rapidly. 

The value of Ksp should be small. 

13. What are the limitations of Precipitation titrations? 

Very few ions can be analysed by this method like halide ions. 

Coprecipitation can occur and alter the results and affect the accuracy. 

Detection of end point is difficult. 

14. What are the applications of precipitation titrations? 

Precipitation titrations find use in the following fields: 

In the determination of chloride content of natural water by Mohr and Volhard method. 

In determination of silver content in a silver alloy by Volhard method. 

In the determination of halogen content in foods and in pesticides by Volhard method. 

Many drugs are also analysed by precipitation titrations. 

15. Why in Mohr’s method of precipitation titration, a white precipitate is formed before the end 

point and a strong reddish precipitate is formed after the end point? 

In Mohr’s method initially on addition of silver ions, white precipitate of silver chloride is 
formed before the end point. At the end point when all chloride ion has been consumed; excess 

of silver ion reacts with the indicator (chromate ion) to give slight reddish colour due to silver 
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chromate. After the end point there is increased formation of silver chromate which causes 

stronger reddish precipitate. 

16. Why is it difficult to notice the end point in Mohr’s method? 

The indicator potassium chromate used in Mohr’s method has a yellow colour initially. At the 

end point the silver chromate precipitate has a red colour and it is difficult to observe the colour 

change of this precipitate accurately. Even a slight excess causes the colour to become darker 

and exact end point is not noticed. 

17.What is the origin of term argentometric titration? 

Argentometric titration is a type of titration which involves the use of silver ions. Symbol of 
silver is Ag which is taken from its Latin name Argentum. So, the word argentometric is also 

taken from the word argentum. 

18. Tabulate the differences between Volhard’s method and Mohr’s method? 

Sr.no VOLHARD’S METHOD MOHR’S METHOD 

1 It is indirect method of titration It is direct method of titration 

2 At the end point ferric thiocyanate is 

formed which gives red colour 

At the end point silver chromate is formed 

which gives red precipitate 

3 It is performed in acidic conditions. It is performed in neutral or alkaline 

conditions. 

4 Concentration of all halides can be 

found out. 

Concentration of iodide cannot b found 

out. 

5. The required ideal temperature for this 

titration is below 20 C 

The titration can be carried out at room 

temperature. 

19. Why is Volhard’s method of precipitation titration considered an indirect method of 

titration? 

Volhard’s method is an indirect method of halide ion determination because in this titration an 

excess amount of standard silver nitrate is added to the halide ion solution containing ferric 

ammonium sulphate as the indicator. The excess silver ion is then titrated with potassium 

thiocyanate solution till a red colour is obtained due to following reaction between the titrant 

KSCN and the indicator. 

𝐹𝑒3+ + 𝑆𝐶𝑁−1 → 𝐹𝑒(𝑆𝐶𝑁)3 

20.What is the basic principle of precipitation? 

If the ionic product of the salt is greater than its solubility product value then the precipitation of 

the salt takes place, otherwise not. This is basic principle of precipitation. 

21. What is the difference between ionic product and solubility product? 

The product of concentration of ions present in a solution at any fixed temperature is called 

ionic product of the salt. It is generally denoted by Q. 

The product of molar concentration of ions raised to the power equal to its stoichiometric 

coefficient present in the ionic equation in saturated solution at fixed temperature is called 

solubility product. It is denoted by Ksp. 
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22.What is solubility product of AgCl which is a sparingly soluble salt and has solubility 1.05 ×
10−5𝑚𝑜𝑙𝑒𝑠/𝐿. 

For a sparingly soluble salt like AgCl there exists an equilibrium between the undissolved AgCl 

and its ions. At equilibrium the rate of dissolution is equal to the rate of precipitation and 

equilibrium constant K is given by 

𝐾 = [𝐴𝑔+][𝐶𝑙−]/[𝐴𝑔𝐶𝑙] 

As the value of [AgCl] remains constant therefore the above equation becomes 

𝐾𝑠𝑝 = [𝐴𝑔+][𝐶𝑙−] 

𝐾𝑠𝑝is the solubility product. 

𝐾𝑠𝑝 = [1.05 × 10−5][1.05 × 10−5] = 1.1 × 10−10 

23. Which methods of argentometric titration are direct methods of titration? 

Mohr’s method and Fajan’s method are direct methods of argentometric titration. 

24. When chromate is used as an indicator in argentometric titration, the solution should not be 

highly acidic or alkaline? 

When potassium chromate is used as indicator the 𝑝𝐻 should remain between 6.5 -9. If the  𝑝𝐻 

is highly acidic, the chromate ions of the indicator will form HCrO4
- which slows down the 

precipitation of silver chromate and leads to error in end point. If the 𝑝𝐻 is highly alkaline then 
silver ions precipitate as silver hydroxide which is more insoluble than silver chloride, leading 

to error in results. 

 

 

“Every aspect of the world today – even politics and international relations – is affected by 

chemistry.” Linus Pauling, 1901- 1994 

 

 

 Silver nitrate has been used for centuries in printing and photography and these discoveries 

were made by German chemist Johann Schulze (1687-1744) 
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CHAPTER 9 

COMPLEXOMETRIC TITRATION 
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9.1.0.0. Introduction: Complexometric titration involves the titration of a metal ion solution 

with a ligand solution to form a soluble metal ligand complex. Ligands are neutral or charged 
molecules which donate an electron pair to the central metal ion. In a ligand, the atom which 

actually donates the electron pair to the central metal ion is called the donor atom. The ligands 

are arranged around the central metal ion inside the first sphere of attraction in preferred 

geometries which are linear, trigonal planar, tetrahedral, square planar, trigonal bipyramidal, 
square pyramidal and octahedral Depending on the number of atoms on the ligand which can 

donate electron pair and form coordinate bond with the central metal atom, ligands are classified 

as monodentate, bidentate, polydentate where the word dent signifies atoms. Ammonia 
molecule which has a lone pair of electrons on Nitrogen atom is a monodentate ligand. 

Complexes formed from monodentate ligands are called coordination compounds. In a 

coordination compound the complex ion having metal ion and ligands is represented by square 
[] brackets. The number of ligands which are directly attached to the central metal ion is known 

as the coordination number of the metal ion. 2,3,4,6 are the most common coordination 

numbers. Coordination sphere is the part of structural formula of the coordination compound in 

which metal ion and ligands are depicted inside a square bracket. 

𝑀𝑥+(𝑚𝑒𝑡𝑎𝑙 𝑖𝑜𝑛) + 𝑛𝐿(𝑙𝑖𝑔𝑎𝑛𝑑) → [𝑀𝐿𝑛]𝑥+ 

𝑁𝑖2+ + 6𝑁𝐻3 → [𝑁𝑖(𝑁𝐻3)6]+2 

When all the donor atoms of a polydentate ligand get coordinated with the same metal ion, then 

a complex compound is formed which contains one or more rings in its structure. Such a 
compound is called chelated complex or chelate compound or simply chelate. The process of 

formation of chelated complex is called chelation. The term chelate means claw A chelate 

compound is stabilized by a ring unlike a unidentate metal complex. Thus, a chelate has a 
heterocyclic ring structure in which the metal atom is a part of the ring. Example ethylene 

diamine, a bidentate ligand forms a chelate complex with metal ion. (Figure 9.1) 

 

Figure 9.1 

 

Figure 9.2 

The most commonly used chelating ligands in complexometric titrations have amino 

carboxylate group. The most commonly known chelating ligands are ethylene diamine 

tetraacetate (EDTA), dimethylglyoxime(dmg) (Figure 9.2). The complexes formed with metal 
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ions by these ligands can be soluble in water or organic solvents. EDTA (Ethylene diamine 

Tetra acetic acid). EDTA is a hexadentate ligand which has six donor atoms and as such forms a 
stable chelate complex with the metal ions. The four carboxylic oxygen atoms and two amino 

groups have a pair of electrons each capable of coordination with the metal ion. (Figure 9.3) 

9.1.1.0 Chelating and sequestering agent: EDTA forms a water-soluble complex with metal 

ions and is also called a sequestering agent. dmg does not form a water -soluble complex and is 
therefore a chelating agent but not sequestering agent. A sequestering agent basically chelates 

the metal ion under the given conditions and forms a stable complex that does not decompose 

easily. Chelating agents have one active site per molecule whereas sequestering agents have 
several active sites per molecule.  Chelating agents are less reactive and sequestering agents are 

more reactive. 

9.1.2.0 Reagent used for Complexometric titration: The disodium salt of EDTA which forms 
water soluble chelate complexes with most of the bi and polyvalent ions is most commonly used 

as a titrant in the complexometric titrations. 

 

Figure 9.3 

EDTA forms a stable chelate complex having a five membered ring structure (Figure 9.4) with 

the metal ions. These five membered rings are strain less. Due to formation of stable chelates, 

these titrations are also called chelometric titrations. EDTA forms 1:1 complex with most of the 
metal ions. The disodium salt of EDTA is water soluble and is normally used for preparation of 

standard solution of EDTA. It is available at low price. 

 

Figure 9.4 Chelate complex of EDTA with metal ion (Image courtesy: enwikipedia.org) 
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9.1.2.1 Representation of EDTA and its disodium salt: The structure of EDTA shows that it 

is tetrabasic (figure 1) and therefore in the reactions of complexometric titrations it is generally 
represented as H4Y, where each acidic H on EDTA can be removed producing H3Y

-, H2Y
2-, 

HY3- and Y4- ions. The disodium dihydrate salt of EDTA is represented as Na2H2Y. 

9.1.3.0 Formation constant and conditional formation constant: When a metal ion reacts 

with a ligand say EDTA, the equilibrium constant is called stability constant or formation 

constant denoted by Kf 

𝑀𝑛+ + 𝑌4− ⇄ 𝑀𝑌𝑛−4
 

𝐾𝑓 = [𝑀𝑌𝑛−4]/[𝑀𝑛+][𝑌4−] 

𝑀𝑛+𝑖𝑠 𝑡ℎ𝑒 𝑚𝑒𝑡𝑎 𝑖𝑜𝑛 𝑎𝑛𝑑 𝑌4−𝑖𝑠 𝑡ℎ𝑒 𝐸𝐷𝑇𝐴 𝑙𝑖𝑔𝑎𝑛𝑑 

The formation constant describes the reaction between the metal ion and the ligand. As EDTA 

exists in the form( 𝑌4−)𝑎𝑡 certain higher Ph (around 10) only and at lower pH it exists in other 

ionic forms 𝐻𝑌3−, 𝐻2𝑌2−𝑒𝑡𝑐.The fraction of the EDTA ligand that exists in a particular form is 

expressed in terms of conditional formation constant and is represented by K’
f 

Kf
’ =Kf×  𝛼𝑌4−  

𝛼𝑌4− = [𝑌4−]/[𝐸𝐷𝑇𝐴] 

The completion of reaction between EDTA and ligand depends on these formation constants A 

very large value of formation constant indicates that the complex formed is stable. The 

metallochromic indicators also form such complexes with the metal ion. The accuracy of the 

end point depends on the stability and strength of the metal indicator complex relative to the 
strength of the metal EDTA complex. Since metallochromic indicators are weak acids so the 

strength of metal indicator complex can be adjusted by adjusting the 𝑝𝐻 of the solution. 

9.1.4.0 Effect of pH on complex formation: The fully protonated form of EDTA, H4Y is a 

major component in very acidic solutions (𝑝𝐻<3). The H2Y
2- and H3Y

- are predominant in 𝑝𝐻 

range 3 to 10. The fully unprotonated form Y4- is dominant only in very basic solutions (𝑝𝐻 

>10). Since the main complexing species is Y4- ; so, complexes of most divalent metal ions are 

more stable in ammoniacal solution. Trivalent metal complexes like those of cobalt (III) EDTA 

complex are stable at low 𝑝𝐻. The maintenance of 𝑝𝐻 at which the complex is stable is done 

using a buffer solution. 

9.1.5.0 Role of buffer in Complexometric titration: EDTA titrations involve formation of a 
complex between metal ion and EDTA. EDTA represented as H4Y, forms complex with metal 

ion in deprotonated form Y4-. This deprotonated form of EDTA is dominant above 𝑝𝐻 10. So, a 

buffer solution is required to maintain the 𝑝𝐻 .Change in ph may lead to improper reaction 

between metal ion and EDTA. The disodium Salt of EDTA which is used in the EDTA 

titrations (Na2H2Y) reacts with metal ions as follows: 

𝑀2+ + 𝐻2𝑌2− ⇄ 𝑀𝑌2− + 2𝐻+ 

Carrying out the reaction in basic buffer solution removes the H+ ion as it is formed. This shifts 

the equilibrium to the right and favours formation of the metal EDTA complex (𝑀𝑌2−). 

9.1.6.0 Detection of end point in complexometric titration: End point in complexometric 

titration can be detected by following methods: 

Use of metallochromic indicators. 

Spectrophotometric method 
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Amperometry titrations 

Potentiometric titration 

9.1.6.1 Metallochromic indicators: 

Indicators in any kind of titration are used for the precise determination of end point. They have 

the ability to change their structure with pH variation and different structures give different 

colours. The indicators used in complexometric   titrations are basically organic in nature, 
mainly dyes which are metal ion sensitive and hence called metallochromic indicators. They 

form coloured complexes with the metal ion to be analysed called metal indicator complex. 

Once the metal ion completely reacts with the complexing agent (generally EDTA) forming M-
EDTA complex; the indicator is set free from the metal indicator complex and shows a colour 

change. 

𝑀 − 𝐼𝑛(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑 𝑐𝑜𝑚𝑝𝑙𝑒𝑥) + 𝐸𝐷𝑇𝐴 → 𝑀 − 𝐸𝐷𝑇𝐴 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 + 𝐼𝑛(𝑏𝑙𝑢𝑒) 

The indicator is generally a weak acid and the strength of the M-indicator complex   also 

determines the accuracy of the end point. If the M-indicator complex is strong then colour 

change occurs after the equivalence point and if it is weak, colour change may occur before the 

equivalence point resulting in erroneous results. However, as the colour of free indicator is also 

influenced by the change in 𝑝𝐻 so the only way to avoid these errors is to adjust the pH at 

which we carry out the titration. The  𝑝𝐻 has to be set at such value so that the equivalence 

point and end point are nearly identical. 

9.1.6.2 Characteristics of metallochromic indicators: 

The colour shown by metal indicator complex should be different from the colour of free 

indicator as shown in the above equation, metal indicator complex is wine red in colour and free 

indicator has a blue colour. 

Visual detection of end point should be feasible i.e., the colours should be distinctly visible both 

at the start of reaction and at the end point. 

M-EDTA complex formed at the completion of reaction in the titration flask should be more 
stable than the M-Indicator complex, so that the indicator is completely free to give the distinct 

colour at the end point. 

The rate of reaction should be high so that a sharp end point is obtained. 

The indicator should be selective for a given metal ion. 

The colour change should be sharp and intense at the end point. 

9.1.6.3 Common metallochromic indicators (Preparation and use) 

Eriochrome black –T:  Also known as Solochrome, it is useful for complexometric titrations 
involving determination of Mg2+

, Zn2+, Ni2+, Cd2+ etc. It is an eye and skin irritant and poses 

some environmental hazards also, so it should be used cautiously. 

Molecular formula and structure of EBT: The molecular formula of Eriochrome Black T is 

𝐶20𝐻12𝑁3𝑁𝑎𝑂7𝑆.The structure is shown in Figure 9.5 
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Figure 9.5(Image courtesy: enwikipedia.org) 

Preparation of solution of EBT indicator: 

Method 1: EBT is a dark red/brown powder and being organic in nature it does not dissolve in 
water. Take 15mL of triethanolamine and dissolve 0.2 g of solid Eriochrome black T in it. 

When dissolution is complete add 10 mL of methanol and stir it. The solution so prepared is 

highly stable and can be stored in a stoppered bottle for a long time. The solution of EBT does 

not decompose with time. 

Method 2: Dissolve 0.5g of solid EBT in 50mL of ethyl alcohol (95%) in a flask. Weigh 4.5 g 

of hydroxylamine hydrochloride and add it to the above solution. Swirl the flask to dissolve 

hydroxylamine hydrochloride. Then make up the solution to 100mL with ethyl alcohol. 

Murexide: Also called ammonium purpurate, it is the ammonium salt of purpuric acid and is 

used as a metallochromic indicator in complexometric titrations of Ca, Co, Cu, Ni, Th and rare 

earth metals. This indicator works even in small amounts as compared to EBT and is therefore 

preferred over EBT in some cases. 

Molecular formula and structure: The molecular formula of murexide is  

𝐶8𝐻8𝑁6𝑂6 𝑜𝑟 𝐶8𝐻5𝑁5𝑂6. 𝑁𝐻3 .The structure of mureoxide is shown in Figure 9.6 

 

Figure 9.6 Murexide (Image source: enwikipedia.org) 

Preparation of murexide indicator solution: 

Method 1: Take 0.5 g of murexide powder in a beaker and add 100mL of water. Stir it 
thoroughly. Some of it dissolves. Allow the undissolved part to settle for some time. The 

supernatant liquid can be used as indicator. This solution of the indicator is stable for one day 

only. The undissolved part can again be used to get fresh solution of indicator. 

Method 2: Weigh accurately 150g of the murexide indicator and take it in a beaker. Then take 

100mL of ethylene glycol and add it to the indicator. Stir the mixture and keep the solution in a 

stoppered bottle. This solution of indicator has a longer shelf life. 

Xylenol orange: It is used for complexometric titration of Zn, Pb, Ni ions in a buffer solution of 
hexamine. The free indicator in acidic medium shows lemon yellow colour and in complex form 

with the metal shows orange red colour. For titrations the tetrasodium salt of the indicator is 

used. 
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Molecular formula and structure: The molecular formula of xylenol orange is 

    𝐶31𝐻32𝑁2𝑂13𝑆.The structure of xylenol orange is shown in Figure 9.7 

 

Figure 9.7 Xylenol Image source: enwikipedia.org 

Preparation: Take 0.1g of xylenol orange and dissolve in 100 ml water. Filter the solution if 

necessary. 

9.1.7.0 Essential conditions for complexometric titrations: 

The reaction should reach equilibrium rapidly after each portion of titrant is added. 

A good complexometric titrant: EDTA fulfils most of the conditions of a good titrant like 
formation of stable chelate complex,1:1 stoichiometry of most of the complexes irrespective of 

the charge on the metal ion, rapid reaction of EDTA with most metal ions, water soluble and 

colourless complexes. 

A good metallochromic indicator generally an organic dye which forms a coloured complex 

with the metal ion being titrated. 

Proper control of 𝑝𝐻 by using appropriate buffers: Control of 𝑝𝐻 during complexometric 

titration is important because the H+   ions play an important role in chelation. These H + ions are 

displaced by the metal ions from the chelating ligand (EDTA). When 𝑝𝐻  of the solution is low, 

more H+ ions are available and stability of the metal EDTA complex is lowered as can be seen 

from the following equilibrium: 

𝑀+2 + 𝐻2𝐸𝐷𝑇𝐴−2 ⇄ 𝑀 − 𝐸𝐷𝑇𝐴−2 + 2𝐻+ 

So, metals which form weak complexes cannot be titrated effectively in acidic conditions. 

9.1.8.0 Different methods of carrying out complexometric titration: 

Complexometric titrations can be carried out by the following four methods: 

9.1.8.1 Direct titration method: It is the simplest and most convenient method in which the 

standard solution of EDTA is slowly added to the metal ion solution till the end point is reached 

with the help of suitable indicators. In these titrations metal ion solution is buffered to desired 

pH of 10 and availability of suitable indicator is essential to carry out these titrations. Indicators 

suitable for direct titrations with metal ions are mainly EBT, murexide and xylenol orange 

9.1.8.2 Back titration method: Many metal ions cannot be titrated directly because of the 

following reasons: 

They may precipitate from the solution in the desired range of ph. 

They may form inert complexes 
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A suitable metal indicator may not be available. 

In such cases back titration method is followed. In this method an excess of standard EDTA 
solution is added to the metal ion solution to be analysed. Some of the EDTA forms complex 

with the metal ion and some of the EDTA remains unreacted. This excess of unreacted EDTA is 

back titrated with a standard metal ion solution (Mg or Zn). Generally, zinc chloride or sulphate 

or magnesium chloride or sulphate is used for this titration. The end point is detected with the 
aid of metal indicator (generally EBT) which responds to the zinc or magnesium ions introduced 

in the back titration. 

𝑀(𝑀𝑒𝑡𝑎𝑙 𝑡𝑜 𝑏𝑒 𝑎𝑛𝑎𝑙𝑦𝑠𝑒𝑑) + 𝐸𝐷𝑇𝐴(𝑒𝑥𝑐𝑒𝑠𝑠) →  𝑀 − 𝐸𝐷𝑇𝐴 + 𝑢𝑛𝑟𝑒𝑎𝑐𝑡𝑒𝑑 𝐸𝐷𝑇𝐴 

𝑀𝑔+2 + 𝑢𝑛𝑟𝑒𝑎𝑐𝑡𝑒𝑑 𝐸𝐷𝑇𝐴 → 𝑀𝑔 − 𝐸𝐷𝑇𝐴 

9.1.8.3 Replacement or substitution Titration: This method is used for the metal ions that do not 

react satisfactorily with a metal indicator. These titrations are useful for metal ions which form a 

more stable complex with EDTA than formed by other metal ions. The metal cation say Ca2+ to 
be determined is treated with magnesium complex of EDTA when the Mg2+ ion is set free .  

𝐶𝑎+2 + 𝑀𝑔 − 𝐸𝐷𝑇𝐴 → 𝐶𝑎 − 𝐸𝐷𝑇𝐴 + 𝑀𝑔+2 

The amount of magnesium ion set free is equivalent to the Ca+2 + ion present. This free Mg+2 ion 
is titrated with standard solution of EDTA using EBT as the indicator. The magnesium indicator 

complex is more stable than calcium indicator complex, but less stable than magnesium EDTA 

complex. Since magnesium EBT complex is wine red in colour and free indicator is blue 

between pH 7-11, the colour of the solution changes from wine red to blue at the end point. In 
the direct titration of Ca+2 ions the, EBT gives a poor end point. By replacement titration an 

improved end point is observed. 

𝑀𝑔2+ + 𝐻2𝑌−2 → 𝑀𝑔𝑌−2 + 2𝐻+ 

𝑀𝑔𝐼𝑛−(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) + 𝐻2𝑌−2 → 𝑀𝑔𝑌−2 + 𝐻𝐼𝑛2−(𝑏𝑙𝑢𝑒) + 𝐻+ 

9.1.8.4 Alkalimetric titration: This method is adopted when no other method is suitable for 

titration. This method uses the principle of liberation of free H+ ions during complexation. 

When a solution of disodium salt of EDTA is added to the metallic ions, complexes are formed 

with the liberation of two equivalents of H+ ions. 

𝑀𝑛+ + 𝐻2𝑌−2 → (𝑀𝑌)𝑛−4 + 2𝐻+ 

The H+ ions thus getting free can be titrated with standard sodium hydroxide solution using 
phenolphthalein as indicator or potentiometric end point. Only metals forming EDTA 

complexes of very high stability constants can be determined by this method. 

9.1.9.0 Role of Masking and demasking agents in complexometric titration: 

EDTA used in complexometric titrations is not a selective reagent as it forms chelates with most 
of the metal ions. The selectivity of EDTA can be increased by control of pH and by the use of 

masking and demasking agent. Masking reagent protects some component of the analyte from 

reaction with EDTA. It is used to prevent one element from interfering in the analysis of another 
element without physical separation. These reagents form complexes with interfering ions 

which are more stable than the complexes formed with indicator and EDTA. Example: Suppose 

calcium ion is to be analysed in an analyte and Mg ions are also present in the solution then 
some masking agent is required for Mg ion so that it does not interfere in the analysis of Ca 

ions. The most common method of masking is complexation method in which stable complex is 

formed between the masking agent and the metal ions. (Table 9.1) 
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𝐾𝐶𝑁 𝑎𝑠 𝑚𝑎𝑠𝑘𝑖𝑛𝑔 𝑎𝑔𝑒𝑛𝑡: 𝐾𝐶𝑁 + 𝑀2+ → [𝑀(𝐶𝑁)4]−2 

Table 9.1 

Masking agent Metal ion which can be masked 

Ascorbic acid Fe 

Potassium iodide Hg 

Potassium cyanide Ag, Cu, Mg, Cd 

Ammonium fluoride Al, Fe 

Triethanolamine Al 

Demasking agent: Demasking agents are those which regain the ability of the masked ion to 

enter the reaction and react with indicator and EDTA.  Example: A mixture of formaldehyde 

and acetic acid helps in removing the masking action of KCN. Demasking agents are especially 
helpful when a solution contains mixture of ions and we have to determine the concentration of 

each ion. Suppose we have mixture of Cu, Cd and Ca. In this case first the solution is treated 

with EDTA. All the three ions will form complex with EDTA and gives combined 

concentration of three ions. (Let it be x) Then KCN as masking agent is used to mask Cu and Cd 
and after masking; Cu and Cd won’t react with EDTA. Now only Ca forms complex with 

EDTA. This step gives concentration of Ca ions (let it be y). Now demasking agent like 

formaldehyde and acetic acid is used which demasks Cd. After demasking, Cd regains the 
ability of complex formation and forms complex with EDTA. So, at this stage we can get 

concentration of Cd +Ca. (let it be z). From x, y, z the concentration of individual ions can be 

determined. 

𝑅𝑒𝑚𝑜𝑣𝑎𝑙 𝑜𝑓 𝑚𝑎𝑠𝑘𝑖𝑛𝑔 𝑎𝑐𝑡𝑖𝑜𝑛 𝑜𝑓 𝐾𝐶𝑁 𝑏𝑦 𝑑𝑒𝑚𝑎𝑠𝑘𝑖𝑛𝑔 𝑎𝑔𝑒𝑛𝑡 ( 𝑓𝑜𝑟𝑚𝑎𝑙𝑑𝑒ℎ𝑦𝑑𝑒 𝑎𝑛𝑑 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑 ) 

[𝑀(𝐶𝑁)4]−2(𝑀𝑎𝑠𝑘𝑒𝑑 𝑙𝑒𝑠𝑠 𝑠𝑡𝑎𝑏𝑙𝑒) + 4𝐻𝐶𝐻𝑂 + 4𝐶𝐻3𝐶𝑂𝑂𝐻
→ 𝑀+2(𝑑𝑒𝑚𝑎𝑠𝑘𝑒𝑑 𝑚𝑒𝑡𝑎𝑙 𝑖𝑜𝑛) + 4𝐶𝐻2(𝐶𝑁)𝑂𝐻(𝑚𝑜𝑟𝑒 𝑠𝑡𝑎𝑏𝑙) + 4𝐶𝐻3𝐶𝑂𝑂− 

9.1.10.0. Titration Curve: In complexometric titrations, mainly the ligand disodium salt of 

EDTA is the titrant and taken in the burette. The metal ion solution is the analyte and is taken in 
the flask.  As in acid base titration curve change in pH is plotted against the volume of the titrant 

added, similarly in complexometric titrations change in Pm is plotted against the volume of 

EDTA where Pm is -log [Mn+].The titration curve is symmetric titration curve in which the 
equivalence point in the curve is at midpoint of the steep rising portion of the curve.(Figure 

9.8)There are three distinct regions in the titration curve: 

Region 1: This is the region of curve before the equivalence point. In this region there is excess 

of the unreacted metal ion in the solution in titration flask. 

Region 2: The region which coincides with the equivalence point. At this point the solution has 

as much EDTA as there is metal ion. 

Region 3: The region of the curve after the equivalence point where there is excess of EDTA in 

the solution in the titration flask. 
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Figure 9.8 

9.1.11.0 Sources of error and Precautions in Complexometric titration: 

Only deionized water and not distilled water should be used in these experiments. 

Excess indicator to make the solution appear darker should be avoided. 

The EDTA solution should be added dropwise in the conical flask containing the analyte. 

Buffer solution should be prepared fresh and its pH should be checked before adding it to the 

titration flask. 

pH test papers should be used to check the accurate pH of the analyte solution. 

The blue colour at the end point should persist for a long time. 

The titration flask should be continuously stirred during the titration either mechanically or 

using a magnetic stirrer. 

EDTA solution should be standardized for accurate results. 

EDTA solution should not be stored in glass vessels for long time. 

9.2.0.0 EXPERIMENTS 

Experiment 9.2.1.0: Determine by complexometric titration the strength and percentage purity 
of Mg2+ ions in the given solution of Magnesium sulphate using Eriochrome Black T as an 

indicator. Provided approximately M/100 Disodium salt of EDTA solution. 

Requirement: Standard solution of Magnesium sulphate (MgSO4.7H2O) (M/100) 

Discussion: Disodium salt of EDTA is a chelating hexadentate   ligand which forms a complex 

with metal ions like Mg2+ ion. The titration of EDTA with Mg ions is carried out at a 𝑝𝐻 of 10 

using EBT as indicator. A small amount of NH3-NH4Cl buffer is used along with the indicator 

to maintain the 𝑝𝐻 and get sharp colour change at the end point. Initially the Mg ions form 
complex with the indicator and give a red colour. After the reaction with EDTA has completed 

and equivalence point has reached, a blue colour appears which is due to the free indicator as 

EDTA has formed the complex with Mg ions. 

Chemical reaction: 

𝑀𝑔2+ + 6𝑁𝐻3(𝑏𝑢𝑓𝑓𝑒𝑟) ⟶ [𝑀𝑔(𝑁𝐻3)6]+2 + 𝐻2𝑂 

[𝑀𝑔(𝑁𝐻3)6]+2 + 𝐼𝑛 ⟶ 𝑀𝑔𝐼𝑛 (𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) 
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𝑀𝑔 − 𝐼𝑛 + 𝐻2𝑌2−(𝐸𝐷𝑇𝐴) ⟶ [𝑀𝑔𝑌]2− + 𝐼𝑛(𝑏𝑙𝑢𝑒) 

Indicator: Eriochrome Black T (EBT) [For both titrations I and II] 

End point: Wine red to Blue [For both titrations I and II] 

Procedure: The procedure involves double titration. In the first titration the given solution of 

disodium salt of EDTA is standardized with standard Magnesium sulphate solution and exact 

molarity of the EDTA solution is found out. In the second titration the given Magnesium 
sulphate solution is titrated with the standardized EDTA solution. and strength and percentage 

purity of Mg+2ions is determined. 

Titration I:  Standardization of given EDTA solution: Prepare 0.1M standard Magnesium 
sulphate solution by dissolving 2.5g of the salt in 100 ml of deionized water. Wash, rinse and 

fill the burette with given EDTA solution. Note the initial reading of the burette. It is not 

essential to keep the initial reading at 0 level mark, but it is essential that while noting down the 

reading the correct meniscus should be read. (Lower meniscus). Pipette out 20mL of the 
standard Magnesium sulphate solution in the titration flask. Add 5 mL of NH3-NH4Cl buffer 

[The 𝑝𝐻 of the solution should be around 10]. Then add EBT indicator with the help of dropper 

(5-6 drops). The colour of the solution in the flask should be wine red. Titrate this solution with 
EDTA till a blue colour is obtained. The blue colour is due to the un-complexed Indicator 

(EBT) after the equivalence point. Note the final reading of the burette. Repeat the procedure to 

get three concordant readings. 

Titration II: Titration of given magnesium sulphate solution with standard EDTA solution: 
Wash rinse and fill the burette with EDTA solution. Note the initial reading of the burette. 

Pipette out 20mL of the given Magnesium sulphate solution into a conical flask. Add 5 mL of 

NH3-NH4Cl buffer [The  𝑝𝐻 of the solution should be around 10]. Then add EBT indicator with 
the help of dropper (5-6 drops). The colour of the solution in the flask should be wine red. 

Titrate the solution in the flask with EDTA solution till a blue colour is obtained. The blue 

colour is due to the un-complexed Indicator (EBT) after the equivalence point. Note the final 

reading of the burette. Repeat the procedure to get three concordant readings. 

Observation and calculations: 

Titration I:  Given EDTA solution against standard 0.1M MgSO4.7H2O solution. 

Solutions in the flask:  20mL standard MgSO4.7H2O solution + 5mL buffer + 5-6 drops EBT 

Table 9.2 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of EDTA solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 16.25 16.25𝑚𝐿 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(𝐸𝐷𝑇𝐴) = 𝑀2𝑉2(𝑀𝑔𝑆𝑂4) 

Suppose 20 ml of standard Magnesium sulphate solution is equivalent to 16.25 ml of EDTA 

solution 

𝑀1(𝐸𝑥𝑎𝑐𝑡 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝐸𝐷𝑇𝐴) =  𝑀2𝑉2/𝑉1=  0.1 × 20 /16.25 = 0.123 

Titration II: Solutions in the flask: 20mL given MgSO4.7H2O solution + 5mL buffer + 5-6 drops 

EBT 

Table 9.3 
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𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛: 𝑀3𝑉3(𝑔𝑖𝑣𝑒𝑛 𝑀𝑔𝑆𝑂4) = 𝑀4𝑉4(𝐸𝐷𝑇𝐴) 

𝑀3 =
𝑀4𝑉4

𝑉3
=   0.123 ×

21

20
= 0.129 

𝑤ℎ𝑒𝑟𝑒 𝑀4 = 𝑀1=0.123 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑀𝑔𝑆𝑂4. 7𝐻2𝑂 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑀𝑜𝑙. 𝑤𝑡 = 0.123 × 246.47
= 30.31𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝑀𝑔+2𝑖𝑜𝑛𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝐴𝑡. 𝑤𝑡 𝑜𝑓 𝑀𝑔+2 = 0.123 × 24
= 2.95𝑔/𝐿 

Result =The strength of Mg2+ ions in the magnesium sulphate solution =2.95 g/L. 

9.2.1.1 Notes: 

Preparation of solutions 

Magnesium sulphate solution:(M. wt. =246.5): Dissolve 24.5 g of the salt in 1L of deionized 

water. 

0.01M EDTA solution:  Dissolve 3.72g of disodium EDTA salt in 300 mL of deionised water in 

a clean, dry 1L volumetric flask. Make the volume to 1L with deionized water. 

NH3/NH4Cl buffer (𝑝𝐻 = 9.5): Add 17.5 g of ammonium chloride to 142ml of conc ammonia 

in a measuring flask and make up the volume to 250ml with de ionized water. 

EBT: EBT is a dark red/brown powder and being organic in nature it does not dissolve in water. 

Take 15mL of triethanolamine and dissolve 0.2 g of solid Eriochrome black T in it. When 

dissolution is complete add 10 mL of methanol and stir it. The solution so prepared is highly 

stable and can be stored in a stoppered bottle for a long time. 

Precautions: Use only deionized water and not distilled water in this experiment. 

Do not add excess of indicator to make the colour appear darker. 

Add the EDTA solution dropwise in the conical flask containing the analyte. 

Buffer solution should be prepared fresh and its pH should be checked before adding it to the 

titration flask. 

The blue colour at the end point should persist for a long time. 

The titration flask should be continuously stirred during the titration either mechanically or 

using a magnetic stirrer. 

Experiment 9.2.2.0: Determine by complexometric titration the value of x in 𝑍𝑛𝑆𝑂4. 𝑥𝐻2𝑂  

3.0g of which have been dissolved per litre of the given solution. Provided approximately 

0.01M of EDTA solution and using EBT as the indicator. 

Discussion: The analysis of Zinc follows the same Principle as Magnesium analysis done in the 

previous exercise as Zinc also forms 1:1 complex with EDTA and titration can be carried out at 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of standard EDTA 

solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 21.00 21.00𝑚𝐿 
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𝑝𝐻 10 using EBT as the indicator. The zinc ions beside forming complex with the indicator 

(wine red colour), also forms complex with NH3 present in the buffer solution. The colour 
change at the point is not sharp but on slow addition of EDTA, the colour first changes to purple 

and then to light blue and finally when all the Zinc ions have been complexed by the EDTA 

solution, the free indicator gives the intense blue colour as the end point. 

Chemical reaction: 

𝑍𝑛2+(𝑐𝑜𝑙𝑜𝑟𝑙𝑒𝑠𝑠) + 𝐻𝐼𝑛−2(𝐵𝑙𝑢𝑒 𝑓𝑟𝑒𝑒 𝑖𝑛𝑑𝑖𝑐𝑎𝑡𝑜𝑟) ⇆ 𝑍𝑛𝐼𝑛−(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑 𝑐𝑜𝑚𝑝𝑙𝑒𝑥) + 𝐻+ 

𝑍𝑛𝐼𝑛−(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑 𝑐𝑜𝑚𝑝𝑙𝑒𝑥) + 𝐻𝑌−3(𝑐𝑜𝑙𝑜𝑟𝑙𝑒𝑠𝑠 𝐸𝐷𝑇𝐴)    
⇄ 𝑍𝑛𝑌−2(𝑚𝑒𝑡𝑎𝑙 − 𝐸𝐷𝑇𝐴 𝑐𝑜𝑚𝑝𝑙𝑒𝑥) + 𝐻𝐼𝑛−2(𝐵𝑙𝑢𝑒 𝑓𝑟𝑒𝑒 𝑖𝑛𝑑𝑖𝑐𝑎𝑡𝑜𝑟) 

Indicator: EBT 

End point: Wine Red to intense blue 

Titration I: Preparation of standard 0.01M Zinc sulphate solution and Titration with given 

EDTA solution: Weigh accurately 0.287g. of Zinc sulphate and use deionized water to prepare 
100 mL of the solution. Wash, rinse and fill the burette with EDTA solution. Note the initial 

reading of the burette. Pipette out 10mL of standard Zinc sulphate solution in the titration flask 

with the help of pipette bulb. Add 4-5 mL of ammonia –ammonium chloride buffer solution and 
2-3 drops of indicator to get wine red colour. If the colour doesn’t appear, swirl the flask and 

add 2 drops more of the indicator. Check the 𝑝𝐻 of the solution with indicator paper. 𝑝𝐻 should 

be around 10. Titrate the solution in flask with EDTA solution till the colour changes to intense 

blue. The colour change has to be seen carefully as first it changes to purple, then light blue and 
finally intense blue. As the colour starts changing, the addition of EDTA should be slowed 

down so that as only one extra drop of EDTA gives the end point. Note the final reading of the 

burette. Take a separate clean flask and repeat the procedure to get at least three concordant 

readings. 

Titration II: Titration of given Zinc sulphate solution with the standardized EDTA solution: 

Wash, rinse and fill the burette with standard EDTA solution. Note the initial reading of the 

burette. Pipette out 10mL of the given Zinc sulphate solution in the titration flask with the help 
of pipette bulb and add 4-5 mL of ammonia –ammonium chloride buffer solution and 2-3 drops 

of indicator to get wine red colour. Proceed for rest of the procedure as in titration I. 

Observation and calculation: 

Titration I:  Given EDTA solution against standard 0.01M ZnSO4.7H2O solution. 

Solutions in the flask: 20mL standard 0.01M ZnSO4.7H2O solution + 5mL buffer + 5-6 drops 

EBT 

Table 9.4 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of EDTA solution used 

(𝑉1𝑚𝐿) (F.R – I.R) 

1. 0 15.25 15.25𝑚𝐿 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(𝐸𝐷𝑇𝐴) = 𝑀2𝑉2(𝑍𝑛𝑆𝑂4. 7𝐻2𝑂) 

Suppose 20 ml of standard 𝑍𝑛𝑆𝑂4. 7𝐻2𝑂 solution is equivalent to 18.25 ml of EDTA solution 

𝑀1(𝐸𝑥𝑎𝑐𝑡 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝐸𝐷𝑇𝐴) =  𝑀2𝑉2/𝑉1=  0.01 × 20 /15.25 = 0.013 
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Titration II: Solutions in the flask:  20mL given ZnSO4.7H2O solution +   5mL buffer + 5-6 

drops EBT 

Table 9.5 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛: 𝑀3𝑉3(𝑔𝑖𝑣𝑒𝑛 𝑍𝑛𝑆𝑂4. 7𝐻2𝑂 ) = 𝑀4𝑉4(𝐸𝐷𝑇𝐴) 

𝑀3 =
𝑀4𝑉4

𝑉3
=   0.013 ×

19.30

20
= 0.0125 

𝑤ℎ𝑒𝑟𝑒 𝑀4 = 𝑀1=0.013 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑔𝑖𝑣𝑒𝑛 𝑍𝑛𝑆𝑂4. 7𝐻2𝑂  𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑀𝑜𝑙. 𝑤𝑡 𝑜𝑓𝑔𝑖𝑣𝑒𝑛 𝑍𝑛𝑆𝑂4. 7𝐻2𝑂
= 0.0125 × 287.6 = 3.595 𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝑍𝑛+2𝑖𝑜𝑛𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝐴𝑡. 𝑤𝑡 𝑜𝑓 𝑍𝑛+2 = 0.0125 × 65.38
= 0.8175𝑔/𝐿 

Result: The strength of Zn2+ ions in the magnesium sulphate solution =0.8175 g/L. 

9.2.2.1 Notes: 

Preparation of solutions: 

Dissolve 3.72g of disodium EDTA salt in 300 mL of deionized water in a clean, dry 1L 

volumetric flask. Make the volume to 1L with deionized water. 

Zinc sulphate solution:(M wt. = 287.6): Dissolve 2.87 g of the salt in 1L of deionized water. 

0.01M EDTA solution 

NH3/NH4Cl buffer (𝑝𝐻 = 9.5):Dissolve 17.5 g of ammonium chloride in mL of deionized 

water. Add 142 mL of 10M ammonia solution and dilute with water to 250 mL. 

EBT: EBT is a dark red/brown powder and being organic in nature it does not dissolve in water. 

Take 15mL of triethanolamine and dissolve 0.2 g of solid Eriochrome black T in it. When 

dissolution is complete add 10 mL of methanol and stir it. The solution so prepared is highly 

stable and can be stored in a stoppered bottle for a long time. 

Precautions: Use only deionized water and not distilled water in this experiment. 

Do not add excess of indicator to make the colour appear darker. 

Add the EDTA solution dropwise in the conical flask containing the analyte. 

Buffer solution should be prepared fresh and its pH should be checked before adding it to the 

titration flask. 

The blue colour at the end point should persist for a long time and the colour change at the end 

point should be sharp. 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of standard EDTA 

solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 19.30 19.30𝑚𝐿 
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The titration flask should be continuously stirred during the titration either mechanically or 

using a magnetic stirrer. 

The colour at the end point should be viewed against a white background. For better detection 

of end point the colour change of indicator should be checked beforehand. 

Experiment 9.2.3.0: To determine the total, permanent and temporary hardness of given sample 

of water by complexometric method using disodium salt of EDTA. 

Discussion: Hardness of water is the property of water to form an insoluble scum/curd with soap 

instead of lather. It arises due to the presence of bicarbonates, sulphates and chlorides of 

calcium and magnesium. The hardness due to bicarbonates of calcium and magnesium can be 
removed by boiling water and is called temporary hardness. Permanent hardness is caused by 

sulphates and chlorides of calcium and magnesium. The hardness of water is expressed in terms 

of milliequivalents per litre and one milliequivalent is 50 milligrams of calcium carbonate per 

litre. 

The total hardness of water is first determined by titrating the water sample with EDTA using 

Eriochrome Black T as the indicator. The Ca2+/Mg2+ions form a temporary wine-red complex 

with the indicator. When EDTA is added, the Ca2+/Mg2+ ions preferably form more stable 
complex with EDTA, and the free indicator gives an intense blue colour indicating the end 

point. The reaction is carried out in presence of NH3+NH4Cl buffer so as to maintain the pH at 

10. 

Permanent hardness of water sample is determined by first removing the temporary hardness 

from the sample by boiling it. When water is boiled, temporary hardness causing substances are 

precipitated as insoluble carbonates or hydroxides. This precipitate can be removed by filtration. 
The filtrate obtained has only permanent hardness and it is determined by titrating with EDTA 

using EBT as the indicator and NH3+NH4Cl as the buffer to maintain pH =10.Temporary 

hardness is determined by simply subtracting the value of Permanent hardness from total 

hardness. 

Chemical reaction: 

𝐸𝐵𝑇 + 𝐶𝑎+2/𝑀𝑔+2 → 𝐸𝐵𝑇 − 𝐶𝑎+2/𝑀𝑔+2(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) 

𝐸𝐵𝑇 − 𝐶𝑎+2/𝑀𝑔+2 +EDTA→ 𝐸𝐷𝑇𝐴 −  𝐶𝑎+2/𝑀𝑔+2 + 𝐸𝐵𝑇(𝑠𝑡𝑒𝑒𝑙 𝑏𝑙𝑢𝑒) 

Indicator: Eriochrome Black T (For both titrations I and II) 

End point: Wine red to blue (For both titrations I and II) 

Procedure: Titration I: Preparation of standard solution of 0.01M Magnesium sulphate and 

Standardization of EDTA solution: Weigh accurately 0.25g of Magnesium sulphate and transfer 
to measuring flask with the help of funnel. Dissolve in 100mL of deionized water. Wash the 

burette with water. Rinse and fill the burette with given EDTA solution. Note the initial reading 

of the burette. Pipette out 20 ml of Magnesium sulphate solution in a clean titration flask. Add 3 
ml of NH3+NH4Cl buffer solution and 5-6 drops of Eriochrome Black T indicator. A wine-red 

colour will be produced. Now start adding EDTA solution from the burette with continuous 

swirling of till a persistent steel blue colour is obtained. This is the end point. The colour can be 

viewed more correctly by placing a white tile or filter paper below the flask. Note the final 

reading of the burette. Repeat the process to get three concordant readings. 

Titration II: Determination of Total hardness of sample water: Wash the burette with deionized 

water. Rinse and fill the burette with standardized EDTA solution. Note the initial reading of the 
burette. Pipette out 20 ml of the given water sample in the clean titration flask. Add 6ml of 
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NH3+NH4Cl buffer solution and 5-6 drops of Eriochrome Black T indicator. A wine- red colour 

will be produced. Now start adding EDTA solution from the burette till a steel blue colour is 
obtained. This is the end point. Note the final reading of the burette. Repeat the process to get 

three concordant readings. 

Titration III: Removal of temporary hardness of water and determination of permanent hardness 

of water: Take 25 ml of sample of water and boil it for 15-20 minutes. This will cause 
temporary hardness of water to precipitate. Filter and collect the filtrate for determining 

permanent hardness. Take this filtrate(20ml) in a titration flask and proceed for titration exactly 

the same manner as in Titration II. 

Observations and calculations: 

Titration I: Titration of given EDTA solution against standard 0.01M Magnesium sulphate 

solution. 

Solutions in the flask:  20mL standard MgSO4.7H2O solution + 5mL buffer + 5-6 drops EBT 

Table 9.6 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(𝑀𝑔𝑆𝑂4. 7𝐻2𝑂) = 𝑀2𝑉2(𝐸𝐷𝑇𝐴) 

Suppose 20 ml of standard Magnesium sulphate solution is equivalent to 15.25 ml of EDTA 

solution 

𝑀2(𝐸𝑥𝑎𝑐𝑡 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝐸𝐷𝑇𝐴) =  𝑀1𝑉1/𝑉2=  0.01 × 20 /15.25 = 0.0131 

Titration II: Total hardness: Hard water sample against standardized EDTA solution 

Solutions in the flask:  20mL of hard water sample + 5mL buffer + 5-6 drops EBT 

Table 9.7 

Sr. No Initial Burette Reading Final Burette Reading Volume of standardized   

EDTA solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 18.25 18.25𝑚𝐿 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀3𝑉3(ℎ𝑎𝑟𝑑 𝑤𝑎𝑡𝑒𝑟) = 𝑀4𝑉4(𝐸𝐷𝑇𝐴) 

Suppose 20 ml of hard water sample is equivalent to 18.25 ml of EDTA solution 

𝑀4 = 𝑀2 = 0.0131 

𝑀3(𝐸𝑥𝑎𝑐𝑡 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 ℎ𝑎𝑟𝑑 𝑤𝑎𝑡𝑒𝑟) =  𝑀4𝑉4/𝑉3=  0.0131 × 18.25/20 = 0.0119 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ = 𝑀3 × 𝑚𝑜𝑙. 𝑤𝑡 𝑜𝑓 𝐶𝑎𝐶𝑂3 = 0.0119 × 100 = 1.19𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑖𝑛 𝑝𝑝𝑚 = 1.19 ×1000=1190 ppm 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of EDTA solution used 

(𝑉2𝑚𝐿) (F.R – I.R) 

1. 0 15.25 15.25𝑚𝐿 
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Titration III: Filtrate obtained after boiling hard water sample with EDTA to determine 

permanent hardness 

Solution in titration flask = 20 ml Filtrate after removing temporary hardness + Buffer solution+ 

EBT 

Table 9.8 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀5𝑉5(𝑓𝑖𝑙𝑡𝑟𝑎𝑡𝑒) = 𝑀6𝑉6(𝐸𝐷𝑇𝐴) 

𝑀6 = 𝑀4 = 𝑀2 = 0.0131 

𝑀5 =
𝑀6𝑉6

𝑉5
= 0.0131 × 16.25 ÷ 20 = 0.0106 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ = 𝑀5 × 𝑚𝑜𝑙. 𝑤𝑡 𝑜𝑓 𝐶𝑎𝐶𝑂3 = 0.0106 × 100 = 1.06𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑖𝑛 𝑝𝑝𝑚 = 1.06 × 1000 = 1060𝑝𝑝𝑚 

𝑇𝑒𝑚𝑝𝑜𝑟𝑎𝑟𝑦 ℎ𝑎𝑟𝑑𝑛𝑒𝑠𝑠 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 = 𝑇𝑜𝑡𝑎𝑙 ℎ𝑎𝑟𝑑𝑛𝑒𝑠𝑠 − 𝑃𝑒𝑟𝑚𝑎𝑛𝑒𝑛𝑡 ℎ𝑎𝑟𝑑𝑛𝑒𝑠𝑠 

= 1190 − 1060 =130ppm 

Result: 

The total hardness of water = 1190 ppm. 

The permanent hardness of water= 1060 ppm. 

The temporary hardness of water = 130ppm. 

9.2.3.1 Notes: 

Preparation of solutions 

M/100 Magnesium sulphate 𝑀𝑔𝑆𝑂4. 7𝐻2𝑂 ([Mol wt:246.5]: Dissolve 2.5g of magnesium 

sulphate in de ionized water and make up the solution to 1L. 

M/100 EDTA Solution:  Dissolve 3.72g of disodium salt of EDTA in de ionized water and 

make up the volume to 1L 

Ammonia –Ammonium chloride buffer(pH10): Add 17.5 g of ammonium chloride to 142ml of 

conc. ammonia in a measuring flask and make up the volume to 250ml with de ionized water. 

Eriochrome Black T: Dissolve 0.2g of the compound in 15ml of triethanolamine and add 5ml of 

absolute alcohol. The indicator solution is stable and can be stored over a long period. 

Tap water as hard water sample. 

Precautions: 

The end point should be noted carefully against a white background and no reddish tinge      

should remain at the end point. 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of standardized EDTA 

solution used 

(𝑉6𝑚𝐿) (F.R – I.R) 

1. 0 16.25 16.25𝑚𝐿 
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The buffer should be carefully prepared because EBT will show colour change only at 𝑝𝐻 10. 

Add 2-3ml of titrant in excess to get a pure blue colour of EBT at the end point 

Do not store EDTA solution for a long time in glass vessels. 

Experiment 9.2.4.0: The given sample of hard water contains Calcium and Magnesium ions. 

Determine volumetrically the amount of these ions in g/L. Provided 0.01M standard EDTA 

solution 

Discussion: EDTA generally represented by H4Y, forms complexes with metal ions in its fully 

dissociated form Y4.-. . When disodium salt of EDTA (Na2H2Y) ion is used then it forms 

complex with the metal ions: 

𝐻2𝑌−2 + 𝑀+2 → 2𝐻+ + 𝑀𝑔𝑌−2 

The end point is detected by the substances(indicators) which form complexes with the metal 

ion initially and are later freed by the EDTA titrant which forms a more stable complex at high 

𝑝𝐻. In this process the formation constants of metal indicator complex should be lower than 
metal EDTA complex. One such indicator is EBT which forms red complexes with both 

calcium and magnesium ions at 𝑝𝐻 10. At end point it is freed by titrant EDTA and free EBT 

gives blue colour. This titration gives the concentration of both calcium and magnesium ions in 

the sample. In the second titration another indicator murexide is used at a higher 𝑝𝐻 of 12 

because at this 𝑝𝐻  mureoxide forms red complex only with calcium and magnesium is 

precipitated as Mg (OH)2. So, at end point when murexide is freed by the titrant EDTA, violet 

colour is obtained. From second titration the molarity and hence strength of calcium ions can be 
determined and from first titration molarity due to both Ca+2 and Mg+2 ions can be determined. 

So, by simple subtraction, the molarity due to magnesium ions and hence strength of 

magnesium ions in hard water can be determined. 

Indicator: 

Eriochrome Black T for Titration I (For titrating Calcium and Magnesium ions) 

Murexide for Titration II (For titrating Calcium ions only) 

End point 

Wine red to blue for titration I 

Red to violet for titration II 

Procedure: Titration I: EDTA vs Ca 2+ and Mg2+ ions: Wash the burette with deionized water.   
Rinse and fill the burette with standard EDTA solution. Note the initial reading of the burette 

(lower meniscus). Pipette out 10 ml of hard water sample in a titration flask. May be diluted if 

required. Add 5ml of NH3-NH4Cl buffer solution and 4-5 drops of EBT indicator. The solution 
in the flask becomes wine red due to formation of metal indicator complex. Now add from the 

burette EDTA solution into the titration flask with continuous swirling of the flask till the colour 

changes from wine red to blue. One or two drops of extra EDTA can be added to remove the 

last tinge of red colour. Note the final reading of the burette. Repeat the process to get three 

concordant readings. 

Titration II: EDTA vs Ca2+ ions: 

Wash the burette with deionized water, Rinse and fill the burette with EDTA solution and note 
the initial reading of the burette (lower meniscus). Pipette out 20 ml of hard water sample in the 

titration flask. Add 5ml of 50% NaOH solution so that 𝑝𝐻 of the solution becomes 12. At this 
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𝑝𝐻 Magnesium is precipitated as Mg (OH)2. Add 2-3 drops of Murexide indicator. The solution 

in the flask becomes red. Now titrate the solution with EDTA solution till the colour in the flask 
becomes violet. This is the end point. Add extra two three drops of EDTA so that the indicator 

is completely set free and there is no tinge of red colour in the flask. Note the final reading of 

the burette. Repeat to get three concordant readings. 

Observations and calculations: 

Titration I: EDTA vs Ca 2+ and Mg2+ ions: 

Solution in flask: 20 ml Hard water sample + NH3-NH4Cl buffer+ EBT Indicator 

Table 9.9 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(ℎ𝑎𝑟𝑑 𝑤𝑎𝑡𝑒𝑟 𝑠𝑎𝑚𝑝𝑙𝑒) = 𝑀2𝑉2(𝐸𝐷𝑇𝐴) 

Suppose 20 ml of hard water sample is equivalent to 30 ml of standard 0.01 M EDTA solution 

𝑀1(𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑑𝑢𝑒 𝑡𝑜 𝐶𝑎+2𝑎𝑛𝑑 𝑀𝑔+2) =  𝑀2𝑉2/𝑉1=  0.01 × 30/20 = 0.015 

Titration II: EDTA vs Ca 2+ 

Solution in flask: 20 ml Hard water sample + 5 𝑚𝐿  50% NaOH solution+ Mureoxide Indicator 

Table 9.10 

 

𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀3𝑉3(ℎ𝑎𝑟𝑑 𝑤𝑎𝑡𝑒𝑟 𝑠𝑎𝑚𝑝𝑙𝑒 𝐶𝑎+2) = 𝑀4𝑉4(𝐸𝐷𝑇𝐴) 

Suppose 20 ml of hard water sample is equivalent to 25.00 ml of standard 0.01 M EDTA 

solution 

𝑀3(𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑑𝑢𝑒 𝑡𝑜 𝐶𝑎+2) =  𝑀4𝑉4/𝑉3=  0.01 × 25.00 /20 =0.0125 

𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑑𝑢𝑒 𝑡𝑜 𝑀𝑔+2𝑖𝑜𝑛𝑠 = 𝑀1 − 𝑀3 = 0.015 − 0.0125 = 0.0025 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝐶𝑎+2 𝑖𝑜𝑛𝑠 = 𝐴𝑡𝑜𝑚𝑖𝑐 𝑚𝑎𝑠𝑠 × 𝑀3 = 40 × 0.0125 = 0.5  𝑔/𝐿 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑀𝑔+2 𝑖𝑜𝑛𝑠 = 𝐴𝑡𝑜𝑚𝑖𝑐 𝑚𝑎𝑠𝑠 × (𝑀1 − 𝑀3) = 24 × 0.0025 = 0.0625 𝑔/𝐿 

 

Result: The sample of hard water contains 0.5g/L of Calcium ions and 0.0625 g/L of 

magnesium ions. 

 

9.2.4.1 Notes: 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of EDTA solution used 

(𝑉2𝑚𝐿) (F.R – I.R) 

1. 0 30 30 𝑚𝐿 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of EDTA solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 25.00 25.00 𝑚𝐿 
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Preparation of solutions 

Standard EDTA solution: Weigh accurately 3.72 g of disodium salt of EDTA and dissolve in 1L 

of de ionized water. 

Hard water sample: Dissolve 1.0g of Calcium carbonate and 2.0 g of Magnesium carbonate in 

minimum amount of concentrated HCl and dilute it with deionized water upto 1L 

Eriochrome Black T: Dissolve 0.2g of the compound in 15ml of triethanolamine and add 5ml of 

absolute alcohol. The indicator is stable and can be kept for long time. 

Murexide indicator: Put 0.5g of the compound in a beaker and add 100ml of water. Stir the 

contents properly as murexide is less soluble in water. Allow the undissolved part to settle and 
use the supernatant liquid as indicator. The undissolved part can be used again to get fresh 

solution of the indicator as the supernatant part is not stable for a long period. 

Precautions: Always use freshly prepared murexide indicator. 

The end point should be noted carefully against a white background in both the titrations. 

The buffer should be carefully prepared because EBT will show colour change only at 𝑝𝐻 10 in 

Titration I. 

In Titration II 𝑝𝐻 value of 12 should be maintained and can be checked before proceeding for 

titration with  𝑝𝐻 paper. 

Add 2-3ml of titrant in excess to get a pure blue colour of EBT at the end point 

Do not store EDTA solution for a long time in glass vessels. 

Do not add extra indicator to get intense dark colour in both the titrations. 

Experiment 9.2.5.0: Determine the strength of Mg2+ and Al3+ ions in the given mixture by 

titrating against EDTA solution using masking agent. Provided standard solution of EDTA 

(M/100) and standard solution of magnesium sulphate(M/100). 

Discussion: Masking agent is used when the sample under analysis has two or more ions. This 

agent forms a stable complex with one of the cations so that it no longer reacts with the 

indicator or EDTA. In the above case triethanolamine is used as a masking agent for aluminium. 
So, when aluminium ions are masked by triethanolamine then the magnesium ions can be 

titrated with the EDTA solution using ammonia buffer and EBT indicator. When aluminium is 

not masked then mixture solution containing excess EDTA can be titrated with a standard 
magnesium sulphate solution and from this titration, the volume of EDTA consumed by both 

the ions can be found out. The difference between the two volumes gives the volume of EDTA 

used for complexing only aluminium ions.  So, this method uses masking agent as well as back 

titration. Titration I is back titration 

Chemical reaction Titration I: 

𝐴𝑙+3/𝑀𝑔+2 +EDTA→ 𝐸𝐷𝑇𝐴 −  𝐴𝑙+3/𝑀𝑔+2 + 𝐸𝐵𝑇(𝑠𝑡𝑒𝑒𝑙 𝑏𝑙𝑢𝑒 𝑓𝑟𝑒𝑒 𝑖𝑛𝑑𝑖𝑐𝑎𝑡𝑜𝑟) 

𝐸𝐵𝑇 + 𝑒𝑥𝑐𝑒𝑠𝑠 𝐸𝐷𝑇𝐴 + 𝑀𝑔𝑆𝑂4 → 𝐸𝐵𝑇 − 𝑀𝑔+2(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) 

Titration II 

: 𝑂𝑛𝑙𝑦 𝑎𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 𝑖𝑜𝑛 𝑖𝑠 𝑚𝑎𝑠𝑘𝑒𝑑 𝑏𝑦 𝑡𝑟𝑖𝑒𝑡ℎ𝑎𝑛𝑜𝑙𝑎𝑚𝑖𝑛𝑒𝐴𝑙+3/𝑀𝑔+2 +  𝑁(𝐶𝐻2𝐶𝐻2𝑂𝐻)3 →
𝑁(𝐶𝐻2𝐶𝐻2𝑂)3𝐴𝑙 . 

𝐸𝐵𝑇 + 𝑀𝑔𝑆𝑂4 → 𝐸𝐵𝑇 − 𝑀𝑔+2(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) 
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𝐸𝐵𝑇 − 𝑀𝑔+2(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) + 𝐸𝐷𝑇𝐴 → 𝐸𝐷𝑇𝐴 − 𝑀𝑔+2 + 𝐸𝐵𝑇(𝑠𝑡𝑒𝑒𝑙 𝑏𝑙𝑢𝑒 𝑓𝑟𝑒𝑒 𝑖𝑛𝑑𝑖𝑐𝑎𝑡𝑜𝑟) 

Indicator: Eriochrome Black T (For both Titration I and II) 

End point: 

Blue to wine red (Titration I): 

Wine red to blue (Titration II) 

Procedure: Titration I (Mixture solution with standard magnesium sulphate solution) 

This is a back titration in which an excess amount of EDTA is added to the mixture solution and 

both the cations Mg2+ and Al3+ form complexes with EDTA. The excess EDTA is then titrated 

with standard magnesium sulphate solution. Wash the burette with deionized water. Rinse and 
fill the burette with standard magnesium sulphate solution. Note the initial reading of the burette 

(lower meniscus). Pipette out 20ml of the mixture solution in the titration flask with the help of 

pipette bulb. Add 40ml of the EDTA solution to the flask. Add 4-5 ml of NH3- NH4Cl buffer 

solution so that the 𝑝𝐻 of the solution in the flask is 10. The  𝑝𝐻 can be tested with 𝑝𝐻 paper. 
Slightly warm the contents of the flask so that all the cations are complexed with EDTA. Cool 

the flask and again check the 𝑝𝐻 of the solution. If the  𝑝𝐻 is not 10, then add more of buffer 

solution. Now add Eriochrome Black T as the indicator. The solution in the flask should turn 
blue which indicates free indicator colour. Now add slowly dropwise magnesium sulphate 

solution from the burette in the flask till a wine-red colour is produced. This wine-red colour 

will be produced when all the excess EDTA in the flask has reacted with magnesium sulphate 
from the burette and one extra drop of magnesium sulphate forms wine red complex with the   

indicator. At end point there should not be any bluish tinge due to free indicator. Note the final 

reading of the burette. Always add one or two extra drops of magnesium sulphate to get clear 

wine-red end point. Repeat the process to get three concordant readings. 

Titration II: (Mixture solution with EDTA solution using masking agent) This is direct EDTA 

titration in which one of the ions Al3+ is masked by triethanolamine so that only Mg2+ ion forms 

complex with indicator and EDTA. Wash the burette with deionized water. Rinse and fill the 
burette with given standard EDTA solution. Note the initial reading of the burette (lower 

meniscus). Pipette out 20ml of reaction mixture in the titration flask with the help of pipette 

bulb. Add 5-6ml of triethanolamine to entirely mask the Aluminium-EDTA complexation. Swirl 

the flask for 2-3 minutes and then add NH3- NH4Cl buffer solution (4-5 ml) so that 𝑝𝐻 of the 

solution in the flask is 10. (Test with 𝑝𝐻 paper) Now add 2-3 drops of Eriochrome black T 

indicator. The solution in the flask becomes wine red due to complexation of magnesium ions 

with the indicator. Now add EDTA solution from the burette and continue swirling the flask till 
a clear blue colour is obtained. The blue colour is due to the free indicator as all the magnesium 

ions originally complexed with EBT, have now been complexed by EDTA. [EDTA –Mg 

complex is more stable than the In-Mg complex]. Add one or two extra drops of EDTA so that 

no reddish tinge is seen in flask. Note the final reading of the burette. Repeat to get three 

concordant readings. 

Observations and calculations: 

Titration I: Excess EDTA in mixture solution against standard magnesium sulphate 

Solution in flask: 20 ml Hard water sample + NH3-NH4Cl buffer+ EBT Indicator 

 

Table 9.11 
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𝐴𝑝𝑝𝑙𝑦𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(𝐸𝑥𝑐𝑒𝑠𝑠 𝐸𝐷𝑇𝐴 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑀2𝑉2(𝑀𝑔𝑆𝑂4) 

𝑇𝑜𝑡𝑎𝑙 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐸𝐷𝑇𝐴 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛 𝑡ℎ𝑒 𝑓𝑙𝑎𝑠𝑘(𝑉) = 40 𝑚𝐿 

𝑉1 =
𝑀2𝑉2

𝑀1
 𝑤ℎ𝑒𝑟𝑒 𝑀2 = 0.01𝑀, 𝑉2 = 19 𝑚𝐿, 𝑀1 = 0.01𝑀 

𝑉1 𝑖𝑠 𝑡ℎ𝑒 𝑣𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐸𝐷𝑇𝐴 𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑏𝑦 𝑀𝑔+2 𝑜𝑓 𝑡ℎ𝑒 𝑚𝑎𝑔𝑛𝑒𝑠𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛 𝑏𝑢𝑟𝑒𝑡𝑡𝑒 

𝑉1 = 0.01 × 19 ÷ 0.01 = 19 𝑚𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐸𝐷𝑇𝐴 𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑏𝑦 𝑡ℎ𝑒 𝐴𝑙+3 𝑎𝑛𝑑 𝑀𝑔+2 𝑖𝑜𝑛𝑠 𝑜𝑓 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛
= 𝑇𝑜𝑡𝑎𝑙 𝐸𝐷𝑇𝐴 𝑖𝑛𝑖𝑡𝑖𝑎𝑙𝑙𝑦 𝑡𝑎𝑘𝑒𝑛 𝑖𝑛 𝑓𝑙𝑎𝑠𝑘(𝑉)
− 𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐸𝐷𝑇𝐴 𝑐𝑜𝑛𝑠𝑢𝑚𝑒𝑑 𝑏𝑦 𝑀𝑔+2𝑖𝑜𝑛𝑠 (𝑉1) 

40 − 19 = 21 𝑚𝐿 

Titration II: Mixture solution against EDTA using masking agent 

Solution in flask: Mixture solution +masking agent(triethanolamine) 

Table 9.12 

 

Since Al3+ ions have been masked, so only of mixture solution will react with the EDTA 

solution. 

𝑈𝑠𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀3𝑉3(𝑀𝑔+2𝑖𝑜𝑛𝑠 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑀4𝑉4(𝐸𝐷𝑇𝐴) 

𝑀3 =
𝑀4𝑉4

𝑉3
= 0.01 × 12 ÷ 20 = 0.006 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑀𝑔+2𝑖𝑜𝑛𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.006 × 24 = 0.144 𝑔/𝐿 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝐸𝐷𝑇𝐴 𝑢𝑠𝑒𝑑 𝑓𝑜𝑟 𝑐𝑜𝑚𝑝𝑙𝑒𝑥𝑖𝑛𝑔 𝐴𝑙+3𝑖𝑜𝑛𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑚𝑖𝑥𝑡𝑢𝑟𝑒(𝑉5) = (𝑉 − 𝑉1) − 𝑉4 

21 − 12 = 09 𝑚𝐿 

𝑈𝑠𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀5𝑉5(𝐸𝐷𝑇𝐴) = 𝑀6𝑉6(𝐴𝑙+3𝑖𝑜𝑛𝑠 𝑖𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

𝑀6 =  𝑀5𝑉5/ 𝑉6 = 0.01 × 09 ÷ 20 = 0.0045 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝐴𝑙+3𝑖𝑜𝑛𝑠 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑚𝑖𝑥𝑡𝑢𝑟𝑒 = 0.0045 × 27 = 0.1215 𝑔/𝐿 

Result: The strength of Mg2+ ions in the given mixture solution is 0.144 𝑔/𝐿 and strength of 

Al3+ ions is 0.1215 𝑔/𝐿 

9.2.5.1 Notes: 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 
Volume of MgSO4 solution used 

(𝑉2𝑚𝐿) (F.R – I.R) 

1. 0 19 19 𝑚𝐿 

Sr. No Initial Burette 

Reading 

Final Burette 

Reading 

Volume of EDTA solution used 

(𝑉4𝑚𝐿) (F.R – I.R) 

1. 0 12 12 𝑚𝐿 
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Preparation of solutions 

Triethanolamine: Equal volumes of triethanolamine reagent and water are mixed to be used as a 

masking agent. 

Eriochrome Black T: Same as in last experiment 4 

Buffer (NH3-NH4Cl): Same as in experiment 4 

EDTA(M/100): Same as in experiment 4 

Mixture solution: Dissolve 1g of magnesium sulphate and 1g of aluminium chloride in 

deionized water and make up the solution to 1L. 

Precautions: 

Triethanolamine should be used cautiously as it can cause allergic reactions including eye 

problems and skin problems on long exposure. 

The buffer should be carefully prepared because EBT will show colour change only at 𝑝𝐻 10 in 

Titration I and Titration II. 

The 𝑝𝐻 of the solution in flask should be checked with ph test paper before adding the titrant 

from the burette. 

The end point should be noted carefully against a white background and no reddish tinge should 

remain at the end point. 

9.3.0.0 Exercises 

9.3.1.0 Prepare 250 mL of N/30 EDTA solution and check its strength with calcium carbonate. 

9.3.2.0 Estimate the strength of zinc ions per litre of the given solution. 

9.3.3.0 Evaluate the strength of ZnSO4.7H2O in the provided solution. Given approximate N/20 

EDTA solution. Ask for your requirement. 

9.3.4.0 Determine the value of 𝑥 i.e., number of water molecules of crystallisation in a sample 

of magnesium sulphate MgSO4.𝑥H2O, 5.8 g of which have been dissolved per litre. Provided 

approx. N/30 EDTA solution. Ask for what you want. 

9.3.5.0 Determine the percentage composition of a mixture ZnSO4.7H2O and MgSO4.7H2O, 5 g 
of which have been dissolved per litre of the given solution. Provided approx. N/40 EDTA 

solution. 

9.3.6.0 Determine the percentage composition of a mixture of Na2SO4 and MgSO4, 6.5 g of 

which have been dissolved per litre of the given solution. Provided approx. N/30 EDTA. Ask 

for your requirement. 

Estimate the total hardness of given water sample. 

9.3.7.0 The supplied solution contains 12.0 of calcium carbonate in dil. HCl per litre. Determine 

volumetrically the percentage of calcium ions in the sample. Ask for what you want. 

9.3.8.0 Estimate the amount of calcium and magnesium present in the provided sample of water. 

Provided N/100 EDTA. 

9.4.0.0 Viva questions 

1.What are complexometric/chelometric titrations.? 
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Certain multidentate ligands like EDTA form complexes with the metal ions in 1:1 ratio and the 

complex is in the form of a stable ring called chelate. The titrations which involve the 
volumetric estimation of metal ions through formation of such chelates/complexes are called 

complexometric /chelometric titrations. 

2.Why is EDTA called an hexadentate ligand? 

Hexa means six and dent means atom. In EDTA there are four oxygen and two nitrogen atoms 
which act as donor atoms. Since EDTA has a total of six donor atoms, so it is called hexadentate 

ligand. 

3.Why disodium salt of EDTA is used in complexometric titration? 

This is because disodium salt of EDTA is soluble in water and is available as pure analytical 

reagent. 

4.Why EDTA Titrations are performed in buffer solutions of 𝑝𝐻 8-10 

The most commonly used indicator in EDTA titration for the analysis of divalent metal ions is 

EBT.  This indicator shows colour change from wine red to blue in the  𝑝𝐻 range of 7-11. 

5.What is a buffer solution? Give one example each of acidic and basic buffer? 

A solution which resists any change of 𝑝𝐻 in it even if small amount of acid or base is added to 
it. Acidic buffer is a mixture of weak acid and its salt (CH3COOH+ CH3COONa).Basic buffer is 

a mixture of weak base and its salt(NH 4OH+NH 4Cl). 

6.Which buffer solution is used in the titration of Magnesium sulphate with EDTA? 

Ammonia ammonium chloride buffer is used in the titration of magnesium sulphate with 

EDTA. 

7.What is a pM Indicator? 

The indicators used in complexometric titrations are also called pM indicators or 
metallochromic indicators because they undergo specific colour change in presence of specific 

metal ions. 

8.What are different types of complexometric titration? 

Complexometric titration is of four types: 

Direct titration. Back titration, Replacement titration and indirect titration. 

9. What is the wine-red complex formed when hard water is treated with buffer followed by 

EBT? 

Initially calcium and magnesium ions present in hard water form a complex with ammonia 

buffer. As the indicator EBT is added, it replaces ammonia from magnesium ammonia complex. 

The new complex formed between indicator and magnesium ions is wine-red in colour. EBT is 

a stronger ligand than ammonia therefore, this wine-red complex is more stable. 

[𝑀𝑔(𝑁𝐻3)4]+2 + 𝐻2𝐼𝑛− → 𝑀𝑔𝐼𝑛− + 4𝑁𝐻3 + 𝐻+ 

10.What is the end point of titration of hard water with EDTA using EBT as indicator 

Initially when the indicator is added to the hard water containing ammonia buffer, a wine-red 
colour is obtained due to formation of metal indicator complex. When EDTA is added to this 

solution, metal EDTA complex is formed because EDTA is a stronger ligand than indicator. 
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When whole of the metal indicator complex has been replaced by metal EDTA complex; 

indicator (EBT) is set free and it gives blue colour which is the end point. 

𝑌4− + 𝐶𝑎 − 𝐼𝑛−(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) + 𝐻+ → 𝐻𝐼𝑛2−(𝑏𝑙𝑢𝑒) + 𝐶𝑎𝑌2− 

11.What are the colours shown by EBT and murexide at different 𝑝𝐻? 

Eriochrome black T changes colour in the pH range 7-11. Below 7, the colour is wine red. From 

7-11, colour is blue and above 11 colour is yellow. 

𝐻2𝐼𝑛−(𝑤𝑖𝑛𝑒 𝑟𝑒𝑑) ⇆ 𝐻𝐼𝑛2−(𝑏𝑙𝑢𝑒) ⇆ 𝐼𝑛3−(𝑦𝑒𝑙𝑙𝑜𝑤) 

Murexide is ammonium purpurate. It is a purple-coloured solid compound. Its aqueous solution 

is yellow at low pH, reddish purple in weakly acidic solution and blue purple in alkaline 

solutions. 

12.Which indicator is used for the direct titration of Calcium with EDTA at 𝑝𝐻 =11? 

Murexide indicator is used for the direct titration of Calcium with EDTA at 𝑝𝐻 =11.The end 

point for this titration is red to violet 

13. How is a buffer solution of approximate  𝑝𝐻 =10 is prepared for EDTA titrations? 

Dissolve 7g ammonium chloride in 57mL of concentrated ammonia and dilute to one litre. 

14. Which titrant is commonly used in complexometric titrations and why? 

Disodium salt of EDTA (Ethylene diammine tetraacetate) is commonly used titrant in 

complexometric titration because it is available in pure form and is water soluble. Moreover, it 

forms 1:1 chelate complex with metal ions which is a very stable complex and helps in easy 

detection of the end point. 

15.How is the general reaction between EDTA and Metal ion represented? 

𝐻2𝑌−2(𝐸𝐷𝑇𝐴) + 𝑀+2(𝑚𝑒𝑡𝑎𝑙 𝑖𝑜𝑛) → 𝑀𝑌−2 + 2𝐻+ 

16.What are masking and demasking agents? 

Masking agents are reagents which prevent interfering ion from reacting.  Actually, masking 

agents form complex with such ions and the complexes are more stable than the complexes that 

ion would form with indicator or titrant EDTA. In this way the interfering ion cannot participate 

in the reaction till it is masked. The other ion in the mixture can be easily estimated with EDTA. 
Example of masking agent: KCN for Cu2+, Cd2+, Ni2+, Zn2+.Demasking agent is a reagent which 

regains the ability of masked ion to enter the reaction. Example: The masking effect of KCN 

can be removed by a mixture of formaldehyde and acetic acid. So, this mixture is a demasking 

agent. 

17.What is a sequestering agent? 

Any ligand which is capable of forming a water soluble chelate complex is called sequestering 

agent. example EDTA. 

18. EDTA is a sequestering agent whereas dimethylglyoxime is only a chelating agent. Why? 

Ligands having more than one electron donating groups are called chelating agents. EDTA and 

dimethylglyoxime are both chelating agents. The term sequestering agent is generally applied to 
chelating agents that form water soluble complexes with bi or polyvalent metal ions.  As a 

sequestering agent, EDTA reacts with most polyvalent metal ions to form water soluble 

complexes which cannot be extracted from aqueous solutions with organic solvents. Dimethyl 
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glyoxime forms chelate complexes with nickel ions but the complexes are insoluble in water, so 

it is not a sequestering agent. 

19.What is an auxiliary complexing agent? 

An auxiliary complexing agent is a ligand that binds the metal in a complex to hinder formation 

of hydroxide precipitate and maintains the metal in basic solutions. The formation constant of 

the complex of metal with auxiliary agent should be smaller than that for EDTA so that when 
EDTA is added ,the metal EDTA complex will form. Example of auxiliary agent is ammonia, 

citrate, tartar ate, triethanolamine. 

19. Why is buffer also called auxiliary complexing agent? 

In complexometric titrations the buffer not only maintains the 𝑝𝐻of the solution but also 

complexes the metal ion and keeps it stable in the solution, until the indicator or EDTA (titrant) 

is introduced in the solution. So, it is called auxiliary complexing agent. 

20.What factors influence EDTA titrations? 

The nature and activity of the metal ion. and  𝑝𝐻 at which titration is carried out. 

The presence of interfering ions such as cyanide ions, citrate ions which can also form 

complexes with EDTA. 
Organic solvents which increase the stability of the complex. 

 

 

 

“A theory is merely a scientific idea controlled by experiment”. Claude Bernard  

 

 

 One of the earliest known coordination compounds is Alizarin dye. It is a chelate 

complex and was first used in India. 
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10.1.0.0 Introduction: Analysis in chemistry is studied under a separate branch of chemistry 

called analytical chemistry. Analytical Chemistry deals with the separation, identification and 
determination of component in a sample. The two main types of analyses are qualitative and 

quantitative analysis. Qualitative analysis determines the quality and the chemical composition 

of the sample. It answers the basic question of “what components are present in the sample’ 

Quantitative analysis gives information about the amount /number of components of a sample. It 
answers the basic question ‘how much component is present in the sample’. Quantitative 

analysis is broadly classified into physical and chemical methods depending on the properties 

which are being used for analysis. Physical methods measure physical properties with the help 
of instruments and are also called instrumental methods of analysis.  Chemical methods of 

quantitative analysis depend on the type of reactions. These are of mainly two types: volumetric 

analysis and gravimetric analysis. Together they are also called classical methods of analysis as 
they have been in use since the earliest times. We have studied in detail volumetric analysis i.e., 

analysis by volume in the previous chapters. In this chapter we will be studying in detail 

gravimetric analysis. i.e., analysis of amount of an element in a solution by weight. It involves 

separation of the element to be estimated in a pure stable compound which can be weighed after 
separation. The separation of the element or the compound may be done in a number of ways 

like separation by volatilization, separation by solvent extraction technique and separation by 

precipitation. Gravimetric analysis involves separation by precipitation. 

Choice of method: Some factors have to be considered before choosing the method for analysis 

The level of accuracy required, the number of samples to be analysed, economy of the method, 

nature of the sample are some factors to be considered before choosing the appropriate method. 

10.1.1.0 Apparatus required in gravimetric analysis 

10.1.1.1 Silica crucible: It is a cup shaped container with a lid and is used for heating the 

precipitate at high temperatures (Figure 10.1). It is cleaned by heating with fuming nitric acid or 

aqua   regia and finally washing with water. After cleaning it, heat it on a clay pipe triangle 

using Meker burner. Cool it in a desiccator and then weigh it. 

.  

Figure 10.1 Silica Crucible (Image courtesy: witeg.de) 

10.1.1.2 Sintered glass crucible: It is made up of heat resistance glass and is fitted with a 
porous disc. (Figure 10.2) The crucible with porosity 5 is the finest and has a pore size of 1-

2mm, so only liquids will pass through it. The crucible is used for both filtration and drying the 

precipitate. The crucible is cleaned with conc. HCl and washed with water. It is heated on a 
Meker burner and placed in a desiccator till it attains normal room temperature. Then it is 

weighed. 
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Figure 10.2 Sintered glass crucible 

10.1.1.3 Gooch crucible: It is made up of porcelain and its base has several holes or 
perforations. Base of the Gooch crucible is covered with mat of wood pulp, filter paper or 

asbestos. (Figure 10.3) It is used for filtration in gravimetric analysis. 

 

Figure 10.3(Image source: enwikipedia.org) 

10.1.1.4 Desiccator: it is a glass container used for storage of crucible /chemicals in anhydrous 
conditions. (Figure 10.4) It protects the crucible /chemical from gaining impurity and moisture 

from atmosphere. It contains a drying agent like silica gel/anhydrous calcium chloride. 

 

Figure10.4 Desiccator 

10.1.1.5 Policeman (glass rod with rubber tube): The precipitate sticking to the walls of 

beaker is generally dislodged by using policeman. It is a glass rod of around 10cm with a rubber 

tubing of one end. (Figure10.5) 

 

Figure 10.5 Policeman rod (Image courtesy prolabscientific.com) 

10.1.1.6 Clay pipe triangle: It is used to heat the crucibles directly and consists of wires strung 

in an equilateral triangle and it is supported on a tripod stand. The triangular shape helps to 

allow crucibles of various sizes to rest in a steady or stable way. (Figure10.6) 
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Figure10.6 

10.1.1.7 Hot air oven: It is used to heat the precipitate in a crucible at low temperatures. 

(Figure10.7) 

 

Figure 10.7 (Image courtesy: wwweiepharmatest.com) 

10.1.1.8 Muffle furnace: It is used for heating the precipitate in a crucible at high temperature 

(Figure 10.8) 

 

Figure 10.8. Muffle furnace:( Image courtesy: wiki wand .org) 

10.1.2.0 General procedure of gravimetry: Gravimetric analysis proceeds in a stepwise 

manner. The main steps of gravimetric analysis are: 

Cleaning, heating and weighing of crucible to attain constant weight. 

Precipitation. 
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Digestion of precipitate. 

Filtration of precipitate. 

Washing and drying of precipitate. 

Heating of precipitate. 

Weighing crucible with precipitate. 

Calculations. 

Result. 

10.1.2.1 Cleaning, heating and weighing of crucible to attain constant weight:  The silica 

crucible is cleaned by heating with fuming nitric acid or aqua   regia and finally washing with 
water. After cleaning it, heat it on a clay pipe triangle using burner. Cool it in a desiccator and 

then weigh it. After noting the exact weight of the empty crucible, place the crucible in 

desiccator. 

10.1.2.2 Precipitation: The substance whose gravimetric estimation is to be done is taken in the 

soluble form. To this solution, we add the precipitating agent, which precipitates the desired 

component under certain experimental conditions. Following factors are important for 

precipitation: 

The solution from which estimation is to be done is diluted with distilled water and the 

precipitating agent is added slowly with stirring. This leads to slow precipitation with the first 

particle acting as nuclei which grow as more material precipitates. This avoids coprecipitation. 
When a precipitate is separated from a solution it contains varying amounts of impurities 

depending upon the nature of the precipitate and the conditions of precipitation. These 

impurities are normally soluble in mother liquor and the contamination of the precipitate by 

them is called coprecipitation. 

Particle size of the precipitate should be such that it can be easily filtered and it remains 

unaffected by washing process. 

The analytical precipitate should have a final stable form. 

The precipitate should have a known composition after drying or ignition. 

Factors determining particle size of the precipitates: The particle size of the precipitates formed 

varies from the colloidal particles to the crystalline suspension. Colloidal particles are difficult 
to filter and particles of crystalline suspension are readily filtered The particle size of the 

precipitate is influenced by factors like precipitate solubility, temperature, reactant 

concentrations, precipitate solubility and rate of mixing of reactants.  The particle size is related 

to relative supersaturation where relative supersaturation is given by (Q-S)/S. In this relation Q 
is the concentration of the solute at any instant and S is its equilibrium solubility. The ratio (Q-

S)/S.is called Von Weimarn ratio after its discoverer. The lower this ratio, the better the particle 

size during precipitation. 

Contamination of gravimetric precipitates: The precipitate obtained in gravimetric analysis must 

be of high degree of purity for accurate results. However, when a precipitate is formed it is 

invariably contaminated by the other ions present in the solution. This contamination can be by 

simultaneous precipitation, post-precipitation or coprecipitation. 
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Simultaneous precipitation: This occurs when the solubility product of the impurity is exceeded 

during the addition of the precipitating agent The impurity deposits at the same time as the 

desired precipitate. 

Post-precipitation: This occurs after the desired product has been precipitated. The impurity is 

precipitated after sometime. Post-precipitation occurs due to difference in the rate of 

crystallization of the precipitate and the impurity. Post precipitation is also associated with 
surface adsorption and is apparently increased during the digestion process. When the 

precipitate remains in contact with the mother liquor for a longer time, chances of 

contamination by post precipitation also increase. 

Coprecipitation: Sometimes the soluble materials in the solution contaminate the precipitate at 

the time of precipitation. It can occur by isomorphic substances which act as impurity and 

replace the ion in the crystal structure of precipitate during precipitation. These isomorphous 
impurities have same formula, crystal structure and   bonding as that of the substance being 

precipitated. Coprecipitation can be caused by surface adsorption as well as by occlusion. 

Surface adsorption occurs when the precipitate is being formed and impurities are adsorbed on 

the surface However in case of surface adsorption the impurity is present only on the surface 
and interior of the crystal is free of the impurities.  However, in case of rapid growth of the 

crystal, the impurity on the surface may be covered over and entrapped in the crystal of the 

precipitate. This is contamination by occluded impurity. This occlusion of impurity can also 

occur in the voids of the desired crystal precipitate. 

The sources of error during precipitation process can be avoided by eliminating the 

contamination of different types.by washing the precipitate properly, by recrystallization and by 

digestion. 

10.1.2.3 Digestion of precipitate:  It involves keeping the precipitate with mother liquor for 

about 12-24 hours or heating the precipitate with mother liquor on a water bath for one hour. 

This is done to achieve complete precipitation and to obtain the precipitate in a form which can 
be filtered effectively. The process is called aging which means redeposition of the smaller 

particles of the precipitate on to the larger particles During the digestion process, two types of 

changes occur in the crystal.: 

External changes due to deposition of additional material from mother liquor on the larger 

crystals, causing them to grow even larger. This is also called Ostwald ripening. process. As a 

result of this the smaller impure crystals disappear and pure, more perfect larger crystals are 

formed. 

Internal changes also called internal ripening in which ions from the solution enter the lattice 

and replace some ions from the uneven corners and edges of the crystal resulting in general 

perfection of the crystal lattice. During this process the occluded and adsorbed impurities are 
also removed. After digestion the supernatant liquid becomes clear and it can be tested for 

complete precipitation. 

10.1.2.4 Test for complete precipitation: When all the precipitate has settled down, add few 
drops of the precipitating agent by the side of the beaker without disturbing the solution at all. If 

in the upper part of the solution which was clear, no further precipitation occurs then it means 

precipitation is complete. If fresh precipitation occurs in the upper layer then more precipitating 

agent is added and process of digestion repeated. The digestion process however should be 
avoided in cases where contamination due to post precipitation is possible. In case of 

precipitation of calcium as calcium oxalate in presence of magnesium ions, magnesium oxalate 
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precipitates on top of calcium oxalate. The error due to post precipitation will increase in such 

cases if the precipitate is allowed to remain in contact with the mother liquor. 

10.1.2.5 Filtration: After precipitating the substance completely, the next step is filtration of 

the precipitate. Filtration is done either using ash less What man filter Paper or sintered glass 

crucible of appropriate pore size. 

Filtration by sintered glass crucible: This crucible is attached to the mouth of conical flask 
having a side arm with the help of rubber padding. The flask has one out let which is attached 

with the lower mouth of the filter (suction) pump by rubber tube. (Figure 10.9) The main mouth 

of filter pump is attached with tap. When fast current of water passes through pump, it takes 
some air of the conical vessel reducing its pressure which affects the quick filtration. This type 

of crucible is useful but it requires complete cleaning of the pores of the crucible. 

 

Figure10.9 

Filtration by filter paper: Depending upon the pore size variety of filter papers are available. The 

main characteristic of these filter papers is that they are ash less and weightless so that it leaves 
negligible ash after heating and does not affect the weight of the precipitate. Round filter paper 

is taken and then it is folded in such a way as to fit in the funnel (Figure 10.10). It is then 

moistened with distilled water, keeping it below the rim of the funnel. 

 

Figure 10.10 Fitting the filter paper on funnel. 



 

 

 

225 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

The funnel is placed in the funnel stand and tip of the funnel should touch the side of the beaker 

placed under it. The solution containing precipitate is poured down a glass rod into the funnel. 
The precipitate remaining in the beaker can be dislodged with the help of policeman rod. The 

funnel should not be filled more than 2/3 at one time. (Figure 10.11) 

 

Figure 10.11 Filtration step (Image courtesy: shutterstock.in) 

10.1.2.6 Washing of precipitate: Washing of precipitate is done immediately after filtration in 

order to remove the undesirable ions sticking on the precipitate which may give higher yield. 
Washing is done with a solvent, mostly a dilute solution of an electrolyte with one ion common 

with that of the precipitate. This prevents dissolution of the precipitate and prevents dispersal of 

larger particles of the precipitate into colloidal particles, a process called peptization. Filtrate is 

tested for complete removal of impurities with appropriate reagent. 

10.1.2.7 Heating and Drying weighing of precipitate: The wet precipitate obtained above is 

then dried. Usually drying of the precipitate is done in the along with the filter paper by placing 
it in a pre-weighed silica crucible and then heating in a muffle furnace [high temperature 

ignition] or oven [low temperature ignition]. The paper is ash less and weightless. After heating 

the crucible contains the precipitate only and the filter paper has burned away. The purpose of 

drying (heating at about 120-150⁰C in an oven) or ignition in a muffle furnace at temperatures 
ranging from 600-1200 ⁰C is to get a material with exactly known chemical structure so that the 

amount of analyte can be accurately determined. 

10.1.2.8 Weighing of precipitate: Finally, the crucible with dried precipitate is kept in a 
desiccator for cooling and then weighed. The weighed form of the analyte should correspond 

exactly to its chemical formula and it should be chemically stable. Weighing of precipitate is 

done with analytical balance which must be sensitive, accurate and reproducible. 

10.1.2.9 Note: The proper choice of filter paper is very essential in case of gravimetric analysis. 

In many of the filtrations sintered glass crucible of different porosities are used and filter paper 

is not required. But in other cases where silica crucible or simply Buchner funnel is used for 

filtration and keeping the precipitates, suitable choice of indicators as per the size of particles 
and pore size of the paper should be done. The following two points should be kept in mind 

while choosing the filter paper: 

The filter paper should be ash less and weightless. 

The pore size should be according to the size of precipitates. The pore size of filter paper ranges 

from 2 micrometer to 25 micrometers.The pore size should be clearly mentioned on the filter 

paper which is mentioned in terms of specific numbers (like Whatman filter paper No 40,41,42) 

or as grades. Refer Table 10.1 

Table 10.1 
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Grades of filter paper Porosity Flow rate and 

pore size 

Precipitates which can be 

filtered easily through these 

filter papers 

Whatman S& S JG 

40  

589-2 

 

802 

Medium Medium flow 

8 micrometers 

Ordinary crystalline 

precipitate like AgCl 

41 589-1 

 

801 

 

Coarse Fast flow 

20 micrometers 

Gelatinous precipitate of Fe 

(OH)3   and Al (OH)3. 

42 589-3 803 Fine Slow flow 

2.5 micrometer 

Finest crystalline precipitate 

like BaSO4 

10.1.3.0 Advantages of Gravimetric analysis 

Gravimetric analysis is more accurate and precise method of analysis as compared to volumetric 

analysis. The volume determined by volumetric analysis is a function of temperature but the 

weight determined by gravimetric analysis is not affected by temperature. 

The possible sources of error in gravimetric analysis can be checked and rectified more easily 

The apparatus used in gravimetric analysis is inexpensive. 

Calibration of apparatus is not required in gravimetric analysis unlike volumetric analysis where 

calibration of burette, pipette, flask is essential. 

Standardization of solutions which is an essential step in volumetric analysis, is not required in 

gravimetric analysis. 

10.1.4.0 Disadvantages of gravimetric analysis: 

Gravimetric analysis involves many steps and has to be done in a meticulous way. 

A small error in any of the step can lead to erroneous results. 

The process is time consuming. 

A limited number of elements can be analyzed at a time. 

10.2.0.0 EXPERIMENTS 

Experiment 10.2.1.0: Estimation of Barium as Barium sulphate gravimetrically. 

Discussion: The sample solution taken is barium chloride (20.8g/L). This solution is then treated 

with dilute sulphuric acid which reacts with barium chloride to give white precipitate of barium 

sulphate. Barium sulphate has very low solubility in water. The precipitation is done in weakly 
acidic medium and to avoid coprecipitation, both the barium chloride solution and sulphuric 

acid are kept hot. Dilute hydrochloric acid is added before precipitation to prevent the 

precipitation of carbonates, phosphates, and chromates of barium which may be present as 

impurities. Dilute HCl decomposes these impurities. 

Chemical reaction: 𝐵𝑎𝐶𝑙2 + 𝐻2𝑆𝑂4 → 𝐵𝑎𝑆𝑂4 + 2𝐻𝐶𝑙 

Precipitating agent: 1N H2SO4 
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Procedure: Preparation of silica crucible: Wash, clean and dry the silica crucible. Cool it in a 

desiccator and weigh it. Again, keep the weighed crucible in a desiccator to avoid the 

contamination by air or moisture. 

Precipitation: Take 20 ml of the given barium chloride solution in a 500 ml clean dry beaker. 

Add 20ml of distilled water and 5ml of dilute hydrochloric acid. Heat to boiling. In another 

beaker take 20 ml of IN sulphuric acid (precipitating agent) and heat it. To the hot solution of 
barium chloride heated earlier in first beaker, add slowly dropwise hot 1N sulphuric acid 

solution. Continuously stir the solution while adding the precipitating agent. White precipitate 

of barium sulphate will start forming. Continue adding the precipitating agent till all the 

precipitates have been formed. 

Digestion of precipitate: Digest the white precipitate by placing the beaker in a hot water bath 

for at least half an hour. When the precipitates have completely settled down and supernatant 

liquid is clear it means digestion of precipitate is complete. 

Test for complete precipitation: Add 1N sulphuric acid dropwise and along the sides of beaker 

on the clear supernatant liquid. If no fresh white precipitates are formed, it means precipitation 

is complete. 

Filtration and drying: Decant the clear liquid through Whatman filter paper No 42. Wash the 

precipitate with hot distilled water and test the washings for sulphate and chloride ions. When 

the washings are free from these ions, transfer the precipitate to the filter paper. Use policeman 
rod to dislodge any precipitates left behind in the beaker.  Make a packet of the filter paper 

along with the precipitate and place it in the pre weighed silica crucible. The crucible along with 

precipitate is heated in the muffle furnace for half an hour at 800℃. After heating the crucible is 

transferred to the desiccator for cooling. Remove the crucible from the desiccator and again 
weigh it. This gives the weight of crucible and precipitate. Heating, cooling and weighing are 

repeated till constant weight is obtained. 

Observation: 

𝐿𝑒𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1 ) = 19.356𝑔 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒(𝑤2) = 19.992𝑔 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 = (𝑤2 − 𝑤1) = 19.992 − 19.356 = 𝑂. 636𝑔 

Calculations: Using the equivalence relation 

𝐵𝑎𝑆𝑂4 ≡ 𝐵𝑎𝐶𝑙2. 2𝐻2𝑂 ≡ 𝐵𝑎 

233.43 ≡ 244.31 ≡ 137.36 

𝑊ℎ𝑒𝑟𝑒 233.43 𝑖𝑠 𝑡ℎ𝑒 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐵𝑎𝑟𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒. 

244.31 is the molecular weight of barium chloride. 

137.36 is the atomic weight of Barium. 

𝑈𝑠𝑖𝑛𝑔 𝑐𝑜𝑛𝑣𝑒𝑟𝑠𝑖𝑜𝑛 𝑓𝑎𝑐𝑡𝑜𝑟
137.36

233.43
= 0.5884 

∴ 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑏𝑎𝑟𝑖𝑢𝑚 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.5884 × 𝑤 = 0.5884 × 0.636 = 0.3742 𝑔. 

𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑏𝑎𝑟𝑖𝑢𝑚 𝑖𝑛 20 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.3742 𝑔 

𝑆𝑜 𝑎𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑏𝑎𝑟𝑖𝑢𝑚 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 0.3742 ×
1000

20
= 18.71 𝑔/𝐿 
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Result: Strength of given solution= 18.71 𝑔/𝐿 

10.2.1.1 Notes: 

Preparation of solution (for experiment 1) 

Barium chloride solution: (M. wt. 244.31) Dissolve 2.44 g of the salt in 100 ml of distilled 

water. 

1N H2SO4: Take 27.2 𝑚𝐿 of concentrated acid (98%) and make the volume to 1L with distilled 

water. Remember to add acid to water and not water to acid. 

Precautions: 

Precipitation is carried out in dilute solution and in hot solution. 

Some dilute hydrochloric acid must be added before precipitation. 

Concentrated H2SO4 available in labs is 98% which means 980 ml in 1000 ml. 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐻2𝑆𝑂4 𝑖𝑛 98% = 𝑉𝑜𝑙𝑢𝑚𝑒 × 𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 𝑔𝑟𝑎𝑣𝑖𝑡𝑦 = 980 × 1.84 = 1803.2 𝑔 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑖𝑛 1803.2 𝑔 𝑜𝑓 𝑎𝑐𝑖𝑑 =
𝑊𝑒𝑖𝑔ℎ𝑡

𝑀𝑜𝑙𝑤𝑡
=

1803.2

98
= 18.4 𝑚𝑜𝑙𝑒𝑠 

1 𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑎𝑐𝑖𝑑 ℎ𝑎𝑠 18.4 𝑚𝑜𝑙𝑒𝑠. 𝑆𝑜 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑜𝑓 𝑎𝑐𝑖𝑑 = 18.4𝑀 

∴ 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 𝑜𝑓 98%  𝐻2𝑆𝑂4 = 2 × 𝑀 = 2 × 18.4 = 36.8 𝑁 

𝑁1𝑉1(𝐶𝑜𝑚𝑚𝑒𝑟𝑐𝑖𝑎𝑙𝑙𝑦 𝑎𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝐻2𝑆𝑂4) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝐻2𝑆𝑂4) 

36.8 × 𝑉1 = 1 × 1000 

∴  𝑉1 =
1000

36.8
= 27.2 𝑚𝐿 

To prepare 1N we need 27.2 ml of conc. acid diluted up to 1000 ml. 

Experiment 10.2.2.0:  Determine gravimetrically the amount of sulphate as Barium sulphate in 

the given sodium sulphate solution. 

Discussion: The sulphate content in an unknown sodium sulphate solution is determined by 

precipitating it in dilute HCl using barium chloride solution as the precipitating agent. White 

precipitate of BaSO4 is formed which can be filtered, dried and weighed. Barium sulphate 
usually precipitates as fine particles and larger particles can be obtained by heating the 

precipitate in the presence of its mother liquor. During this digestion process recrystallisation 

takes place resulting in precipitates of larger particle size. 

Chemical equation: 

𝑁𝑎2𝑆𝑂4 + 𝐵𝑎𝐶𝑙2 → 𝐵𝑎𝑆𝑂4 + 2𝑁𝑎𝐶𝑙 

Precipitating agent: 5% solution of BaCl2 

Procedure: 

Take 250 𝑚𝐿 of the given sodium sulphate solution in a 500 𝑚𝐿  beaker and add 3 𝑚𝐿  of dilute 

HCl solution. The solution in the beaker becomes clear.  Heat the solution to its boiling point. 

Now stop heating the solution and to this hot solution add about 80 𝑚𝐿  of 5% Barium chloride 

solution slowly with constant stirring. Cloudiness starts appearing, continue adding the Barium 
chloride solution till white precipitates are formed. The white precipitates are of Barium 
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sulphate and as they start settling down, place the beaker in a water bath and heat slowly. Let 

the precipitate digest for about 30 minutes. Do not stir the solution during digestion of 
precipitate. After 30 minutes remove the beaker from water bath. The precipitates should have 

settled down completely leaving above clear supernatant liquid. Now test for complete 

precipitation by slowly adding the precipitating agent (BaCl2 solution) along the sides of the 

beaker. If cloudiness appears in the clear supernatant liquid, then add about 40 𝑚𝐿  of Barium 
chloride solution and repeat the process of digestion for the freshly formed precipitates. When 

the precipitation and digestion process is complete filter the white Barium sulphate precipitate 

using Whatman filter paper No 42. Remove the last traces of precipitates if any from the   
beaker by using a policeman rod. A suction pump can be used for easy and fast filtration of 

precipitates. Wash the precipitate with warm distilled water to free the precipitate of chloride 

ion if any. To check whether washing of precipitate is complete or not, a qualitative test of 

chloride ion is done with the filtrate collected during washing. For this take 2 𝑚𝐿  filtrate, add to 

it 1 𝑚𝐿 of nitric acid and few drops of silver nitrate. If white precipitate of silver chloride is 

formed it means washing is not complete and Barium sulphate precipitate needs further 

washing. After washing is complete, the filter paper is carefully folded in the form of a packet 
and placed in a pre-weighed silica crucible. Let the weight of empty crucible be w1 g. [The silica 

crucible should be weighed beforehand and must be placed in a desiccator to prevent it from 

catching dust or moisture which can change its weight.] Dry the precipitate by placing the 

crucible in the muffle furnace at 800℃ for an hour. The crucible is carefully removed from the 

furnace and kept in the desiccator for cooling. After the crucible has cooled, it is weighed. Note 

this weight as the weight of crucible and precipitate.  Let this weight be w2 g 

Calculations: 𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 22.010𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 = (𝑤2 − 𝑤1) = 22.010 − 19.356 = 2.654𝑔 

𝑈𝑠𝑖𝑛𝑔 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝐵𝑎𝑆𝑂4 ≡ 𝑆𝑂4
2− 

233.4 𝑔 𝑜𝑓 𝐵𝑎𝑆𝑂4 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 96.06 𝑔 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒. 

2.654 𝑔 𝑜𝑓 𝐵𝑎𝑆𝑂4 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛
96.06

233.4
× 𝑤  𝑔 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 0.4115 × 2.654 = 1.0921 𝑔. 

𝑆𝑜 250 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 1.0921𝑔 𝑔 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 

∴ 1000 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 1.0921 ×
1000

250
= 21.84 𝑔 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒. 

𝑅𝑒𝑠𝑢𝑙𝑡: 𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑑𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 21.84𝑔/𝐿 

10.2.2.1 Notes: 

Preparation of solution 

5% Barium chloride solution: Dissolve 5 g of BaCl2 in 50 ml of distilled water and make the 

volume to 100 ml. 

Sodium sulphate solution (0.5 M) (Mol wt. =142) Dissolve 71 g of sodium sulphate in distilled 

water and make the volume to 1 L. 

Precautions: 

Precipitation is carried out in dilute solution and in hot solution. 
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Some dilute hydrochloric acid must be added before precipitation. 

HCl is added to sample solution to prevent the precipitation of barium salts of weak acids such 

as carbonates and phosphates. 

The filter paper and precipitate should be dried well to ensure accurate weight measurement. 

The experiment is carried out near boiling point to increase the solubility of the precipitate at 

equilibrium and to reduce relative supersaturation. 

Experiment 10.2.3.0: Determine the amount of aluminium as Aluminium 8 hydroxyquinolate 

or oxinate complex gravimetrically in a given solution using oxine (8-hydroxyquinoline) as 

precipitating agent. 

Discussion:  Aluminium forms an insoluble complex with 8-hydroxyquinoline(oxine). Oxine is 

a bidentate ligand. The complex is formed under specific conditions of pH and therefore can be 

precipitated from aqueous solution with this reagent. Oxine or 8 hydroxyquinoline is a 
colourless crystalline solid having m.pt 75-76 and is insoluble in water. Aluminium being a 

trivalent element reacts with three oxine ligands. The yellow-coloured aluminium oxinate 

Al(oxine)3 (Figure 10.12) is precipitated from aqueous solution at pH range 4.2 to 9.8 using an 

ammoniacal buffer solution or acetic acid buffer solution. Aluminium is precipitated as a 

crystalline precipitate which can be easily filtered. 

Precipitating agent: 2% Solution of 8 hydroxyquinoline in 2M acetic acid followed by 

ammonium acetate 

Chemical reaction: 𝐴𝑙3+(𝑎𝑞) + 3𝐶9𝐻7𝑂𝑁(𝑎𝑞) → 𝐴𝑙(𝐶9𝐻6𝑂𝑁)3(𝑠) + 3𝐻+ 

Structure of 𝐴𝑙(𝐶9𝐻6𝑂𝑁)3(Aluminium oxinate complex) 

 

Figure 10.12 (Image courtesy: enwikipidia.org) 

Procedure: Take 20mL of the given aluminium ammonium sulphate solution in a clean beaker. 

Add 5mL of dilute HCl. Dilute the precipitate so obtained with 150 mL distilled water. Heat the 

solution to 70-80℃ with stirring. Then add the precipitating agent 8 hydroxyquinoline (2% 
solution in 2M acetic acid). The precipitating agent should be added to hot solution. Add slowly 

2M solution of ammonium acetate till precipitation is complete. Add more ammonium acetate to 

get a faint yellow colour. Digest the precipitate on a water bath for 30minutes.After digestion is 
complete test the supernatant liquid for complete precipitation by adding the precipitating agent. 

Allow the solution to cool at room temperature and let it remain undisturbed for at least half an 

hour. In the meantime, take a clean sintered glass crucible, heat it and after cooling weigh it. Let 
the weight of empty crucible = w1 g. Now filter the above solution through this preheated and 

weighed sintered glass crucible. Filter paper pulp can be added to enhance the filtration process. 
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Wash the precipitate with distilled cold water till the washings are free of chloride and sulphate 

ions [Perform tests with the washings for these ions] Dry the precipitate in an oven for 

45minutes at 110-120℃ . After drying the hot crucible should be placed in a desiccator for 

cooling. Remove the crucible from the desiccator carefully and then weigh it. Let the weight of 

crucible +precipitate = w2 g. last three steps of drying, cooling and weighing can be repeated a 

number of times till a constant weight is obtained. 

Calculations: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 23.165𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 = (𝑤2 − 𝑤1)𝑔 = 23.165 − 19.356 = 3.809 𝑔 

∴ 20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 3.809 𝑔 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 

𝐴𝑡𝑜𝑚𝑖𝑐 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 = 26.9815 𝑔 

𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑙(𝑜𝑥𝑖𝑛𝑒)3𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 = 459.4345 𝑔 

𝑈𝑠𝑖𝑛𝑔 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝐴𝑙(𝑜𝑥𝑖𝑛𝑒)3 ≡ 𝐴𝑙3+ 

459.4345 𝑔 𝑜𝑓 𝐴𝑙(𝑜𝑥𝑖𝑛𝑒)3 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 26.9815 𝑔 𝑜𝑓 𝐴𝑙3+ 

3.809 𝑔 𝑜𝑓 𝐴𝑙(𝑜𝑥𝑖𝑛𝑒)3 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛
26.9815

459.4345
× 𝑤  𝑔 𝑜𝑓 𝐴𝑙3+ = 0.05872 × 3.809

= 0.2236 𝑔. 

𝑆𝑜 20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑎𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 𝑎𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛  𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 

0.2236 𝑔 𝑜𝑓 𝐴𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 

∴ 1000 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛  𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 0.2236 ×
1000

20
= 11.18 𝑔 𝑜𝑓 𝐴𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚. 

𝑅𝑒𝑠𝑢𝑙𝑡: 𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝐴𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 11.18 𝑔/𝐿 

10.2.3.1 Notes: 

Preparation of solutions: 

Aluminium ammonium sulphate solution: Dissolve 4g of the salt in distilled water and make the 

volume to 1L. 

8-hydroxyquinoline (Oxine) solution (2%): Dissolve 2g of oxine in a small amount of pure 

acetic acid (5-10mL) and make it 100mL with distilled water. Add ammonia solution till 

turbidity is obtained. Remove the turbidity with dilute acetic acid. 

Dilute HCl (5%): Take 13.69 ml of commercial HCl (36.5%) and dilute it to make the volume 

100 mL. 

2M Acetic acid: (Molecular weight=60) Dissolve 120 g of acetic acid in 500 mL of deionized 

water in a 1L volumetric flask and make the volume to 1L. 

Alternately 2M acetic acid can be prepared from glacial acetic acid which is 17.4 M. Using 

molarity equation 

𝑀1𝑉1(𝑔𝑙𝑎𝑐𝑖𝑎𝑙 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑) = 𝑀2𝑉2(𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑) 

17.4 × 𝑉1 = 2 × 1000 
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𝑉1 =
2000

17.4
= 114.94 

Take 114.94 mL of glacial acetic acid in a 1L volumetric flask and make the volume up to the 

mark with deionized water. 

2M Ammonium acetate: 

Experiment10.2.4.0.: Determine the percentage of aluminium as aluminium oxide in the given 

sample of potash alum gravimetrically using 1:1 ammonia as the precipitating agent. 

Discussion: The percentage of aluminium in the given sample of potash alum is determined by 
treating the sample solution with 1:1 ammonia solution in the presence of ammonium chloride 

and maintaining the 𝑝𝐻 of the solution between 6.5 to 7.5.Aluminium hydroxide as white 

gelatinous precipitate is completely precipitated at this 𝑝𝐻 range.The precipitate is then ignited 

to anhydrous aluminium oxide which is weighed and from this weight of aluminium oxide ,the 

percentage of aluminium can be calculated. 

Chemical reaction: 

𝐴𝑙3+(𝑎𝑞) + 3𝑁𝐻3 + 6𝐻2𝑂(𝑙) → 𝐴𝑙(𝑂𝐻)3(𝐻2𝑂)3(𝑠) + 3𝑁𝐻4
+(𝑎𝑞) 

2𝐴𝑙(𝑂𝐻)3(𝐻2𝑂)3(𝑠) → 𝐴𝑙2𝑂3(𝑠) + 6𝐻2𝑂(𝑔) 

Precipitating agent: 1:1Ammonia. 

Procedure: Take 1.5 g of potash alum in a beaker and dissolve it in 150 ml of distilled water. 

Add 5g of pure ammonium chloride and few drops of methyl red indicator. Cover it with a 
watch glass and boil the solution. Stop heating the solution and add 1:1 ammonia solution 

slowly dropwise till the colour of the solution changes to distinct yellow. Avoid addition of 

excess ammonia.  Again, heat for two minutes. Gelatinous white precipitate of Aluminium 
hydroxide separate out. Now prepare filter paper pulp with Whatman filter paper no 42 and add 

this pulp to the precipitate. Aluminium hydroxide is a gelatinous precipitate which filters with 

difficulty and filter paper pulp facilitates the filtration. Filter the precipitate with Whatman filter 
paper no 41. Wash the precipitate with 2% ammonium chloride solution. The precipitate should 

not be washed with hot water alone as the precipitate will undergo peptization. Electrolyte 

prevents peptization. Continue washing the precipitate till the washings are free from sulphate 

ions. Remove the last traces of precipitate from the beaker using a policeman rod. Allow all the 
liquid to drain out of filter paper. Take a pre weighed silica crucible (w1 g) and make a packet of 

the moist filter paper containing the precipitate. Place this packet in the crucible and heat in the 

muffle furnace. During this heating aluminium hydroxide precipitate changes to non-
hygroscopic Al2O3.Remove the crucible with the precipitate from the furnace with the help of 

tongs and place it in the desiccator for cooling at room temperature. Weigh the crucible with 

precipitate. Let this weight be w2 g. Repeat the process of heating, cooling and weighing till a 

constant weight is obtained. 

Observation and Calculation: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 20.856𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐴𝑙2𝑂3) = (𝑤2 − 𝑤1) = 20.856 − 19.356 = 1.5 𝑔 

One mole of potash alum contains two moles of Al3+ ions which are converted to one mole of 

alumina on precipitation and ignition. 
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𝐾2𝑆𝑂4 . 𝐴𝑙2(𝑆𝑂4)3. 24𝐻2𝑂 ≡ 2𝐴𝑙3+ ≡ 𝐴𝑙2𝑂3 

948.76𝑔 ≡ 53.96𝑔 ≡ 101.96𝑔 

𝐻𝑒𝑛𝑐𝑒 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐴𝑙3+ 𝑖𝑜𝑛𝑠 𝑖𝑛 1.5 𝑔 𝑜𝑓 𝐴𝑙2𝑂3 =
53.96

101.96
× 1.5 = 0.7938 𝑔 

Now 0.7938 g of Al3+ ions are present in 1.5 g of potash alum taken initially for analysis. Hence 

percentage of Al3+ ions in potash alum can be calculated as follows 

% 𝐴𝑙3+(𝑒𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙) =
0.7938

1.5
× 100 = 52.9% 

This percentage can be compared with the theoretical percentage 

% 𝐴𝑙3+ (𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙) =
53.96

948.76
× 100 = 5.69% 

10.2.4.1 Notes: 

Preparation of solutions 

Potash alum: Dissolve 1.5 g of potash alum in 150 ml of distilled water. 

1:1 Ammonia: Take 50 ml of distilled water and add 50 ml of concentrated ammonia slowly. 

Prepare this solution under a fume hood. Ammonia vapours are harmful if inhaled. 

Filter paper pulp: Take half of a circular Whatman filter paper no 42 and tear it into small bits. 

Add these bits of paper to 20 ml of distilled water. Add 15ml of 50% hydrochloric acid and boil 

the contents. When all the filter paper has dissolved, the solution can be used as filter paper 

pulp. 

Precautions: 

Only hot solution of ammonium chloride or ammonium nitrate should be used for washing the 

precipitate. 

The precipitation of aluminium hydroxide by 1:1ammonia is complete in a specific 𝑝𝐻 range 

which should be correctly noted with the help of methyl red indicator 

Crucibles containing ignited alumina should be kept in desiccators. 

A fume hood should always be used while adding ammonia solution. 

Experiment 10.2.5.0 Determine the amount of Nickel in g/L gravimetrically in the given nickel 

chloride solution using dmg(dimethylglyoxime) as the precipitating agent. 

Discussion: Nickel is estimated gravimetrically by forming a chelate complex of Ni (II) ion with 
chelating agent dimethylglyoxime (1% alcoholic solution) in the presence of ammonium 

hydroxide solution.  the complex is insoluble in ammonia, so complexation is carried out in 

presence of ammonium hydroxide solution. The complex so formed is precipitated as rose red 

precipitate and it can be easily weighed and estimated gravimetrically. 

Precipitating reagent: 1% alcoholic solution of dimethylglyoxime 

Chemical reaction: 

𝑁𝑖2+(𝑎𝑞) + 2𝐶4𝐻8𝑁2𝑂2(𝑎𝑞) → 𝑁𝑖[𝐶4𝐻7𝑁2𝑂2]2(𝑠) ↓ +2𝐻+(𝑎𝑞) 
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(Image courtesy: Wikipedia.org) 

Procedure: 

Preparation of Sintered glass crucible / Buchner funnel with filter paper 

Clean and dry sintered glass crucible or a Buchner funnel. The crucible should be dried in oven 

at 110-degree C. Place it in a desiccator for cooling to room temperature Weigh it and repeat the 

process of heating and cooling twice to get the exact weight. Place the weighed crucible in a 

desiccator to avoid absorption of dust or moisture. Set the filtration unit with suction pump. 

Precipitation and digestion of precipitate: 

Take 20𝑚𝐿  of Nickel salt solution in a clean beaker. Add 10 𝑚𝐿  of 2N HCl solution and 150 

𝑚𝐿  of distilled water. Heat the solution to 70-80-degree C. Note the temperature. When the 

temperature reaches 70℃, remove the beaker from the burner. Make sure to wash the 

thermometer with little distilled water while removing it so that no amount of Ni ions is lost. 

Now add 50 𝑚𝐿  of 1% alcoholic dmg (dimethyl glyoxime) reagent. This ligand will form a 
complex with nickel ions only when solution is alkaline. So, ammonia solution is added with 

constant stirring to the beaker. Initially the red precipitate formed will disappear, so continue 

adding the ammonia solution (up to 100 𝑚𝐿 ) till a permanent rose red precipitate is formed. 
Add the ammonia solution dropwise. Let the precipitate settle for half an hour. It will be seen 

that some of the rose red precipitate has settled down. This step is digestion of the precipitate. 

Test for complete precipitation: With the help of dropper add a few drops of ammonia solution 

and few drops of dmg in the supernatant liquid. If fresh rose red precipitates are not formed, it 
means precipitation is complete. Remove the dropper carefully, wash with distilled water so that 

precipitates are not lost. 

Filtration: The filtration of the precipitate can be done with sintered glass crucible/Buchner 
funnel and using the water pump which creates a vacuum and filtration is fast. It takes about 10-

15minutes.This system has been set in step 1. Wash the precipitate with cold distilled water till 

the washings are free from chloride and sulphate ions. 

Drying and weighing of Precipitate.: After the filtration is complete, the crucible/funnel is 

placed in the oven at 110℃ for drying and then cooled in desiccator for 10 minutes. Weigh the 

crucible with precipitate and note the weight. Repeat the drying and cooling and reweighing till 

a constant weight is obtained. This is done to assure that the precipitate is completely dry and 

weight of water has not been added to it. 

Observations and Calculations: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑠𝑖𝑛𝑡𝑒𝑟𝑒𝑑 𝑔𝑙𝑎𝑠𝑠 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 𝑜𝑟 𝑏𝑢𝑐ℎ𝑛𝑒𝑟 𝑓𝑢𝑛𝑛𝑒𝑙 𝑤𝑖𝑡ℎ 𝑓𝑖𝑙𝑡𝑒𝑟 𝑝𝑎𝑝𝑒𝑟(𝑤1)
= 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒(𝑤2) = 20.123𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑁𝑖(𝑑𝑚𝑔)2 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 = 𝑤2 − 𝑤1 = 20.123 − 19.356 = 0.767𝑔 
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As we know that atomic weight of Nickel is 56.69 g and molecular weight of Ni(dmg)2 complex 

is 288.91g 

𝑈𝑠𝑖𝑛𝑔  𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑟𝑢𝑙𝑒           𝑁𝑖(𝑑𝑚𝑔)2 ≡ 𝑁𝑖2+ 

288.91𝑔 ≡ 56.69 𝑔 

𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑁𝑖(𝐼𝐼) 𝑖𝑛 0.767 𝑔 𝑜𝑓 𝑁𝑖(𝑑𝑚𝑔)2 =
56.69

288.91
× 0.767 = 0.1505 𝑔 𝑜𝑓 𝑁𝑖(𝐼𝐼) 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑛𝑖𝑐𝑘𝑒𝑙 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑜𝑟𝑖𝑔𝑖𝑛𝑎𝑙𝑙𝑦 𝑡𝑎𝑘𝑒𝑛 𝑓𝑜𝑟 𝑒𝑠𝑡𝑖𝑚𝑎𝑡𝑖𝑜𝑛 = 20𝑚𝐿 

20𝑚𝐿 𝑜𝑓 𝑁𝑖𝑐𝑘𝑒𝑙 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 0.1505 𝑔 𝑜𝑓 𝑁𝑖(𝐼𝐼) 

∴ 1000𝑚𝐿 𝑜𝑓 𝑁𝑖𝑐𝑘𝑒𝑙 𝑠𝑎𝑙𝑡 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛 0.1505/20 × 1000 = 7.52 𝑔 𝑜𝑓 𝑁𝑖(𝐼𝐼). 

Result: The amount of Ni (II) present in the given solution is 7.52𝑔/𝐿 

10.2.5.1 Notes: 

Preparation of solutions 

Dimethylglyoxime (1%alcoholic solution): Dissolve 1g of the reagent in 100  𝑚𝐿  of absolute 

alcohol. The solution is stable and can be kept in a stoppered bottle. 

2M HCl: Take 500 𝑚𝐿 of distilled water Add 167 𝑚𝐿 concentrated HCl slowly and make the 

solution to 1 L 

Dilute ammonia solution (1:1): Take 50 𝑚𝐿  of liquid ammonia and add 50 𝑚𝐿  of distilled 

water. Always prepare such solutions under a fume hood. 

Nickel ammonium sulphate (M. wt.: 286.89) Dissolve 6.88 g of the salt in distilled water and 

make up the solution to 500 𝑚𝐿 

Precautions: 

The 𝑝𝐻 of the solution should be maintained between 5-8 for quantitative precipitation of rose 

red chelate complex. 

A slight excess of the reagent has no action on the precipitate but a large excess of the 
precipitate should be avoided because the reagent itself may crystallize out with the precipitate 

causing error in calculations. 

The Ni(dmg)2 complex is a very bulky precipitate and therefore for rapid and easy filtration 

water pump should be used. 

The precipitate should be dried and weighed at least twice to ensure that it is not wet and weight 

is constant for the precipitate. 

Filter paper if used should be ash less, weightless filter paper of appropriate porosity as 

mentioned in the procedure. 

Ammonia buffer should be added slowly with constant stirring till precipitation is complete. 

Experiment 10.2.6.0: Determine the amount of copper as copper sulphocyanide in given 

solution of copper sulphate gravimetrically. 

Discussion: In a copper sulphate solution (CuSO4) copper is present as cupric (Cu2+) ions and in 

copper sulphocyanide (CuSCN), copper is present as cuprous (Cu+) ions. The first step is to 
reduce the cupric ions to cuprous ions by using saturated solution of sulphurous acid. 

Sulphurous acid is prepared fresh by mixing equal amounts of 2N HCl and 10% sodium 
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bisulphite solution. Sulphurous acid can also be prepared by passing SO2 gas through distilled 

water. After the reduction process is complete, Cu(I) ions are precipitated as white coloured 

CuSCN using ammonium thiocyanate solution as the precipitating agent. 

Chemical reaction: 

𝐶𝑢𝑆𝑂4 + 2𝑁𝐻4𝑆𝐶𝑁 + 2𝐻2𝑂 + 𝑆𝑂2 → 2𝐶𝑢𝑆𝐶𝑁 + (𝑁𝐻4)2𝑆𝑂4 + 𝐻2𝑆𝑂4 

Precipitating agent: 10% ammonium sulphocyanide solution (𝑁𝐻4𝑆𝐶𝑁) 

Procedure: 

Preparation of sintered glass crucible: Clean a sintered glass crucible. Dry it in an oven at 110-

degree C. Let it cool in a desiccator for 10-15 minutes. Weigh the crucible accurately and again 

place it in the desiccator to avoid contamination by air and moisture. 

Precipitation: Take 20 𝑚𝐿  of the given copper sulphate solution in an Erlenmeyer flask and add 

5 𝑚𝐿  of 1M sulphuric acid followed by 150 𝑚𝐿   of distilled water. Then add 25-30 𝑚𝐿   of 

sulphurous acid solution. Heat the solution to boiling. Add slowly with constant stirring 20-

25 𝑚𝐿  of 10% of ammonium sulphocyanide solution. White precipitate of copper thiocyanate 

will be formed and the solution will have the odor of sulphur dioxide. 

Digestion of precipitate: Allow the precipitate to settle. Place the flask in a water bath and cover 

it. Let the precipitate digest for half an hour. 

Test for complete precipitation: When the precipitates have been completely digested and a 

clear supernatant liquid is obtained, take a few drops of ammonium thiocyanate and add along 

the sides of the flask to the supernatant   liquid. If no fresh precipitates are formed then 

precipitation is complete. Keep the solution undisturbed for at least 5-6 hours. 

Filtration and washing:  Filter the above solution through previously washed, cleaned, dried and 

weighed crucible (step 1). Filtration can be done using the water pump to create vacuum and 
make the filtration process fast. Wash the precipitate with washing liquid which is prepared by 

adding 1 𝑚𝐿  of 10% ammonium sulphocyanide solution and 5 drops of sulphurous acid to 

100 𝑚𝐿   of distilled water. Once this is done, final washing is done several times using 20% 

ethanol to remove the ammonium sulphocyanide. 

Drying and weighing the precipitate: Dry the precipitate within the crucible in an oven at 110-

120 ℃  for 40-45 minutes. Cool the precipitate in a desiccator and weigh it. Repeat the process 

of drying, cooling and weighing till a constant weight is obtained. Note this weight as weight of 

crucible+ precipitate. 

Observations and Calculations: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 19.996𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐶𝑢𝑆𝐶𝑁) = (𝑤2 − 𝑤1) = 19.996 − 19.356 = 0.64 𝑔 

As we know that atomic weight of copper is 63.54 g and molecular weight of CuSCN complex 

is 121.62g 

So, using equivalence rule 

𝐶𝑢𝑆𝐶𝑁(121.62 𝑔) ≡ 𝐶𝑢(63.54) 

∴ 0.64 𝑔 𝑜𝑓 𝐶𝑢𝑆𝐶𝑁 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛 𝐶𝑢(𝐼) =
63.54

121.62
× 0.64 = 0.334𝑔 
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𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑐𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑜𝑟𝑖𝑔𝑖𝑛𝑎𝑙𝑙𝑦 𝑡𝑎𝑘𝑒𝑛 = 20 𝑚𝐿 

𝑆𝑜 20 𝑚𝐿 𝑜𝑓 𝑐𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 0.334 𝑔 𝑜𝑓 𝐶𝑜𝑝𝑝𝑒𝑟 

𝐻𝑒𝑛𝑐𝑒 1000𝑚𝐿 𝑜𝑓 𝑐𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛
0.334

20
× 1000

=  16.7 𝑔 𝑜𝑓 𝑐𝑜𝑝𝑝𝑒𝑟. 

Result: The amount of copper present in the given solution of copper sulphate is found to be 

16.7g/L. 

10.2.6.1 Notes 

Preparation of solutions 

Copper sulphate solution (Mol. Wt. of 𝐶𝑢𝑆𝑂4: 249.685): Dissolve 2.5 g of copper sulphate in 

100 𝑚𝐿  of distilled water. 

Fresh sulphurous acid solution: First prepare 10% sodium bisulphite solution and then add 

20 𝑚𝐿  of 2N HCl to 25 𝑚𝐿 of sodium bisulphite solution. 

Sulphurous acid can also be prepared by passing Sulphur dioxide gas through distilled water 

Ammonium sulphocyanide solution (For precipitation): Add 10g of ammonium sulphocyanide 

to 90 𝑚𝐿 of distilled water. 

Ammonium sulphocyanide (For washing): Add ammonium sulphocyanide 1g to 100 𝑚𝐿   of 

distilled water. 

Ethanol (20%) for washing: Add 20 𝑚𝐿   of ethanol to 80 𝑚𝐿 of distilled water 

Precautions: 

The solution should be slightly acidic when precipitating agent is being added. 

The reduction of Cu (II) to Cu(I) should be complete, add enough sulphurous acid to ensure this. 

Large excess of precipitating agent (ammonium sulphocyanide) should be avoided as the 

precipitate formed may form soluble complex with it. 

Reverse oxidation of Cu(I) to Cu (II) should be avoided after the formation of precipitate. 

Experiment 10.2.7.0 Estimation of iron as Fe2O3 gravimetrically 

Discussion: The given solution is generally of ammonium ferrous sulphate and the ferrous ions 

present in it are first oxidized to ferric ions using oxidizing agents like hydrogen peroxide or 

concentrated nitric acid. 

𝐹𝑒2+ +  𝑜𝑥𝑖𝑑𝑖𝑠𝑖𝑛𝑔 𝑎𝑔𝑒𝑛𝑡 → 𝐹𝑒3+ 

This step is essential as ferric hydroxide is least soluble and completely precipitated. It is then 

precipitated as hydrated ferric oxide using 1:1 ammonia as precipitating reagent. Hydrated iron 

oxide 𝐹𝑒2𝑂3. 𝑥𝐻2𝑂 generally written as  𝐹𝑒(𝑂𝐻)3 has variable water of crystallization where x 
can be as large as 40-50. This precipitate is in colloidal form ,so for coagulation, solution is 

boiled for some time after precipitation. For easy filtration and to prevent formation of 𝐹𝑒3𝑂4 

during ignition ash less filter paper pulp is added to the precipitate. Upon ignition it gives 

𝐹𝑒2𝑂3. 

2𝐹𝑒(𝑂𝐻)3 → 𝐹𝑒2𝑂3 + 3𝐻2𝑂 

Precipitating agent: 1:1 ammonia solution 
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Procedure: Preparation of silica crucible: Wash a silica crucible with distilled water and if 

required with aqua regia. Dry it and place it in desiccator for cooling. After 10minutes weigh the 

crucible and again place it in the desiccator. 

Precipitation: Take 20 𝑚𝐿 of the given ammonium ferrous sulphate solution in a 500 𝑚𝐿  clean , 

dry beaker. Add 50 𝑚𝐿  of distilled water. Add 1 𝑚𝐿  of conc HCl and 3 𝑚𝐿  of conc HNO3 and 

boil the solution. A clear yellow solution is obtained. At this stage all ferrous ions must have 
been converted to ferric ions. [Check for complete oxidation by taking out one drop of the 

reaction mixture from the vessel and adding to 1 𝑚𝐿 of potassium ferricyanide solution. If the 

solution does not turn blue, oxidation is complete. Otherwise add more conc HNO3, boil and 

check again.] 

Now add 150 𝑚𝐿 of distilled water and boil the solution. Remove the beaker from burner and 

add slowly with constant stirring 1:1 ammonia as the precipitating agent. Use a policeman rod 

for stirring. Brown coloured ferric hydroxide precipitates will be formed. The solution should 
have distinct smell of ammonia. Boil off excess ammonia and allow the precipitate to settle 

down. 

Digestion and check for complete precipitation: After the precipitate has settled completely and 
supernatant liquid is clear it means digestion is complete. Now add dropwise along the sides of 

the beaker fresh 1:1 ammonia solution with the help of dropper. If no fresh precipitates are 

formed, it means precipitation is complete. 

Filtration: Take ash less weightless Whatman filter No 41 paper and fix it to a clean dry glass 

funnel. Now first decant off the supernatant liquid through the filter paper. Wash the precipitate 

10-20 𝑚𝐿   of hot solution of ammonium nitrate in the beaker. Stir it, allow to settle and then 

decant through the filter paper. Repeat the process of washing and decantation till the filtrate is 
completely free from sulphate and chloride ions. Transfer the precipitate to filter paper. If some 

of the precipitate sticks to the wall of beaker, then use a policeman rod to dislodge the particles 

and completely transfer the precipitate to the filter paper. 

[Note: In case the precipitates are gelatinous, they can clog the pores of the filter paper.  In such 

cases 10-15 𝑚𝐿   of ash less filter paper pulp can be added to the precipitate prior to filtration 

and immediately after precipitation.] 

Drying: Place the precipitate along with the filter paper in the pre weighed silica crucible and 

heat it in a muffle furnace at about 1000℃ for half an hour. Remove the crucible from the 

furnace and cool it in a desiccator. Repeat the process of heating, cooling and weighing till a 

constant weight is obtained. Note the weight of as that of crucible + precipitate. [The Whatman 

filter paper being ash less and weightless does not contribute to the weight.] 

Observations and calculations: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒 (𝑤2) = 19.686𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐹𝑒2𝑂3) = (19.686 − 19.356) = 0.33g 

𝑈𝑠𝑖𝑛𝑔 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑐𝑒 𝑟𝑒𝑙𝑎𝑡𝑖𝑜𝑛𝑠ℎ𝑖𝑝 

𝐹𝑒2𝑂3 ≡ 2𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆04. 6𝐻2𝑂(𝑀𝑜ℎ𝑟𝑠 𝑠𝑎𝑙𝑡) ≡ 2𝐹𝑒 

𝐴𝑡𝑜𝑚𝑖𝑐 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐹𝑒 = 55.847, 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐹𝑒2𝑂3 = 159.70 𝑔 , 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑚𝑜ℎ𝑟𝑠 𝑠𝑎𝑙𝑡
= 392.1𝑔 
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From the above equivalence factor and the given weights 

159.70 𝑔 𝑜𝑓  𝐹𝑒2𝑂3  ≡ (2 × 55.487)𝑜𝑟 111.69𝑔 𝑜𝑓 𝐹𝑒 

𝑇ℎ𝑒𝑟𝑒𝑓𝑜𝑟𝑒 0.33𝑔 𝑜𝑓  𝐹𝑒2𝑂3 =
111.69

159.70
× 0.33 = 0.230 𝑔 𝑜𝑓 𝐹𝑒(II) 

20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑎𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑓𝑒𝑟𝑟𝑜𝑢𝑠 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 0.230 𝑔 𝑜𝑓 𝐹𝑒(II) 

∴ 1000 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑎𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑓𝑒𝑟𝑟𝑜𝑢𝑠 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛
0.230

20
× 1000 =

11.5 𝑔 𝑜𝑓 𝐹𝑒(II) 

Result: The given solution of ammonium ferrous sulphate contains 11.5 g/L of Fe (II). 

10.2.7.1 Notes: 

Preparation of solutions (for experiment 7) 

1:1 Ammonia solution: To 50𝑚𝐿 of concentrated ammonia add 50 𝑚𝐿  of distilled water. Make 

this solution under a fume hood. 

Ferrous Ammonium   Sulphate (Mohr’s salt): Dissolve 4.9g of Mohr’s salt in water and make 

the volume to 100 𝑚𝐿 . The solution should be light green colour. 

Ammonium nitrate solution (1%): Dissolve 1g of ammonium nitrate in 100 𝑚𝐿  of distilled 

water. 

Conc HCl 

Conc HNO3 

Precautions: 

The precipitation should be carried out at boiling point so that colloidal particles are coagulated 

and precipitation is complete. 

The complete oxidation of ferrous ions to ferric ions should be checked with potassium 

ferricyanide solution. 

The precipitates should be completely washed before transferring to the filter paper. 

Filter paper pulp should be made with ash less, weightless Whatman filter paper. 

Experiment 10.2.8.0: Estimation of chromium as chromic oxide (Cr2O3) gravimetrically using 

ammonium hydroxide as precipitating agent. 

Discussion: A chromic salt solution is taken to analyse chromium as chromic oxide. Initially the 

chromic salt is converted to chromic hydroxide which on ignition gets converted to chromic 

oxide. When chromium is taken as chromate or dichromate, it is first reduced to chromic salt 

and then converted to hydroxide which on ignition gives chromic oxide. 

Precipitating agent: Ammonium hydroxide in the presence of ammonium chloride 

Procedure: 

Method 1 for precipitation: Chromium is present as chromic salt: 

Take 25𝑚𝐿 of chromium sulphate solution in a 500 𝑚𝐿  clean, dry beaker. Add about 20 𝑚𝐿  of 

distilled water and 1g of solid ammonium chloride. Boil the contents of the beaker. In another 

beaker take 50 𝑚𝐿  of concentrated ammonia and add to it 50 𝑚𝐿  of distilled water and warm 
this solution. Prepare this solution under a fume hood. Now add this warm, freshly prepared 
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ammonium hydroxide solution slowly dropwise to the hot chromic acid solution taken in first 

beaker. Continue adding the ammonium hydroxide solution till precipitates are formed. The 
solution will start smelling ammoniacal at this stage. [Note: Never smell ammonia vapours 

directly] Avoid adding large excess of ammonia and boil off excess ammonia from the beaker. 

Allow the precipitate to settle. A small amount (half test tube) of filter paper pulp should be 

added to the precipitate at this stage. 

Chemical reaction: 𝐶𝑟2(𝑆𝑂4)3 + 6𝑁𝐻4𝑂𝐻 → 3(𝑁𝐻4)2𝑆𝑂4 + 2𝐶𝑟(𝑂𝐻)3 

Method 2 for precipitation: Chromium is present as dichromate: Take 25 𝑚𝐿 of solution of 

potassium dichromate. Add 10 𝑚𝐿  of concentrated sulphuric acid and 15 𝑚𝐿  of alcohol. Boil 
the contents of the beaker till the yellow-coloured potassium dichromate is reduced to green 

coloured chromic sulphate. At this stage the solution will smell like acetaldehyde and the u of 

alcohol will cease. Acetaldehyde vapours have a strong fruity odour. Dilute the solution with 

50 𝑚𝐿 of distilled water and since now the solution has chromium as chromic salt, so the 

precipitation can now be carried out in the same manner as in Method 1. 

Chemical reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 + 3𝐶2𝐻5𝑂𝐻 → 𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 + 3𝐶𝐻3𝐶𝐻𝑂 + 7𝐻2𝑂 

The precipitate of chromium hydroxide obtained by method 1 or 2 are allowed to digest on a 

water bath for half an hour. Now filter the precipitate on Whatman filter paper No 41. Care 

should be taken to fit the filter paper in appropriate size of glass funnel. Wash the precipitate 

with hot 2% ammonium nitrate solution. The washings should be free from sulphate and 
chloride ions. The precipitate if left in the beaker can be dislodged with the help of policeman 

rod.  After filtration is complete, make a packet of the filter paper and place it in the pre 

weighed silica crucible.  Put the crucible along with the precipitate in the muffle furnace and 

heat at 1500℃  for half an hour so that all chromium hydroxide is converted to chromic oxide. 

Remove the silica crucible from the furnace and allow it to cool in a desiccator.  Weigh after 10-

15 minutes. Repeat the process of drying, cooling, weighing till a constant weight is obtained. 

𝐶𝑟(𝑂𝐻)3 𝑜𝑛 ℎ𝑒𝑎𝑡𝑖𝑛𝑔 𝑎𝑡 1500℃ 𝑔𝑖𝑣𝑒𝑠 𝐶𝑟2𝑂3 

Observations and Calculation: 

𝐿𝑒𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.256𝑔 

𝐿𝑒𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 19.312𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐶𝑟2𝑂3) = (𝑤2 − 𝑤1)𝑔 = 19.312 − 19.256 = 0.056 𝑔 

Using the equivalence of chromium oxide and chromium 

𝐶𝑟2𝑂3  ≡ 2𝐶𝑟 ≡ 𝐾2𝐶𝑟2𝑂7 ≡ 𝐶𝑟2(𝑆𝑂4)3 

152.02 𝑔 ≡ 104.02𝑔 ≡ 294.21𝑔 ≡ 392.01𝑔 

Where 152.02 is molecular weight of 𝐶𝑟2𝑂3 

104.02 is two times the atomic weight of Chromium 

294.21 is the molecular weight of 𝐾2𝐶𝑟2𝑂7 

392.01 is the molecular weight of 𝐶𝑟2(𝑆𝑂4)3 

∴ 𝑤 𝑔 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐶𝑟2𝑂3)𝑤𝑖𝑙𝑙 𝑐𝑜𝑛𝑡𝑎𝑖𝑛 𝑐ℎ𝑟𝑜𝑚𝑖𝑢𝑚 =
104.02

152.02
× 𝑤 = 104.02 ×

0.056

152.02
= 0.0383 𝑔 
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𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑖𝑢𝑚 𝑖𝑛 𝑡ℎ𝑒 25 𝑚𝐿 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑎𝑘𝑒𝑛 = 0.0383 𝑔 

𝐴𝑚𝑜𝑢𝑛𝑡 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑖𝑢𝑚 𝑝𝑒𝑟 𝑙𝑖𝑡𝑟𝑒 𝑜𝑓 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 =
0.0383

25
× 1000 = 1.532 𝑔/𝐿 

Result: Amount of chromium per litre of the given solution= 1.532 𝑔/𝐿 

10.2.8.1 Notes: 

Preparation of solutions 

1:1Ammonia solution: Take 50ml of concentrated ammonia and add 50ml of distilled water to 

it.   Prepare this solution under a fume hood. 

2% ammonium nitrate solution: Take 2g of ammonium nitrate and add 100ml of distilled water 

to it. 

Potassium dichromate solution for Method 2:(M wt. 294.18) Dissolve 4.9 g of potassium 

dichromate in 100 mL distilled water 

Chromium sulphate solution for Method (M. wt. 392.16) 1Dissolve 3.9 g of chromium sulphate 

in 100 mL distilled water. 

Dilute sulphuric acid.: Take 500 mL of distilled water in a 1L volumetric flask Add 56 mL of 

concentrated sulphuric acid slowly and make the volume to 1L with distilled water. (The 

molarity of concentrated sulphuric acid taken is 18 M) 

Precautions: 

The reduction process in Method 2 should be carried out carefully so that complete reduction is 

achieved. 

The paper pulp should be prepared with ash less, weightless filter paper only. 

Use only ash less, weightless filter paper (No 41) for filtration. 

Addition of large excess of precipitating agent should be avoided. 

Always add acid to water while preparing dilute acids and as the reaction is highly exothermic, 

the mixing vessel can be submerged in an ice bath. 

Experiment 10.2.9.0: Determine gravimetrically the percentage of chromium in the given 
sample of potassium chromate, 50.0 g of which has been dissolved per litre of the given 

solution. 

Discussions: Chromium in K2CrO4 is estimated by precipitating as PbCrO4 on the addition of 
lead nitrate or lead acetate as precipitating reagent. The yellow ppts. of lead chromate is filtered, 

washed and dried at 120℃ in an electric oven to a constant weight. 

Chemical reaction: 

𝐾2𝐶𝑟𝑂4 + 𝑃𝑏(𝑁𝑂3)2 → 𝑃𝑏𝐶𝑟𝑂4(𝑦𝑒𝑙𝑙𝑜𝑤 𝑝𝑝𝑡) + 2𝐾𝑁𝑂3 

𝐾2𝐶𝑟𝑂4 + 𝑃𝑏(𝐶𝐻3𝐶𝑂𝑂)2 → 𝑃𝑏𝐶𝑟𝑂4(𝑦𝑒𝑙𝑙𝑜𝑤 𝑝𝑝𝑡) + 2𝐶𝐻3𝐶𝑂𝑂𝐾 

Precipitating agent:2%   Lead nitrate solution. 

Procedure: Pipette out 20 mL of given potassium chromate solution to a beaker and add 1 g 
sodium acetate and 2 mL glacial acetic acid solution along with 100 mL of distilled water. Boil 

the contents and add 20 mL of 2% lead nitrate solution with constant stirring. Heat the contents 

to coagulate the yellow ppts. Check for complete precipitation with a few drops of lead nitrate 
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solution and cool the beaker contents to allow the ppts. to settle down. Filter the ppts. through a 

weighed sintered glass crucible using suction pump and wash it with 4% hot solution of sodium 
acetate till it is free from nitrate ions. Then wash the ppts. with hot distilled water and finally 

with rectified spirit. Dry the ppts. by keeping the crucible in an electric oven at 120℃ for half 

an hour. Cool the crucible by keeping in a desiccator and weigh it accurately. 

Observations and Calculations: 

𝑉𝑜𝑙𝑢𝑚𝑒 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑡𝑎𝑘𝑒𝑛 𝑓𝑜𝑟 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑖𝑜𝑛 = 20 𝑚𝐿 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 = 25.604 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒(𝑃𝑏𝐶𝑟𝑂4) = 27.211 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 𝑓𝑜𝑟𝑚𝑒𝑑 = 27.211 − 25.604 = 1.607 𝑔 

 

Calculation of strength of lead chromate precipitate: 

20 𝑚𝐿 𝑜𝑓 𝑡ℎ𝑒 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑔𝑖𝑣𝑒𝑠 𝑙𝑒𝑎𝑑 𝑐ℎ𝑟𝑜𝑚𝑎𝑡𝑒 = 1.607 𝑔 

1000 𝑚𝐿 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 𝑔𝑖𝑣𝑒𝑠 𝑙𝑒𝑎𝑑 𝑐ℎ𝑟𝑜𝑚𝑎𝑡𝑒 =
1.607

20
× 1000 = 80.35 𝑔 

Calculation of strength of Chromium: 

𝑃𝑏𝐶𝑟𝑂4 ≡ 𝐶𝑟 

323 𝑝𝑎𝑟𝑡𝑠 𝑏𝑦 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓𝑃𝑏𝐶𝑟𝑂4 ≡ 52 𝑝𝑎𝑟𝑡𝑠 𝑏𝑦 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝐶𝑟 

According to gravimetric calculations 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝐶𝑟 ÷ 𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝑃𝑏𝐶𝑟𝑂4

= 𝐴𝑡𝑜𝑚𝑖𝑐 𝑚𝑎𝑠𝑠 𝑜𝑓 𝐶𝑟 ÷ 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 𝑜𝑓 𝑃𝑏𝐶𝑟𝑂4 

𝑆𝑡𝑟𝑒𝑛𝑔𝑡ℎ 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑖𝑢𝑚 ÷ 80.35 = 52 ÷ 323 

𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑖𝑜𝑢𝑚 = 52 × 80.35 ÷ 323 = 12.9356 𝑔/𝐿 

Calculation of percentage of Cr in the sample 

𝑆𝑡𝑟𝑒𝑛𝑔ℎ𝑡 𝑜𝑓 𝐾2𝐶𝑟𝑂4 = 50 𝑔/𝐿 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑖𝑢𝑚 𝑖𝑛 𝑡ℎ𝑒 𝑔𝑖𝑣𝑒𝑛 𝑠𝑎𝑚𝑝𝑙𝑒 = 12.9356 ÷ 50 × 100 = 25.87% 

Result: The Percentage of chromium in the given sample = 25.87% 

10.2.9.1 Notes: 

Preparation of solutions: 

K2CrO4 solution (25.0 g/L): Dissolve 25 g of solid potassium chromate in 1 litre of distilled 

water. 

Pb (NO3)2 solution (12 g/L): Dissolve 12 g of solid lead nitrate in 1 litre of distilled water. 

Sodium acetate solution (4 g/100 mL) 

Glacial acetic acid 

Precautions: 

Precipitation of PbCrO4 be carried out in excess of acetate ions as it is insoluble in acetic acid. 
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Washings of ppts. is carried out with hot water containing acetate ions till the filtrate is free 

from nitrate ions. 

Final washings are given with rectified spirit to facilitate the drying of ppts. 

Filtration should be done when solution attains room temperature. 

Experiment 10.2.10.0: Determine the percentage of chloride gravimetrically in the given 

unknown sample using silver nitrate as the precipitating agent. 

Discussion: The chloride ion content of a soluble salt can be determined gravimetrically by 

precipitation of the chloride ion as silver chloride using silver nitrate as the precipitating agent. 

The precipitates of silver chloride are initially formed as a colloid which is coagulated with the 
aid of nitric acid and a little excess of silver nitrate. Nitric acid is also added during the washing 

process to prevent peptization. Peptization can cause dispersion of the precipitate and the 

colloids formed can pass through the filter paper. 

Precipitating agent: silver nitrate. 

Chemical reaction:  𝐶𝑙− + 𝐴𝑔+ → 𝐴𝑔𝐶𝑙(↓) 

Procedure: Take 20 ml of the sample solution in a conical flask and add equal amount of 

distilled water. Add 1 drop of methyl orange indicator. Add dilute nitric acid dropwise till  a 

pink colour is obtained. Now add 1 ml of 6M nitric acid. Heat the contents of flask to 60℃.Fill 

aburette with silver nitrate solution. Add dropwise silver nitrate solution in the flask till 

colloidal silver chloride is formed. Allow the solution to stand for a minute and again add silver 
nitrate to check if further precipitate is being formed. If precipitate is being formed add 5ml 

more of silver nitrate. Heat the solution to boiling and let it stand in dark for one hour. This 

completes precipitation and digestion steps. 

Decant the supernatant liquid through a pre weighed filtering crucible. Wash the precipitate in 
the flask with washing liquid (cold 2-5 ml of 6M nitric acid in one litre of deionized water) 

Decant these washings through the crucible. Transfer all the precipitate to the crucible using a 

rubber policeman. Again, wash the precipitate with wash liquid. Check for any white precipitate 
formation in the used wash liquid by adding HCl, which shows presence of free silver ions. 

Continue washing till no such precipitates are formed. Dry the precipitate for 105-110℃ for at 

least 2 hours. Cool the crucibles in the desiccator.  Determine the weight of crucible and 

precipitate. Repeat the cycle of heating, cooling and weighing till constant weight is obtained. 

Observations and Calculation: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1 ) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒 (𝑤2) = 19.684𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐴𝑔𝐶𝑙) = (𝑤2 − 𝑤1) = 19.684 − 19.356 = 0.328 𝑔 

𝑂𝑛𝑒 𝑚𝑜𝑙𝑒 𝑜𝑓 𝑠𝑖𝑙𝑣𝑒𝑟 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 𝑜𝑛𝑒 𝑚𝑜𝑙𝑒 𝑜𝑓 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑖𝑜𝑛𝑠. 

𝐴𝑔𝐶𝑙 ≡ 𝐶𝑙− 

143.34 ≡ 35.46 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒
= 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 𝑚𝑎𝑠𝑠(𝑤) × 𝑎𝑡𝑜𝑚𝑖𝑐 𝑚𝑎𝑠𝑠𝑜𝑓 𝐶𝑙− ÷ 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 𝑜𝑓 𝐴𝑔𝐶𝑙 

0.328 ×
35.46

143.34
= 0.081 𝑔 
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Result: Amount of chloride ion content in the sample solution = 0.081𝑔 

10.2.10.1 Notes: 

Preparation of solutions 

Silver nitrate solution (0.1M): Dry 5g of silver nitrate and cool. Weigh 4.5 g of it and dissolve in 

250 ml of distilled water. Store the solution in a dark coloured reagent bottle. 

Nitric acid(6M): Take 500 mL of distilled water in a 1L volumetric flask. Add 380 mL of 

concentrated nitic acid slowly to it and make the solution to 1L with distilled water. 

Washing liquid: Add 1ml of 6M nitric acid in 500 ml of distilled water. 

Precaution: 

The silver chloride precipitate undergoes photodecomposition which can be avoided by storing 

silver chloride in a dark place. 

Silver nitrate is an expensive salt and so it should be carefully used. Unused silver nitrate should 

not be returned to the reagent bottle. 

After completion of experiment put the solid silver chloride in the solid waste container and 

unused silver nitrate in the metal container. 

Silver nitrate solution causes staining of skin and fabric. Any spill should be washed with water 

immediately. 

Concentrated nitric acid(6M) is very corrosive, so should be handled with care. 

Experiment 10.2.11.0: Determine the amount of silver in the given solution of silver nitrate 

gravimetrically using an appropriate precipitating agent. 

Discussion: Silver can be gravimetrically estimated by precipitating as silver chloride or silver 

chromate. The precipitation as silver chloride is easy and causes complete precipitation so it is 

commonly followed. The precipitation is done in presence of dilute nitric acid by slowly adding 
hot dilute HCl to hot silver nitrate solution. The precipitation is done slowly and direct sunlight 

is avoided as the silver chloride formed undergoes photodecomposition. 

Precipitating agent: HCl in presence of HNO3. 

Chemical reaction: 𝐴𝑔𝑁𝑂3 + 𝐻𝐶𝑙 → 𝐴𝑔𝐶𝑙(↓) + 𝐻𝑁𝑂3 

Procedure: Take 20 ml of the given silver nitrate solution and add 20 ml of distilled water. Add 

1 ml of concentrated nitric acid and heat the solution to 70℃.Take dilute HCl in another beaker 

and heat it to moderate temperature 80℃.Add slowly hot dilute HCl to the hot silver nitrate 
solution so that precipitation occurs. As soon as the precipitation starts, the beaker should be 

covered with a black paper to avoid direct exposure of AgCl precipitate to sunlight. Warm the 

contents of the beaker and allow the precipitate to digest in a dark environment for one hour. 
After digestion is complete, check the supernatant liquid for complete precipitation by adding a 

few drops of hot dilute HCl along the sides of the beaker. If fresh precipitate is formed repeat 

for precipitation and digestion. Decant the supernatant liquid through a pre weighed filtering 
crucible. Wash the precipitate in the flask with washing liquid (cold 2-5 ml of 6M nitric acid in 

one litre of deionized water. Decant these washings through the crucible. Transfer all the 

precipitate to the crucible using a rubber policeman. Final washing of the precipitate is done 

with distilled water. Dry the precipitate for 105-110℃ for at least 2 hours. Cool the crucibles in 
the desiccator. Determine the weight of crucible and precipitate. Repeat the cycle of heating, 

cooling and weighing till constant weight is obtained. 
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Observations and Calculation: 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑒𝑚𝑝𝑡𝑦 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒(𝑤1) = 19.356 𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑟𝑢𝑐𝑖𝑏𝑙𝑒 + 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑎𝑡𝑒(𝑤2) = 19.495𝑔 

𝑊𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 (𝐴𝑔𝐶𝑙) = (𝑤2 − 𝑤1) = 19.495 − 19.356 = 0.139 𝑔 

𝑂𝑛𝑒 𝑚𝑜𝑙𝑒 𝑜𝑓 𝑠𝑖𝑙𝑣𝑒𝑟 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑐𝑜𝑛𝑡𝑎𝑖𝑛𝑠 𝑜𝑛𝑒 𝑚𝑜𝑙𝑒 𝐴𝑔 𝑖𝑜𝑛𝑠. 

𝐴𝑔𝐶𝑙 ≡ 𝐴𝑔𝑁𝑂3 ≡ 𝐴𝑔 

143.34 ≡ 169.89 ≡ 107.88 

𝑀𝑎𝑠𝑠 𝑜𝑓 𝐴𝑔 𝑖𝑜𝑛 = 𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑡𝑎𝑡𝑒 𝑚𝑎𝑠𝑠 × 𝑎𝑡𝑜𝑚𝑖𝑐 𝑚𝑎𝑠𝑠𝑜𝑓 𝐴𝑔 ÷ 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 𝑜𝑓 𝐴𝑔𝐶𝑙 

0.139 ×
107.88

143.34
= 0.139 × 0.7526 = 0.104 𝑔 

Result: Amount of silver ion content in the sample solution = 0.104 𝑔 

Precautions: Same as in notes10.2.10.1 

10.3.0.0. Exercises and Model Problems 

10.3.1.0 Exercises (Estimation of sulphate) 

10.3.1.1 Determine the percentage purity of the given sample of ammonium sulphate. 

10.3.1.2 Determine the percentage composition of a mixture of potassium sulphate and 
potassium chloride, 25 g of which was dissolved per litre of the given solution. Take 20 mL for 

precipitation. 

10.3.1.3 Determine the amount of potassium sulphate per litre of the given solution. Use 20 mL 

for precipitation of BaSO4. 

10.3.1.4 Determine the amount of SO4
-2 per litre of the given solution, by a gravimetric method. 

Take 20 mL. 

10.3.1.5 Estimate gravimetrically the percentage of SO4
-2 in the given sample of the sulphate of 

an unknown alkali metal and find the atomic weight of the metal. 

10.3.1.6 The solution ‘V' contains 15 g per litre of the sulphate of an alkali metal. Estimate the 

sulphate gravimetrically and say as to the original salt was Na2SO4 or K2SO4. 

10.3.1.7 The given solution contains 17.4 g per litre of the sulphate of a divalent metal. Find the 

atomic weight of the metal gravimetrically. 

10.3.1.8 The given solution ‘C’ contains in a litre 30.45 g of sodium sulphate, Na2SO4.𝑥H2O. 

Determine the value of 𝑥 by a gravimetric method. 

10.3.1.9 Find out gravimetrically the percentage composition of sodium and potassium 

sulphates, 20 g of which have been dissolved in a litre of the given solution. 

10.3.1.10 Determine the normality of the given conc. sulphuric acid by gravimetric method. 

[Hint-Measure out by means of a graduated pipette 1 ml. of the acid, dilute and proceed with the 

precipitation] 

10.3.2.0. Model Problems (Estimation of sulphate) 
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10.3.2.1. 0.2328 gm, of a sample of ammonium sulphate on precipitation gave 0.3892 g of dry 

BaSO4. Find the percentage purity of the sample. (Ans. 94.64) 

10.3.2.2. 20 mL of a solution containing 25 g per litre of a mixture of K2SO4 and KCl was 

diluted and treated with excess of barium chloride solution. The precipitate was filtered, dried 

and ignited. It then weighed 0.4322 g. Find the percentage composition of the mixture. (Ans. 

K2SO4 = 64.54; KCI = 35.46) 

10.3.2.3 20 mL of a solution containing potassium sulphate gave on treatment with BaCl2 

solution 0.4524 g of dry BaSO4. Calculate the amount of K2SO4 per litre. (Ans. 16.5) 

10.3.2.4 20 mL of a solution of an unknown sulphate on treatment with an excess of barium 
chloride formed barium sulphate which was weighed after drying and ignition. It weighed 

0.4624 g. Calculate the amount of SO4
-2 per litre. (Ans. 9.526 g) 

10.3.2.5 0.3916 g of the anhydrous sulphate of an unknown alkali metal was dissolved in water 
and treated with an excess of barium chloride solution. The precipitate on drying and ignition 

weighed 0.5248 g. Determine the percentage of sulphate in the sample and also find the atomic 

weight of the metal. (Ans. SO4
-2 55.21; At. wt. 38.93) 

10.3.2.6 The given solution contains 15 g of the anhydrous sulphate of an unknown alkali metal. 
20 mL of this solution when treated with an excess of BaCl2 solution gave 0.4920 g of dry 

BaSO4. Determine the proportion of the sulphate in the salt and ascertain whether it was K2SO4 

or Na2SO4. (Ans. SO4
-2 67.57; Na2SO4) 

10.3.2.7. 20 mL of a solution containing 13 g per litre of the sulphate of a divalent metal, on 

treatment with an excess of barium chloride solution gave 0.5030 g of dry BaSO4. What is the 

atomic weight of the metal? (Ans. 23.58) 

10.3.2.8 25 mL of a solution containing 30.45 g of hydrated sodium sulphate, Na2SO4.𝑥H2O 

was precipitated as BaSO4. The dry precipitate weighed 0.498 g. Evaluate 𝑥. (Ans. 10.03 or 10) 

10.3.2.9 20 mL of a solution containing 20 g per litre of a mixture or Na2SO4 and K2SO4on 

treatment with barium chloride gave 0.5907 of barium sulphate. Find the percentage 

composition of the mixture. (Ans. Na2SO4 45.6; K2SO4 54.4) 

10.3.2.10 One ml. of the bench dilute sulphuric acid was diluted to about 200 mL and treated 

with an excess of barium chloride solution. The dry barium sulphate thus formed was found to 

weigh 0.5324 g. Determine the normality of the given dil. H2SO4. (Ans. 4.508) 

10.3.3.0 Exercises (Estimation of Barium) 

10.3.3.1 Determine the amount of barium per litre of the given solution. Take 20 mL for 

precipitation. 

10.3.3.2 You are provided with a solution ‘X’ of BaCl2.2H2O. Determine the amount of the salt 

per litre. 

10.3.3.3 Determine the percentage composition of a mixture of BaCl2 and KCl, 20 g of which 

are dissolved per litre of the given solution. Take 20 mL for precipitation. 

10.3.3.4 Find out gravimetrically the percentage purity of the given sample of barium carbonate 

32 g of which have been dissolved in dil. HCl and made up to one litre. 

10.3.3.5 Determine the number of molecules of water of crystallisation in the given sample of 

barium chloride, BaCl2.𝑥H2O. 

10.3.3.6 Determine the percentage composition of the given mixture of BaCO3 and BaCl2. 
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10.3.4.0 Model Problems (Estimation of Barium) 

10.3.4.1 20 mL of a solution of a barium salt was treated with an excess of dil. H2SO4. The 
precipitate was separated by filtration, dried, ignited and weighed. The final weight of the 

precipitate was found to be 0.3528 g. Determine the weight of the Ba per litre of the given 

solution. (Ans. 10.39 g) 

10.3.4.2 20 mL of a solution containing BaCl2.2H2O was treated with an excess of normal 
sulphuric acid solution. The dry barium sulphate formed was found to weigh 0.2808 g. Find the 

amount of the barium salt present per litre of the given solution. (Ans. 14.7066 g) 

10.3.4.3 Find the percentage composition of the given mixture of BaCl2 and KCl, 20 g of which 
are dissolved per litre of the given solution. 20 mL of this solution was treated with an excess of 

dilute sulphuric acid and the dry BaSO4 weighed 0.2912 g. (Ans. BaCl2 65.05; KCl 34.95) 

10.3.4.4 0.2854 g of a sample of barium carbonate was dissolved in dilute hydrochloric acid and 
was treated with an excess of dilute sulphuric acid. The precipitate thus formed was filtered, 

dried and ignited to a constant weight of 0.3026 g. What is the percentage purity of the given 

sample? (Ans. 89-66) 

10.3.4.5 0.3666 g of a sample of hydrated barium chloride, BaCl2.𝑥H2O was dissolved in water 
and treated with an excess of dilute sulphuric acid. The precipitate on drying and ignition was 

found to weigh 0.3504 g. Evaluate 𝑥. (Ans. 1.986 or 2) 

10.3.4.6 0.3010 g of mixture of BaCO3 and BaCl2was dissolved in dilute HCl and precipitated 
as BaSO4 by adding dil. H2SO4. The precipitate on drying and ignition was found to weigh 

0.3496 g. Determine the percentage composition of the mixture. (Ans. BaCO3 66.45; BaCl2 

33.55) 

10.3.5.0 Exercises (Estimation of iron) 

10.3.5.1 Find out gravimetrically the amount in g of iron in 100 mL of the given solution ‘A'. 

10.3.5.2 Estimate the percentage of iron in the given substance, ‘V’. 

10.3.5.3 Determine the percentage of iron in the given sample of iron carbonate. 

[Hint: Weigh about 0.2 g of the sample and dissolve it in about 20 mL of 1:1 HCl, oxidise with 

HNO3 and carry-on precipitation]. 

10.3.5.4 Find the percentage purity of the given iron wire. 

[Hint: Take a piece of the wire weighing 0.1 to 0.2 g. Weigh it accurately and dissolve in about 

25 mL of 1:1 HCI and carry-on precipitation]. 

10.3.5.5 Determine the amount of FeSO4.(NH4)2SO4.6H2O per litre in the given solution ‘B'. 

Take 20 mL for precipitation. 

10.3.5.6 A ferrous salt containing sodium chloride as impurity is dissolved in solution ‘Z’. 

Determine gravimetrically the weight of the pure ferrous salt present per litre, if it were ferrous 

ammonium sulphate, FeSO4.(NH4)2SO4.6H2O. 

10.3.5.7 The given Solution contains 9.1924 g mixture of FeO and Fe2O3 dissolved in HCl and 

diluted to one litre. Find the percentage of each oxide in the mixture. 

10.3.5.8 Determine the percentage dehydration of a sample of partially dehydrated ferrous 

sulphate, FeSO4.7H2O, 29.1328 g of which are dissolved per litre of the given solution. 
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10.3.5.9 The given solution contains 41.2210 g per litre of a double sulphate of K and Fe(ous). 

Determine the empirical formula of the salt by analysing it gravimetrically. 

10.3.5.10 Find out gravimetrically the value of 𝑥 contained in FeSO4. 𝑥 H2O 35.0 g of which 

have been dissolved in one litre of the given solution 

10.3.5.11 Determine the percentage composition of a partially oxidised sample of ferrous 

sulphate (FeSO4), 26 g of which are dissolved per litre of the given solution. 

10.3.6.0 Model Problems (Estimation of iron) 

10.3.6.1 20 mL of a solution of a ferrous salt were first oxidised to Fe(ic) and then precipitated 

as Fe(OH)3. The precipitate was ignited and weighed to be 0.2014 g. Find the amount of Fe 

present per litre of the solution. (Ans: 7.044 g) 

10.3.6.2 0.6254 g of a ferrous salt was dissolved in HCl and oxidised by HNO3. It was then 

precipitated as the iron hydroxide, which was filtered, dried and ignited. The residue weighed 

0.188 gm. Calculate the percentage of iron in the salt. (Ans. 20.13) 

10.3.6.3 0.2042 g of iron carbonate was dissolved in HCl, followed by oxidation and 

precipitation as Fe (OH)3. The precipitate was ignited and the residue weighed 0.1408 g. What 

is the percentage of iron in the Sample? (Ans. 48.2) 

10.3.6.4 0.1564 g of an iron wire was dissolved in dil. HCl and finally precipitated as ferric 

hydroxide. The residue left on ignition was 0.2218 g. Determine the percentage purity of the 

iron wire. (Ans. 99.19) 

10.3.6.5 20 mL of a solution of FeSO4. (NH4)2SO4.6H2O was boiled with conc. HNO3 and then 

precipitated by means of ammonium hydroxide solution. The precipitate on ignition left a 

residue weighing 0.1864 g. Determine the amount of the salt dissolved per litre of the given 

solution. (Ans. 36.27 g) 

10.3.6.6 20 mL of a solution containing 9.1924 g per litre of Fe O and Fe2O3 dissolved in dil. 

HCI were made to precipitate as Fe (OH)3. The precipitate on ignition left a residue weighing 

0.2368 g. Determine the percentage composition of the given mixture. (Ans. Fe O 67.23; Fe2O3 

32.77) 

10.3.6.7 20 mL of a solution containing 29.1328 g of a partially dehydrated sample of ferrous 

sulphate (FeSO4.7H2O) was treated with hot conc. HNO3 and precipitated as Fe (OH)3. The 
precipitate was filtered off and ignited. The residue weighed 0.2016 g. Determine the percentage 

dehydration in the salt. (Ans. 16.81) 

10.3.6.8 20 mL of a solution containing 41.22 g per litre of a double sulphate of potassium and 

iron (ous) was oxidised by HNO3 and then precipitated by adding an excess of ammonium 
hydroxide. The precipitate was filtered, dried and ignited. The residue weighed 0.2025 g. 

Determine the empirical formula of the double salt. (Ans. K2SO4.FeSO4) 

10.3.6.9 20 mls. of a solution containing 35.00 g per litre of ferrous Sulphate (FeSO4. 𝑥 H2O) 
was first oxidised to ferric sulphate and then precipitated as ferric hydroxide. The precipitate 

was ignited and weighed as Fe2O3. The weight of the residue was 0.2024 g. Find the value of 𝑥  

in the hydrated salt. (Ans. 6.92 or 7) 

10.3.6.10 20 mL of a solution containing 25 g per litre of partially oxidised anhydrous ferrous 
sulphate, was first boiled with conc. HNO3 and then precipitated by means of ammonium 

hydroxide. The precipitate was separated by filtration and then ignited. The residue was found 

to weigh 0.2486 g. Find the composition of the given sample. (Ans. FesO4 76.9; Fe2(SO4)3 23.1) 
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10.3.7.0 Exercises (Estimation of Aluminium) 

10.3.7.1 Find out gravimetrically the percentage of aluminium in the given sample of potash 
alum containing magnesium sulphate as impurity 140 g of which have been dissolved in one 

litre of the given solution ‘K’. 

10.3.7.2 One litre of the given solution ‘B’ contains 110 g of commercial potash alum. Estimate 

gravimetrically the percentage of aluminium sulphate. 

10.3.7.3 Determine the amount of aluminium sulphate per litre of the given solution. Use 20 mL 

for precipitation. 

10.3.7.4 80 g of an aluminium salt is dissolved in a litre of solution. Find by a gravimetric 

method the percentage of Al2O3 in the salt. 

Determine the percentage purity of the given sample of aluminium powder. 

[Hint: Dissolve about 0.1 g sample in about 40 mL of dil.(4N) HCl. Dilute and proceed to 

precipitate with ammonium hydroxide]. 

10.3.7.5 Determine the percentage composition of a mixture of AlCl3 and Al2(SO4)3, 19.7 g of 

which are dissolved per litre of the given solution. Take 20 mL for precipitation 

10.3.7.6 Estimate the composition of a mixture of magnesium sulphate and aluminium sulphate 

60 g of which have been dissolved in one litre of the solution ‘X’. 

[Hint Determine Al as usual. Mg will not interfere]. 

10.3.7.7 Estimate gravimetrically the percentage of aluminium in the given sample of potash 
alum, 17.2 g of which has been dissolved per litre of the provided solution, using oxine as 

precipitating reagent. 

10.3.7.8 Determine by aluminium-oxinate gravimetry the percentage composition of a mixture 
of aluminium sulphate and sodium sulphate, 12 g of which have been dissolved per litre of the 

supplied solution. 

10.3.7.9 Estimate gravimetrically the value of 𝑥 in K2SO4.Al2(SO4)3.𝑥H2O, 18.4 g of which has 

been dissolved per litre of the given solution. 

10.3.8.0 Model Problems (Estimation of Aluminium) 

10.3.8.1 1.3840 g of the given sample of potash alum were dissolved in water and precipitated 

by means of NH4OH. The precipitate on 1gnition left a residue weighing 0.1412 g. Find the 

percentage of Al in the sample. (Ans. 5.411) 

10.3.8.2 20 mL of a solution containing aluminium sulphate was treated with an excess of 

ammonia and the precipitate separated by filtration. Upon ignition of the precipitate the residue 

left weighed 0.1528 g. Determine the amount of Al2(SO4)3 present per litre of the given 

solution. (Ans. 25.61 g) 

10.3.8.3 The given solution contains 80 g of an aluminium salt per litre. 20 mL of the solution 

was precipitated by means of ammonium hydroxide. The precipitate on ignition left a residue 

weighing 0.1628 g. Determine the percentage of Al203 in the salt. (Ans. 10.175) 

10.3.8.4 0.1024 g of a sample of aluminium powder was dissolved in dil. HCl. The solution was 

then precipitated as Al(OH)3. The precipitate was ignited and left a residue weighing 0.1906 g. 

Calculate the percentage purity of the metal. (Ans. 98.49) 
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10.3.8.5 20 mL of a solution containing 19.7 g per litre of a mixture of AlCl3 and Al2(SO4)3 was 

treated 

with an excess of ammonia solution. The precipitate thus formed was separated by filtration 

followed by ignition to Al2O3 which weighed 0.1258 g. Determine the percentage of each 

constituent in the mixture. [Ans. AlCl3 24.53; Al2(SO4)3 75.47] 

10.3.9.0 Exercises (Estimation of Nickel) 

10.3.9.1 Determine gravimetrically the percentage of Nickel sulphate (NiSO4) in the given 

sample of nickel ammonium sulphate [NiSO4.(NH4)2SO4.6H2O], 20.0 g of which are dissolved 

per litre of the given solution. 

10.3.9.2 Determine the value of 𝑥 in NiSO4.𝑥H2O, 12.5 g of which are dissolved per litre in the 

given solution by a gravimetric method. 

10.3.9.3 The given solution was prepared by dissolving 24.0 g of nickel ammonium sulphate, 

NiSO4.(NH4)2SO4 per litre. Determine the percentage purity of the sample. 

15.0 g of nickel steel were dissolved in conc. HCl and solution diluted to one litre. Determine 

gravimetrically the percentage of Ni+2 ions in the sample. 

[Hint- Provide NiSO4.(NH4)2SO4.6H2O solution containing 16.0 g per litre]. 

10.3.9.4 20.0 g of double salt of NiSO4 and (NH4)2SO4 have been dissolved per litre of the given 

solution. Determine gravimetrically the empirical formula of the double salt. 

10.3.9.5 The given solution has been prepared by dissolving 12 g of a partially hydrated sample 

of nickel sulphate. Determine the percentage dehydration of the sample gravimetrically. 

10.3.9.6 15 g of a mixture of NiSO4 and K2SO4 have been dissolved per litre of the given 

solution. Determine the percentage composition of the mixture gravimetrically. 

10.3.10.0 Exercises (Estimation of copper, chromium) 

10.3.10.1 25 g of blue vitriol, CuSO4.𝑥H2O has been dissolved per litre of the given solution. 

Determine its percentage purity and the value of 𝑥 gravimetrically. 

10.3.10.2 Determine gravimetrically the percentage composition of the mixture of CuSO4.5H2O 

and Na2SO4, 25 g of which have been dissolved per litre of the given solution. 

10.3.10.3 The provided solution has been prepared by dissolving 20 g of a mixture of CuCO3 

and CuSO4.5H2O in dil. H2SO4 and diluting it to one litre. Determine the percentage 

composition of the mixture. 

10.3.10.4 15 g of an impure sample of CuCO3 is dissolved in H2SO4 per litre of the given 

solution. Determine gravimetrically the percentage purity of the sample. 

10.3.10.5 Determine gravimetrically the percentage of chromium in potassium chromate, 30.2 g 

of which has been dissolved per litre of the given solution. 

10.3.11.0 Exercises (Estimation of chloride) 

10.3.11.1 Determine the normality and strength of the given solution of HCl by a gravimetric 

method. 

[Hint. Take a known volume, say 20 mL of the given solution, dilute it to about 150 mL and 

precipitate by adding AgNO3 solution in slight excess.] 

10.3.11.2 Determine gravimetrically the percentage of NaCl in the given sample of Rock Salt. 
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10.3.11.3 Determine gravimetrically the percentage composition of a mixture of NaCl and KCl 

supplied to you. 

10.3.11.4 Determine gravimetrically the atomic weight of a monovalent metal 'M', the pure 

anhydrous chloride of which is provided. 

10.3.12.0 Model Problems (Estimation of chloride) 

10.3.12.1 20 mL of a solution of HCI was treated with excess of silver nitrate solution. The 
precipitate thus formed was filtered, washed and dried. It was heated to a constant weight of 

0.3588 g. Find the normality and strength of the given HCl solution. (Ans. Normality 0.125; 

Strength 4.5625 g/L) 

10.3.12.2 0.2134 g of a given sample of rock salt was dissolved in distilled water and 

precipitated as AgCl by adding an excess of AgNO3 solution. The precipitate was separated by 

filtration, washed, dried and repeatedly heated to a constant weight of 0.4985 g. Find the 

parentage of pure NaCl in the rock salt. (Ans. 95.26) 

10.3.12.3 0.2012 g of a mixture of NaCl and KCI gave on treatment with excess of silver nitrate 

solution, 0.4503 g of dry AgCl. Determine the percentage composition of the given mixture. 

(Ans. NaCl 58.29; KCl 41.71) 

10.3.12.4 0.2357 g of the chloride of a monovalent metal gave on treatment with silver nitrate, 

0.4526 g of dry AgCl. What is the atomic weight of the metal? (Ans. 39.23) 

10.3.13.0Exercises (Estimation of silver) 

10.3.13.1 Determine gravimetrically the normality of the given solution of silver nitrate and the 

amount of Ag ions per litre of it. [Hint. Take a known volume, say 20 mL of the solution, dilute 

to 150-200 mL and proceed with the precipitation.] 

10.3.13.2 Determine the percentage purity of the given sample of silver nitrate. 

10.3.13.3 Determine, gravimetrically, the parentage composition of silver nitrate and potassium 

nitrate in the given mixture. 

10.3.13.4 Gravimetrically determine the percentage composition of AgNO3 and Ag2SO4, 25 g of 

which are dissolved per litre of the given solution. 

10.3.13.5 Determine the percentage purity of the given sample of silver metal, by a gravimetric 

method. 

[Hint. Take about 0.4 g of the metal and dissolve it in conc. HNO3. Dilute and precipitate as 

AgCl.] 

10.3.14.0 Model Problems (Estimation of silver) 

10.3.14.1 20 mL of a solution of a silver salt was precipitated as AgCl by adding dil. HCl. The 
precipitate was filtered, washed, dried and heated to fusion. On cooling it was found to weigh 

0.3588 g. Determine the normality of the solution and the amount of silver present per litre of 

the given solution. (Ans. Ag 0.2701 g/L; normality 0.125) 

10.3.14.2 0.5134 g of a sample of silver nitrate was dissolved in distilled water and precipitated 

by means of dil. HCI. The precipitate was dried and heated to fusion until a constant weight was 

reached. It was found to weigh 0.4305 g. What is the percentage purity of the sample? (Ans. 

99.34) 
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10.3.14.3 0.8557 g of mixture of a silver nitrate and potassium nitrate was treated in solution 

with an excess of dil. HCl. The AgCl thus formed was filtered, dried and heated to fusion. The 
constant weight thus obtained was found to be 0.5156 g. Determine the percentage composition 

of the mixture. (Ans. AgNO3 60.24; KNO3 39.76) 

10.3.14.4 A piece of silver metal weighing 0.3131 g was dissolved in conc. nitric acid, the 

solution diluted and then precipitated as AgCl. The precipitate was filtered, dried and heated to 

fusion to a constant weight of 0.4146 g. What is the percentage purity of the metal? (Ans. 99.61) 

10.3.14.5 20 mL of a solution containing 25 g per litre of a mixture of silver nitrate and silver 

sulphate was diluted and treated with an excess of dil. HCl to precipitate AgCl. The precipitate 
on filtration, drying and fusion was found to weigh 0.4320 g. Determine the percentage 

composition of the mixture. (Ans. AgNO3 73.68; Ag2SO4 26.32 

10.4.0.0 Viva questions 

1.What is the major difference in volumetric analysis and gravimetric analysis? 

In volumetric analysis volumes of the solutions are measured whereas in gravimetric analysis 

weights are measured. 

2. While boiling a liquid in a beaker, the stirring glass rod is never left in it, why? 

Because the rod may jump during boiling which may result in breaking the bottom of the 

beaker. 

3. What do you mean by tared crucible? 

When the crucible is cleaned, ignited and weighed, it is said to be tarred. 

4. Why is the tared crucible always placed in a desiccator, when not in use? 

Because if it is left outside, it may catch some dirt or moisture from the surroundings thereby 

causing a change in its weight. 

5. Why are the tongs placed on the table with its tips pointing upwards? 

Because if the tips touch the table, they will pick up dirt from the table and pass the same to the 

crucible, resulting in contamination of the substance taken in crucible. 

6. What is the use of policeman? 

It is used for detaching the particles of a precipitate adhering to the sides of a vessel which 

cannot be removed otherwise by a stream of water from wash bottle. 

7. What is precipitation and when does is occur? 

Precipitation is an ionic phenomenon. When the product of the ionic concentrations of a 

substance in solution exceeds the solubility product, precipitation occurs. 

8.What is solubility product? 

Solubility product is defined as the product of the concentrations of the ions of an electrolyte in 

its saturated solution. 

9.What is coprecipitation? 

The phenomenon by which normally soluble substances are taken up by the precipitate is called 

coprecipitation. 

10.What is post precipitation? 
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It is defined as the phenomenon in which the impurity in the form of sparingly soluble 

compound is precipitated on the surface of the first precipitate after its formation. 

11.Why the precipitant should not be added in very large excess? 

Because it leads to increased solubility due to formation of complexes and contamination of the 

precipitate. 

12.Why precipitates of Fe(OH)3 or Al(OH)3; are not allowed to digest for long time? 

It is because the colloidal particles of Fe(OH)3 and Al(OH)3 can undergo peptization. 

13.What are Whatman accelerators? What is their use? 

There is ready made tablets. When a tablet is shaken with water, a paper pulp is formed which is 

mixed with gelatinous precipitates like AI(OH)3 to make their filtration easy. 

14.Filter crucibles are used in preference to filter paper, why? 

Due to suction filtration and washing take less time in filter crucibles as compared to filter 

paper. Moreover, in the former case the washing is easier and more perfect. 

15.Pure water is not generally used as wash liquid, why? 

It is because pure water can dissolve some of the precipitates and has a property of peptizing the 

precipitate. However, if it is certain that pure water will not affect the precipitates in either way, 

then it can be used. 

16.Precipitates of Al (OH)3 and Fe (OH)3 are not filtered in filter crucibles, why? 

The precipitates of Al (OH)3 and Fe (OH)3 are gelatinous in nature and they clog pores of filter 

crucible. 

17.Out of volumetric and gravimetric analysis, which one is more accurate? 

Gravimetric analysis is more accurate as mass is not affected by temperature and can be 

measured with more accuracy as compare to the volume. 

18.Why volumetric analysis is preferred over gravimetric analysis? 

It is preferred because it is simple, rapid, accurate and widely applicable. 

19.What amount is generally sufficient for gravimetric analysis? 

The amount of substance that give 0.2 to 0.5g of precipitate in final weighing is sufficient for 

gravimetric analysis. 

20.Name the various steps involved in gravimetric analysis. 

These are the various steps involved in gravimetric analysis: 

Precipitation, digestion, filtration, washing, drying, ignition and weighing. 

21.What is digestion? 

The process of heating the contents of beaker containing the precipitates over hot water bath is 
called digestion. It reduces coprecipitation and increases the particle size to facilitate the process 

of filtration. 

22.What is the aim of washing the precipitates? 

The main aim of washing the precipitates is to remove the soluble impurities. 
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23.What precautions are observed during washing the precipitates? 

Too much washing of the precipitates must be avoided to reduce the loss of precipitates, the 
washing solution must be dilute and multistep washings with small quantity of solution should 

be preferred over single step washing. Sometimes washing by decantation is preferred as it 

facilitates filtration process. 

24.Why washing solution generally contains an electrolyte? 

To avoid the conversion of precipitate into colloidal state. 

25.What type of crucibles are used in gravimetry? 

Silica crucible, sintered glass crucible, Gooch crucible, nickel crucible etc. are used in 

gravimetry. 

26.Which crucible is preferred for incineration of precipitate? 

Silica crucible is preferred for ignition because it can withstand high temperatures and is 

unreactive towards most reagents. 

27.What type of filter papers are used in gravimetry? 

Ash less filter papers know as standard filter papers having different porosity are used in 

gravimetry, e.g., Whatman filter paper No. 40 (medium), 41 (coarse), 42 (fine) etc. 

28.Why sample solution is diluted before precipitation? 

This is done to check coprecipitation. 

29.How is post precipitation avoided? 

It is avoided by immediate filtration of precipitate. 

30.Why is precipitant added dropwise? 

It is added dropwise to check super-saturation. 

31.Why stirring is done during precipitation? 

Constant stirring helps complete precipitation with suitable particle size. 

32.Which compound is generally used as dehydrating agent in desiccator? 

Anhydrous calcium chloride. 

33.What do you mean by constant weight in gravimetry? 

The difference between two weights should not be more than 0.0002g. 

34.Which furnace is generally used for ignition of precipitates? 

Muffle furnace. 

35.What are non-classical quantitative analysis methods? 

Methods other than volumetric and gravimetry like chromatography, conductometry, 

potentiometry, spectroscopy methods. 

36.How is nickel estimated gravimetrically? 

It is precipitated as nickel dimethylglyoxime complex using DMG (dimethyl glyoxime) in 

alcohol, which act as a bidentate ligand. 
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37.How is aluminium estimated gravimetrically? 

It is precipitated as aluminium oxinate complex using oxine (8-hydroxy quinoline) in acetic 
acid, which act as a bidentate ligand. Aluminium can also be precipitated as hydroxide by using 

ammonium hydroxide as the precipitating agent. 

38.What type of crucibles are used for gravimetric analysis of nickel and aluminium? 

Sintered glass crucibles of porosity No.3 (G-3) for nickel and No.4 (G-4) for aluminium. 

39.How can we find the concentration of sulphate in a solution? 

We precipitate the sulphate as BaSO₄ by adding BaCl₂ to the unknown solution. 

40. Why does adding HCl prevent coprecipitates such as Ba (OH)2, Ba3(PO4)2 or BaCO3 from 

forming? 

HCl is a strong acid that will easily dissolve weak acids. OH-, PO₄-3, and CO₃-2 will quickly 

bond with H instead of Ba so it will not form a precipitate. 

41. What are the conditions of a successful precipitation in gravimetric analysis? 

All precipitation gravimetric analysis shares two important attributes. First, the precipitate must 

be of low solubility, of high purity, and of known composition if its mass is to accurately reflect 

the analyte’s mass. Second, the precipitate must be easy to separate from the reaction mixture. 

42. Why NaOH is not used as precipitant in place of NH4OH? 

This is because NaOH gets absorbed on the surface of the Fe (OH)3 and A l(OH)3 precipitate. 

43. Why is Fe (OH)3 precipitate washed with 1% NH4NO3? 

Ammonium nitrate is mostly used for washing of Fe (OH)3 ppt. because: 

(i) It is freely soluble in water. 

(ii) It does not react chemically with Fe2O3. 

(iii) It volatilizes on heating leaving no residue. 

44. Why is ferric hydroxide ppt. not filtered through sintered glass crucible? 

Because Fe (OH)3 Ppt. being gelatinous will clog the pores of crucible. 

45. Which solution is used to check that the washing is free for Cl- ions during precipitation of 

Al as Al (OH)3? 

Silver nitrate solution is used. 

46. What is nucleation in precipitation? 

Nucleation is the formation of a stable solid due to number of atoms, ions or molecules joining 

together on the surface of suspended contaminants. 

47. How particle growth differs from nucleation? 

Particle growth is growth on existing nuclei. Nucleation results large number of small particles, 

while particle growth results small number of large particles. 

48. What is Ostwald ripening? 
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Ostwald ripening is the formation of bigger particles from the smaller ones. This is the key 

process in the digestion of precipitates, as the digested precipitate is generally purer and easy to 

wash and filter. 

49. What is agglomeration in gravimetry? 

When smaller particles come together to form bigger particles with lesser surface area the 

process is known as agglomeration. Digestion forces the small colloidal particles to agglomerate 
which decreases their surface area and thus adsorption, hence checking coprecipitation and post 

precipitation. 

50. What is peptization? 

When coagulated particles return to the colloidal state after washing with water the phenomenon 

is known as peptization. In such situations dilute nitric acid, ammonium nitrate, or dilute acetic 

acid may be used for washing the precipitate. 

51. What is Von Weimarn ratio in precipitation? 

According to this relation the particle size is inversely proportional to a quantity called the 

relative supersaturation, where, 

Relative supersaturation = (Q – S)/S 

The Q is the concentration of reactants before precipitation, S is the solubility of precipitate in 

the medium from which it is being precipitated. 

For particle growth, relative supersaturation value (RSV) should be small, which can be 

achieved by: 

(i)Raising temperature (increases S) (ii) Using dilute solutions (minimizes Q) (iii) Slow addition 

of precipitating agent with stirring (minimizes Q). 

High RSV enhances rate of nucleation, while particle growth dominates at low RSV. 

52. What are the advantages of gravimetric analysis? 

Gravimetric analysis allows for highly detailed analysis if procedures are practiced closely. In 

fact, to calculate the atomic masses of several elements in the periodic table to six figure 

precision, gravimetric analysis was used. 

53. What are the different types of gravimetric methods? 

There are four fundamental types of gravimetric analysis: volatilization gravimetry, 
thermogravimetry, precipitative gravimetric analysis, and electrogravimetry. These differ in the 

preparation of the sample before weighing of the analyte. 

54. Why we use rounded glass rod for stirring? 

This is done because small glass particles from non-rounded glass rod can break and interfere 

with the results. 

55. Which quality of glass is suitable for gravimetric apparatus? 

Pyrex or Corning glass which can withstand frequent heating and cooling operations. 

56. Which liquid is used for washing a crucible? 

Conc. HNO3 or chromic acid (K2Cr2O7 + Conc. H2SO4). 

57. What is a sintered glass filtration crucible? 
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It is a pyrex glass crucible fitted with a porous filtration plate at the bottom. 

58. What are the advantages of sintered glass crucible over a filter paper? 

A sintered glass crucible is preferred over a filter paper because: 

Washing of the precipitate is easy and perfect. 

Filtration takes less time. 

There is no danger of reduction by carbon of the filter paper during ignition. 

(iv) Drying is more perfect. 

59. Name the apparatus used for drying of the precipitate. 

Electric oven. 

60. What are the favourable conditions for precipitation? 

(i) Precipitate from dilute solution. 

Add dilute precipitating agent slowly with effective stirring. 

Precipitate from hot solution. 

(iv) Precipitate at suitable pH. 

(v)Add slight excess of precipitating reagent. 

(vi) Avoid large excess of precipitating reagent 

(vii) Check the completeness of precipitation. 

61. How are precipitates filtered in gravimetric analysis? 

The precipitates are filtered: 

By using standard filter papers 

By using sintered glass crucible. 

62. Why gelatinous precipitates like Al (OH)3 and Fe (OH)3 should not be filtered through 

sintered glass crucibles? 

Gelatinous precipitates clog the pores of sintered glass crucible. 

63. What are the characteristics of a good washing liquid? 

A good washing liquid is the one which 

Does not dissolve the precipitate. 

Is easily volatile at drying temperature of the precipitates. 

64. What precautions must be observed for effective washing of precipitates? 

Use small lots of washing liquid. 

Use minimum volume of washing liquid. 

Allow the washing liquid to drain off completely before adding the fresh lot. 

65. What is gravimetric factor? 
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The gravimetric factor (GF) is the appropriate ratio of the formula mass of the substance 

analysed to that of the substance weighed. 

66. How does hydrochloric acid help in the precipitation of BaSO4? 

The precipitate obtained in the presence of HCl is coarse granular and easily filterable. 

67. Name the various anions which are precipitated as barium salts along with BaSO4. 

NO2
-, NO3

- and CO3
-2 if present as impurities is coprecipitated. 

68. At what temperature is BaSO4 ppt. digested? 

It is digested at 50-90oC to make it granular and then it settles down. 

69. At what temperature is BaSO4 ignited? 

At 600-800°C. 

70. Why ignition is not carried out at higher temperature when BaSO4 can be heated up 

to1400°C without decomposition? 

At higher temperature BaSO4 is reduced to BaS by carbon of the filter paper. 

71. Why is it necessary to add a few drops of conc. HCI and conc. H2SO4 during ignition? 

To convert any BaS formed into BaSO4. 

72. Why sintered glass crucible is not suitable for ignition of BaSO4? 

It cannot withstand the high temperature at which its ignition is carried out. 

73. Why is it essential to oxidise Fe2+ into Fe3+ before precipitation? 

For complete precipitation of iron salts. 

74. Which reagents are employed for oxidation of Fe2+ into Fe3+? 

Conc. HNO3, Hydrogen peroxide or Bromine water. 

75.What chemical reaction takes place when ferrous ammonium sulphate is treated with 

concentrated nitric acid before its precipitation?Type equation here. 

Nitric acid oxidizes ferrous ions into ferric ions. 

𝐹𝑒𝑆𝑂4(𝑁𝐻4)2𝑆𝑂4 . 6𝐻2𝑂 → 𝐹𝑒𝑆𝑂4 + (𝑁𝐻4)2𝑆𝑂4 + 6𝐻2𝑂 

6𝐹𝑒𝑆𝑂4 + 3𝐻2𝑆𝑂4 + 2𝐻𝑁𝑂3 → 3𝐹𝑒2(𝑆𝑂4)3 + 4𝐻2𝑂 + 2𝑁𝑂 

76 What is the composition of the precipitate obtained by adding ammonium hydroxide solution 

to ferrous salt solution oxidized by nitric acid? 

The precipitate corresponds to hydrated ferric oxide Fe2O3 x H2O and not Fe (OH)3 exactly. The 

value of x is as large as 50 depending upon the conditions of precipitation. 

77. Why does a blackish brown colour appear on addition of concentrated nitric acid to ferrous 

ammonium sulphate? 

During oxidation of ferrous salt, NO is formed (refer Q75). Nitric oxide (NO) combines with 

ferrous sulphate forming blackish brown complex. 

𝐹𝑒𝑆𝑂4 + 𝑁𝑂 → 𝐹𝑒𝑆𝑂4. 𝑁𝑂 

78. How can you test the completion of oxidation? 
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It may be detected with a drop of potassium ferricyanide. Appearance of a blue colour indicates 

presence of Fe2+ ions and hence incomplete oxidation. It can also be checked by the change in 

colour of the solution from blackish brown to bright yellow. 

79. Which impurity is commonly present in ammonia solution? 

It contains silica as impurity; therefore, it is filtered before using in the gravimetric analysis. 

80. Why a slight excess of precipitating reagent (1: 1 NH3) is added? 

To avoid hydrolysis of iron salts. 

81. Why drying of the precipitate is avoided before washing? 

On drying, the precipitate breaks into lumps and forms channels. It is difficult to wash the 

precipitate as the washing liquid escapes through the channels. 

82. Can ammonium chloride be used as substitute of NH4NO3 as washing liquid for ferric 

hydroxide precipitate? 

No, because chloride ions from NH4CI form ferric chloride (FeCl3) which is volatile, whereas 

Fe (NO3)3 is non-volatile and forms Fe2O3 on ignition. 

83. Can filtration crucible be used for estimation of Fe3+ as Fe2O3? 

No, because the precipitate of Fe (OH)3 requires high temperature (1000℃) for ignition. 

84. Why excess of NH4OH should be avoided in the precipitation of ferric hydroxide? 

To avoid formation of basic ferric salts. 

85. The precipitation of ferric hydroxide is carried out in the presence of small amount of HCI. 

Explain why. 

To prevent hydrolysis of ferric salts on heating. 

86. Why ignition of Ferric hydroxide precipitate is carried out in free excess of air at 1000oC? 

To avoid reduction of Fe2O3 to Fe2O5 or Fe. 

87. Why addition of ash less filter paper pulp after precipitation is recommended in the analysis 

of iron? 

Ash less filter paper pulp helps in filtration and makes the precipitate more porous on ignition so 
that steam and volatile substances are easily expelled from the precipitate. Filter paper pulp also 

prevents formation of Fe3O4 during ignition of precipitate. 

88. What is spathic iron ore? 

It is ferrous carbonate. 

89. How is aluminium estimated as oxide? 

Aluminium salts are precipitated as hydroxide by treatment of the soluble salt solution in water 

with NH4OH. The precipitate of Al (OH)3 is heated strongly to form Al2O3. 

90. What is the function of NH4Cl in the gravimetric estimation of aluminium? 

Presence of NH4Cl prevents the precipitation of other ions such as Ca2 + and Mg2+ and helps to 

coagulate the precipitate. 

91. At what temperature is Al (OH)3 ignited to get Al2O3? 
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At 1200oC. 

92. Why is the Al (OH)3 is heated at high temperature 1200oC to get Al2 O3? 

Al2O3 is hygroscopic in nature. If Al (OH)3 is heated below 1200oC it will absorb moisture and 

result will be high. 

93. Why is it essential to avoid excess of NH4OH in the precipitation of Al (OH)3? 

It is amphoteric and soluble in excess of NH4OH. 

94. Why methyl red indicator is added in the precipitation of Al (OH)3 by NH4OH? 

To control the pH of the solution and provide favourable conditions for complete precipitation. 

95.In the estimation of Aluminium as Al2O3 why the precipitate is washed with hot 2% 

ammonium nitrate solution and not with hot water alone? 

Since the precipitate is soluble in hot water, so it is washed with hot 2% ammonium nitrate 

solution. 

96. How can you reduce Cu2+ to Cu+? 

By treatment with H2SO3 or NH4HSO3. 

97. Which washing liquid is used for washing CuSCN ppt.? 

A solution prepared by dissolving 1.0 ml of 10% NH4CNS in 100 ml of water and containing 5-

6 drops of H2SO3 solution. 

98.Why few drops of sulphurous acid are added to the washing liquid in case of CuSCN 

precipitate? 

To prevent oxidation of Cu(I) ion. 

99.  Name the precipitant in the precipitation of Cu2+ as CuSCN? 

10% solution of NH4SCN. 

100. Why precipitation of CuSCN is not carried out in strongly acidic medium? 

Solubility of CuSCN increases with decrease of pH value. 

101. Why it is necessary to reduce cupric salts to cuprous salts before their precipitation as 

CuSCN? 

Cuprous thiocyanate forms precipitate while cupric thiocyanate is soluble and does not 

precipitate. 

102. Give the advantages and disadvantages of organic precipitants over inorganic precipitants? 

Inorganic precipitants like carbonates, hydroxides are usually not selective compared to the 

organic precipitants. Organic precipitants like dimethylglyoxime and 8-hydroxyquinoline are 

more selective and produce less soluble precipitate with the analyte. They also have high 

molecular weight so that weighing error is reduced. The disadvantage of organic precipitant is 
that they usually form with the analyte a precipitate of unknown formula, therefore precipitate is 

burned to the metal oxide. 

103.Why the precipitation of chloride ions as silver chloride carried out in acidic medium? 

The precipitation is carried out in acidic medium to avoid the precipitation of carbonates and 

phosphates with silver ions. 
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104.Why sometimes the white silver chloride precipitate appears purple? 

Silver chloride if exposed to sunlight undergoes slow photodecomposition and the silver metal 
produced during photodecomposition is responsible for the violet colour that develops in the 

precipitate. 

2𝐴𝑔𝐶𝑙(𝑠) + ℎ𝜈 → 2𝐴𝑔(𝑠) + 𝐶𝑙2(𝑔) 

105.What chemical processes are responsible for high and low yield of silver chloride 

precipitate in gravimetric estimation of chloride ions? 

The photodecomposition reaction results in loss of chloride as chlorine gas, so yields are low. 

2𝐴𝑔𝐶𝑙(𝑠) + ℎ𝜈 → 2𝐴𝑔(𝑠) + 𝐶𝑙2(𝑔) 

If photodecomposition occurs in presence of excess silver ion the formation of AgCl causes the 

yield to be high. 

3𝐶𝑙2 + 3𝐻2𝑂 + 5𝐴𝑔+ → 5𝐴𝑔𝐶𝑙(𝑠) + 𝐶𝑙𝑂3
− + 6𝐻+ 

106.Why the precipitate of AgCl is washed with water containing nitric acid in the estimation of 

silver as silver chloride? 

Water containing nitric acid prevents the formation of colloidal silver chloride. Moreover, nitric 

acid has no effect on the precipitate. 

107.What are the advantages and disadvantages of gravimetric analysis? 

Advantages: 

Gravimetric analysis is more precise and accurate as compared to other analytical techniques. 

It is simple and low-cost technique as it does not require any expensive equipment. 

The completion of precipitation can be easily checked from the filtrate. 

There is no instrumental error and no calibration is required. 

Disadvantages: 

It is time consuming and only limited group of elements can be analysed by this technique. 

There are many sources of error like coprecipitation, post precipitation. 

108. What are common applications of Gravimetric analysis? 

Applications of gravimetric analysis: 

Gravimetric analysis finds application in analysis of rocks, ores, soil sample, water sample. 

A variety of organic substances can be determined in milk products and in cereals. 

Elemental analysis of organic compounds can be done with the help of gravimetry. 

Atomic mass of elements can also be determined with the help of gravimetry. 

109.Why gravimetric analysis can be called direct analysis? 

In gravimetric analysis we find the mass of the analyte directly and use it for finding our results 

so, it is a direct analysis  

110. Why is gravimetry not a time saving method? 
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There are many steps in a gravimetric analysis and they require time. So, it is not a time saving 

method. 

111. When an impurity is adsorbed on the surface of precipitate it is called coprecipitation and 

surface adsorption also, Is the statement correct? 

Yes, the statement is correct. 

 

 

 

“All the knowledge we have of nature depends upon facts; for without observations and 

experiments our natural philosophy would only be a science of terms and an unintelligible 

jargon.” John Theophile Desaguliers 

 

 

 The ashless filter paper used in gravimetric analysis is made by treatment with acids. Whatman 

filter paper most commonly used in gravimetric analysis is a cellulose paper containing high 

percentage of alpha cellulose. 
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11.1.0.0 Introduction and types of inorganic compounds: 

Inorganic compounds are obtained from abiotic components of the environment or they can be 
prepared in laboratories. In nature inorganic compounds can be abundantly found in minerals 

and they comprise most of the earth’s crust. Generally, any compound which does not contain 

carbon hydrogen bond is considered as inorganic compound. They can be defined as any 

substance in which two or more elements are combined in definite proportions without having 
any carbon hydrogen linkage. The inorganic compounds are diverse and can be classified in 

various ways. The most basic classification of inorganic compounds is acids, bases, salts and 

water. However, in this chapter we will be discussing the preparation of inorganic compounds 
which are classified on the basis of bonding and structure. They are mainly of three types: 

Simple inorganic compounds, double salts and coordination compounds. The double salts and 

coordination compounds are together called addition compounds. 

Simple inorganic compounds like common salt: They have a cation (the basic radical) and an 

anion (the acidic radical) example: NaCl, CuCl. They are formed by neutralization reaction of 

an acid and a base like NaCl is formed from acid HCl and base NaOH. These simple inorganic 

salts dissolve in water and in aqueous solution the ions retain their individuality. Qualitative 
analysis of these ions can be done from their aqueous solutions. When two or more such 

unknown salts are mixed, then their solutions can be used to identify the component ions of the 

mixture and this is called qualitative mixture analysis. These salts can be acidic, neutral or basic 
in nature depending on the strength of acids and bases from which they are formed. NaCl is a 

neutral salt as it is formed from a strong acid and a strong base. In a simple inorganic salt, the 

ion that is derived from base is called basic radical and the other ion derived from the acid is 
called acidic radical. In NaCl, Na+ is derived from base NaOH so it is basic radical and Cl- is 

derived from the acid part HCl, so it is acidic radical. This analysis of radicals will be dealt in 

the next volume of this book. 

Double salts: A double salt is an addition compound formed from two or more salts like FeSO4. 

(NH4)2SO4 .6H2O has been prepared from ferrous sulphate and ammonium sulphate mixed in 

stoichiometric proportions. It retains its identity in the solid form but in aqueous solution it 

dissociates into simple ions. These ions can be tested individually from the aqueous solution of 
the double salt and each ion will give its specific test. The properties of double salt will not be 

the same as the properties of its component single salts. 

Coordination compounds or complex compounds: They are a class of inorganic compounds in 

which the central metal atom is surrounded by group of atoms called ligands joined through 
coordinate bonds. The central metal atom and the ligands are enclosed in the square bracket in 

the structural representation of these compounds. This is called the coordination sphere and the 

complete ion in this sphere is the complex ion. The ion outside the sphere is simple ion. 
Together the two ions form coordination compound. Example: In the compound   K4[Fe (CN)6], 

potassium ion (K+) is the simple ion and [Fe (CN)6]
4- is the complex ion. The central metal atom 

in a coordination compound may be neutral or charged and the coordinated ligands may be 
neutral molecules (like H2O, NH3), negatively charged ions (CN-, F-) or positively charged ions 

(NO+, N2H5
+). The metal and ligands inside the coordination sphere, lose their identity and do 

not give their specific tests in aqueous solution. The ligands are arranged around the central 

metal atom/ion in a specific manner and in specific number. The number of coordinate bonds 
formed by ligands   around the central metal atom gives the coordination number of the central 

metal atom. The spatial arrangement of the ligands around the central metal atom decides the 

geometry of the compound. In the given example K4[Fe (CN)6], the central atom Fe has 
coordination number 6 and the expected geometry of the molecule is octahedral. The 
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coordination compounds have been widely studied since ancient times as they have unique 

chemical structure, bonding and find wide application in various fields. Naturally occurring 
coordination compounds like iron porphyrin complex in haemoglobin, many metalloenzymes in 

the human system, magnesium porphyrin complex in chlorophyll, cobalt and corrin complex in 

vitamin B-12 are important for all biological systems. In industries several compounds like 

dyes, complex metal catalysts, EDTA metal complexes play a major role. 

The important points of difference between double salt and coordination compound have been 

tabulated in Table 11.1 

Table 11.1 

S. No DOUBLE SALT COORDINATION COMPOUND 

1. When two or more different salts, 

mixed in their stoichiometric 

proportions, combine to form a new 
salt which retains its identity in solid 

state but completely dissociates in 

aqueous solution to give constituent 

ions is called double salt. 

When two or more simple molecules or ions 

combine to produce an aggregated molecule, 

which retains its identity in solid and 
dissolved states is called coordination 

compound or complex compound. 

2. The two salts are in equimolar ratio. The ions may or may not be in equimolar 

ratio. 

3. They do not have coordinate bonds. They have coordinate bonds. 

4. Give simple ions in solution which can 

be analyzed qualitatively. 

They give simple ions and complex ions. The 

complex ions which have a central atom as 

well as ligands cannot be analyzed 

qualitatively. 

5. Metal ion is free in solution. Metal ion is not free in the solution. 

6 FeSO4.(NH4)2SO4 .6H2O is a double 

salt which  gives Fe2+,SO4
2-,and NH4

+ 

ions in solution. 

K4 [Fe (CN)6] is a coordination compound 

which gives a simple ion K+ and a complex 

ion [Fe(CN)6]
4- in solution. 

7 

 

In double salts the metal ion exhibits 

normal valency. 

The centra metal ion has a normal valency as 

well as a secondary valency which is also 

called the coordination number. 

11.1.1.0 General technique of preparation of inorganic compounds: The diverse forms of 
simple and addition compounds can be synthesized in the laboratory by different direct and 

indirect methods as discussed in the subsequent experiments. The general techniques which are 

used in the preparation of inorganic compounds using different methods are: 

Preparation of solution: The required amount of powdered   solute is weighed and taken in a 

beaker. Measured volume of solvent is added and solution stirred with a glass rod. If required 

the solution may be warmed. If a saturated solution is to be prepared then add more of solute till 

no more of it further dissolves. 

Filtration: Take a funnel and fit the filter paper in it in such a way that the lower part of the 

paper remains slightly above the base and the upper part fits well in the funnel. Now wet the 

filter paper slightly with distilled water with the help of wash bottle. Place the funnel on a stand 
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and filter the solution in a beaker. When filtration is complete, use the filtrate for next step. The 

solid residue remains on the filter paper and is rejected. 

Crystallization: The process by which the compound in solution form undergoes solidification 

and assumes the form and structure of a crystal. This is carried out in different ways discussed 

in the experiments in this chapter. The most common method is heating the filtrate in a china 

dish and checking for crystallization point after fixed intervals. Crystallization point is mostly 
checked with the help of glass rod. One end of the glass rod is dipped in the filtrate and air is 

blown over it. Formation of crust indicates crystallization point has reached. 

Drying and weighing of the crystals.: When crystallization point is reached, the solution is 
allowed to cool so that crystals separate out. The crystals are separated from the mother liquor 

and dried gently between the folds of filter paper. 

Recrystallization: The crystals of the solidified compound are dissolved in a suitable solvent and 
slowly cooled to form crystals. Purification and reformation of already formed crystals of a 

compound is an important step of recrystallisation. 

After recrystallization the exact geometry, shape and colour of the crystals can be noted. 

Some common shapes of inorganic compounds 

S. No Shape/Appearance/Crystal system Example 

1. Octahedral Potash alum 

2. Monoclinic Green vitriol 

3. Cubic Sodium chloride 

4. Needle Manganese phosphate 

Importance of laboratory preparation of inorganic compounds: 

Laboratory preparation of these inorganic compounds through different methods gives a better 

understanding of the theoretical concepts of structure and bonding of these compounds. 

The inorganic compounds can be prepared in the laboratory by simple easy procedures and   the 

concept of different types of inorganic compounds becomes quite easy and clear with these 

preparations. 

The double salts like potash alum and chrome alum can be easily analysed qualitatively from 
their aqueous solution and the tests of individual ions can be performed. So practically the 

students can confirm the characteristics of the compound. 

In the preparation of coordination compounds like [Ni (NH 3 )6] Cl 2, the theoretical concept of 
ligand exchange reactions can be practically understood. During this preparation six water 

ligands around nickel atom are replaced by ammonia ligand in a stepwise manner. 

Preparation of some compounds in different isomeric forms like cis and trans. gives an insight 
into the structure of these isomers and clears the concept that merely by changing the method of 

preparation we can obtain different isomers of the same compound. 

The compounds after being formed can be analysed qualitatively and spot tests for the ions can 

be done. These tests clarify the concept that in aqueous solution   the simple ions retain their 
identity   in double salts but in coordination compounds the ions which are part of the 

coordination sphere lose their identity and do not give their specific tests. 
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Apparatus used in Inorganic preparations: 

Beaker: A beaker (Figure 11.1) is the most common cylindrical apparatus which is used for 
mixing, stirring and heating chemicals in laboratory.  Beakers are available in all sizes and have 

markings to measure the volume they contain. The measurement however is not precise. A 

beaker has a beak shaped snout on the rim for pouring out the liquids easily. There is no lid for a 

beaker but watch glass can be used to cover the beaker if required during preparation.  

 

Figure 11.1 (Beaker) 

11.1.3.2. Buchner funnel with vacuum filtration setting: A Buchner funnel (Figure 11.2) is a 

perforated funnel made of porcelain. This is used in many inorganic preparations for fast 
filtration. It helps to filter the crystals by vacuum filtration as the solution and air is forced 

through the filter paper by applying reduced pressure. 

 

Figure 11.2 (Buchner funnel) 

11.1.3.3 China dish: It is a round bottomed dish (Figure 11.3) made of porcelain and is used 

during purification of crystals. 

 

Figure 11.3 (China dish) 
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11.1.3.4 Stand with clamp:  It is used to hold the flask tightly by its neck especially while 

heating is being done. The stand (Figure 11.4) is basically of the same type as used in 

volumetric analysis except for the clamps used to hold the flask. 

 

Figure 11.4 (stand) 

11.1.3.5 Droppers: Small glass tubes with rubber bulb at one end. (Figure 11.5) The other end 

is tapered from where the liquid can be squeezed in the form of drops. 

 

Figure 11.5 (Dropper) 

11.1.3.6 Fume hood: It is used to directly remove the fumes of dangerous gases. The inorganic 
preparations in which there is possibility of release of such gases, are carried out under the fume 

hood. (Figure 11.6) 

 

Figure 11.6(Fume hood) (Image courtesy: shutterstock.com) 

11.1.3.7 Funnel: It is used mainly during the filtration step, preparation of inorganic 

compounds after fitting a filter paper in it. The filtration is gravity filtration and hence slow. It 
can also be used for funneling liquids from one container to another. It is available in various 

sizes.  It is made of glass or plastic. (Figure 11.7) 
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Figure 11.7 

11.1.3.8 Glass rod.: A straight solid rod of glass of varying lengths which is used to stir a 

solution during any inorganic preparation. (Figure 11.8) 

 

Figure 11.8 

11.1.3.9 Measuring cylinder: It is a long-graduated tube with clear markings for measurement. 

(Figure 11.9) It is available in various sizes like 5 mL ,10 mL,50 mL 100 mL,500 mL,1000mL. 

While taking measurements the meniscus has to be considered for accuracy. 

 

Figure 11.9 

11.1.3.10 Round bottom flask: Also known as boiling flask, it has a round bottom and a long 

neck. (Figure 11.10) It is used for some preparations when boiling and swirling the contents is 

required. It can also be covered fully with a glass stopper. 

 

Figure 11.10 
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11.1.3.11 Conical flask: Also called Erlenmeyer flask, it has a narrow neck and expands 

towards the base. (Figure 11.11) This allows easy mixing and swirling of the flask without risk 
of spilling. It can easily be clamped to a stand. It has markings for approximate measurement of 

the solution as well. 

 

Figure 11.11 

11.1.3 12 Spatula: It is a spoon type apparatus (Figure 11.12) which is used to scoop out 

chemicals from the bottles and also to transfer the chemical to a beaker /flask or to a weighing 

bottle. 

 

Figure 11.12 

11.1.3.13 Test tube: These are glass tubes with one end open and have many uses. (Figure 

11.13) They are used to test a solution for its contents and also to keep small amount of 

measured liquid which has to be used during preparation. They can be covered with a cork. 

 

Figure 11.13 
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11.1.3.14 Test tube brush.: A brush of small size with bristles all over and a handle. (Figure 

11.14) It is specifically used to clean a test tube from inside. 

 

Figure 11.14 

11.1.3.15 Test tube holder: A small tong which tightly and safely holds the test tube (Figure 

11.15) when it cannot be touched with bare hands. It is used to move the test tube or to pour the 

contents of test tube into some flask/beaker. 

 

Figure 11.15 (Test tube holder) 

11.1.3.16 Test tube stand: A stand generally made of plastic which has several columns to 

securely hold the test tubes in an upright position. (Figure 11.16) 

 

Figure 11.16 (Test tube in stand) 

11.1.3.17 Tongs: A metallic instrument with two movable arms that are joined at one end 

(Figure 11.17). They are used to hold the glass apparatus or any hot object. 

 

Figure 11.17 (Tongs) 
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11.1.3.18 Tripod stand: A portable three-legged frame which is used to place the beakers, 

flasks which are being heated on a burner. (Figure 11.18) 

 

Figure 11.18 (Tripod stand) 

11.1.3.19 Wash bottle: Generally made up of plastic, they dispense small quantities of distilled 
water with the long tube provided at the top. (Figure 11.19) They are used to wash the apparatus 

in laboratory and to dispense water into a flask/beaker while preparing solutions for inorganic 

preparations. 

 

Figure 11.19 (Wash bottle) 

11.1.3.20 Water bath: It is a laboratory equipment which is used to heat the solution at a 
constant temperature. It is filled with water at constant temperature and the solution in 

beaker/flask is kept inside it. (Figure 11.20 a) Water bath is also preferred as a heat source for 

heating flammable chemicals in an open flame. Different types of water bath are used 
depending on the application. These days mechanical water baths (Figure 11.20 b) which 

automatically maintain temperature are used. They are of different types like circulating, non-

circulating and shaking water baths. Water bath is used in all inorganic preparations where 

temperature is to be maintained. 

 

Figure 11.20 (a) 
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Figure 11.20 (b) Mechanical water bath 

11.1.3.21. Wire gauze: A sheet of thin metal that has net like pattern (Figure 11.21) and is 

placed on the tripod stand   between the Bunsen burner and the glassware being heated. It is an 

important supporting equipment that diffuses heat and protects the glassware from direct heat. 

 

Figure 11.21 (Wire gauze) 

11.1.3.22. Watch glass: A round piece of glass that is slightly concave and can hold small 

amount of solid. (Figure 11.22) It is also used to cover a beaker. The solid compounds used 

during preparation can be taken in a watch glass after weighing. 

 

Figure 11.22 (watch glass) 

11.1.3.23 Water condenser /Air condenser: A water condenser has an inlet for water at the top 

and an outlet for water at the bottom. It is used to reflux and to ascertain that the solvent in the 
flask does not boil and evaporate. A variety of condensers are available and can be used as per 

the requirement. (Figure 11.23 a) Air condenser is a long cylindrical glass apparatus, one end of 

which is fitted in the flask and the other end is kept open for air. (Figure 11.23 b) 

 

Figure 11.23(a) Water condenser) 
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Figure 11.23 (b) Air condenser 

Besides these apparatuses, Bunsen burner for heating and analytical/electronic balance for 

weighing are essentially needed for inorganic preparations. (Discussed in chapter 3) 

11.2.0.0 EXPERIMENTS 

Experiment 11.2.1.0: To prepare Aluminium Potassium sulphate (Potash alum) 

K2SO4.Al2(SO4)3.24H2O 

Discussion: Potash alum is a type of molecular or addition compound which is a double salt and 
is prepared by mixing two salt solutions in stoichiometric proportion. The double salts of this 

type when dissolved in water, dissociate into constituent ions. The individual components of the 

double salt do not lose their identity in aqueous solution. Being an alum of aluminium sulphate 

and potassium sulphate, it is prepared by mixing aqueous solution of these two salts. The 
general formula of all alums is:  X2SO4.M2(SO4)3.24H2O X = Monovalent cation M = Trivalent 

cation. 

Chemical reaction: 

𝐾2𝑆𝑂4 + 𝐴𝑙2(𝑆𝑂4)3. 18𝐻2𝑂 + 6𝐻2𝑂 → 𝐾2𝑆𝑂4 . 𝐴𝑙2(𝑆𝑂4)3. 24𝐻2𝑂 

Reagents required: 

𝐴𝑙𝑢𝑚𝑖𝑛𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 4 𝑔 

𝑃𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 1 𝑔 

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑒𝑑 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 5 𝑚𝐿 

Procedure: Dissolve 4 g of aluminium sulphate in 10 mL of distilled water in a beaker. Add few 

drops of conc. H2SO4 until aluminium sulphate dissolves completely and solution becomes 
clear. If still the solution has some milkiness, filter it. Take a separate beaker containing 10 mL 

distilled water and dissolve 1 g of potassium sulphate. Add this solution of potassium sulphate 

to above solution of aluminium sulphate. Heat the reaction mixture on a water bath for 5-10 

minutes. Allow it to stand over-night and separate the crystals of potash alum by filtration. Dry 

the crystals between folds of filter paper. Weigh the crystals and record the yield. 

Observation and calculation: 

Colour and shape of crystals: White colour and octahedral shape. 

Observations and calculations: 

Observed/Experimental Yield of crystals = 𝑥 𝑔 

Theoretical yield: The theoretical yield means maximum amount of potash alum that might be 
obtained from the reactants. When there is more than one reactant, theoretical yield depends 

upon the limiting reagent. Limiting reagent is the reactant that is completely consumed in a 
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reaction. To find the limiting reagent in this case the number of moles of both the reactants are 

found and then the reactant which has lesser number of moles is the limiting reagent. 

Number of moles of aluminium sulphate Al2(SO4)3.18H2O =   Weight in g /Molecular weight 

= 3.5 ÷ 666.2 = 0.0052𝑚𝑜𝑙𝑒𝑠 

Where 666.2 is the molecular weight of hydrated aluminium sulphate. 

Number of moles of K2 SO4 taken   = Weight in g/Molecular weight 

=1 ÷ 174.25 = .00573𝑚𝑜𝑙𝑒𝑠 

Where 175.25 is the molecular weight of potassium sulphate. 

Since aluminium sulphate and potassium sulphate react in equimolar ratio therefore aluminium 
sulphate which has lesser number of reacting moles is the limiting reagent. So, the theoretical 

yield in terms of moles of potash alum will be 0.0052 moles. The theoretical yield in grams will 

be = number of moles × molecular weight. The molecular weight of potash alum is 948.26. 

So theoretical yield of potash alum =  0.0052 × 948.26 = 4.93𝑔 

Where 948.26 is the molecular weight of potash alum. 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 4.93 = 𝑦% 

Result: The yield of prepared potash alum crystals is found to be 𝑥 𝑔 and percentage yield is 

𝑦% 

11.2.1.1 Structure: Potash alum is a double salt and it can have twelve or twenty-four water 

molecules as water of crystallization. The water molecules surround the two sulphate ions, one 

K+ ion and one Al3+ ion in a symmetrical fashion. The octahedral geometry of the crystal arises 

from the symmetry of the atomic pattern. (Figure 11.24) 

 

Figure 11.24 Potash alum crystal (Image courtesy: smartscience.co.th) 

Precautions: 

Concentrated sulphuric acid is corrosive so it should be handled with care. 

Heat the solution on low flame while adding potassium sulphate solution. 

Uses of potash alum: 
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It is used as an antiseptic, astringent and also deodorant. 

It is used as a mordant and as an antibacterial agent. 

It is used for the removal of phosphate from natural and waste water. 

It is also called phitkari commonly used in houses. 

Experiment 11.2.2.0 To prepare chrome alum [Chromium (III) potassium sulphate] in 

maximum amount from the given potassium dichromate. 

Discussion: It is a double salt of chromium and potassium and exists as dark violet crystalline 

solid. Potassium dichromate with sulphuric acid oxidizes ethyl alcohol to acetaldehyde and in 

this process Cr (VI) of potassium dichromate (K2Cr2O7) is reduced to chromium sulphate having 
Chromium Cr (III). During this reaction both K2SO4 and Cr2(SO4)3 are produced. These 

sulphates upon crystallization produce chrome alum. Since chrome alum is quite soluble in 

water, the volume of water should be kept minimum. Moreover, the temperature should not rise 

above 60⁰C, otherwise the solution turns green and crystallization is not proper. 

Chemical reaction: 

𝐾2𝐶𝑟2𝑂7 + 4𝐻2𝑆𝑂4 + 3 𝐶2𝐻5𝑂𝐻 → 𝐾2𝑆𝑂4 +  𝐶𝑟2(𝑆𝑂4)3 + 7𝐻2𝑂 + 3𝐶𝐻3𝐶𝐻𝑂 

𝐾2𝑆𝑂4 + 𝐶𝑟2(𝑆𝑂4)3 +  24𝐻2𝑂 → 𝐾2𝑆𝑂4𝐶𝑟2(𝑆𝑂4)3. 24𝐻2𝑂 

Reagents required: 

𝑃𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑑𝑖𝑐ℎ𝑟𝑜𝑚𝑎𝑡𝑒 = 10 𝑔 

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑒𝑑 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 10 𝑚𝐿 

𝐸𝑡ℎ𝑦𝑙 𝑎𝑙𝑐𝑜ℎ𝑜𝑙 = 10 𝑚𝐿 

Procedure:  Take 80 mL of distilled water in a beaker and add very slowly dropwise 10 mL of 

concentrated sulphuric acid to it. Now add 10 g of powdered potassium dichromate. Dissolve 

the powder to get a clear orange coloured solution. Keep this beaker in ice cold water to avoid 
any rise in temperature. Then add 8-10 mL of ethyl alcohol dropwise and stir constantly. Do not 

let the temperature rise above 60 ⁰C. The colour of the solution changes from orange to violet. 

Cover the solution with a watch glass and cool in a water bath. Allow the contents to stand for 
3-4 hours and if crystallization is not complete, let it stand overnight. After the crystallization 

process is complete, filter the dark violet-coloured crystals of chrome alum and wash with little 

water Transfer the crystals to a dry filter paper and dry in air. Weigh the crystals and note the 

yield. 

Observation and calculation: 

Colour and shape of crystals: purple colour and appear octahedral. 

Observed/Experimental yield of crystals = 𝑥 g 

Theoretical yield of crystals of chrome alum: Potassium dichromate is the reactant and limiting 

reagent also in this preparation of chrome alum. 

Number of moles of potassium dichromate = weight in g /Mol.wt. 

10 ÷ 294.18 = 0.0339 𝑚𝑜𝑙𝑒𝑠 

Where 294.18 is the molecular weight of potassium dichromate. 

The number of moles of chrome alum formed = 0.0339 moles. 
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Theoretical yield = 𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐ℎ𝑟𝑜𝑚𝑒 𝑎𝑙𝑢𝑚 

Molecular weight of chrome alum = 998.79 

Theoretical yield of chrome alum =0.0339 × 998.79 = 33.85𝑔 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 33.85 = 𝑦% 

Result: The yield of prepared chrome alum crystals is found to be 𝑥 g, percentage yield of 

chrome alum is 𝑦%. 

Precautions: 

Conc. sulphuric acid should be handled with care as it is corrosive in nature. 

Chrome alum is quite soluble in water so minimum volume of water should be used. 

Do not let the temperature rise above 60⁰C as the alum crystals start losing water of 

crystallization and may change to amorphous powder. 

Structure: Chrome alum is isomorphous with potash alum. Isomorphous crystals are those in 

which geometrically similar structural units are arranged in similar ways. So chrome alum has 
the same symmetry and structure as that of potash alum. Another feature of these isomorphous 

crystals is that a crystal of potash alum can be over grown on top of crystal of chrome alum and 

vice versa. 

11.2.2.1 Uses and structure of chrome alum: 

It is used in tanning of leather as it helps in cross linking the collagen fibers within the leather. 

It is also used as gelatine emulsions in photographic films. 

Structure: Chrome alum is a double salt. The water molecules surround the two sulphate ions,  
one K+ ion and one Cr3+  ion in a symmetrical fashion. The octahedral geometry of the crystal 

arises from the symmetry of the atomic pattern. (Figure 11.25) 

 

Figure 11.25 Chrome alum (symmetric atomic pattern) (Image courtesy: hazmap.com) 

Experiment 11.2.3.0:  To prepare complex tetraamine copper (II) sulphate. 

Discussion: It is also called tetraamine cupric sulphate. When dissolved in water it does not give 

its constituent ions. The individual ions present in this complex lose their identity. Such 
compounds are also called coordination compounds because coordinate bonding occurs in these 

compounds between the metal ion and the ligands. The ligands donate electron pair to the 

central metal atom/ ion and form coordinate bond with it. Tetraamine copper (II) sulphate has 
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the formula [Cu (NH3)4] SO4. H2O and it is a dark blue solid with faint odour of ammonia. 

When copper sulphate reacts with liquid ammonia, we get in initial stage a pale blue precipitate 
of copper hydroxide which dissolves in more of liquid ammonia to yield a dark blue solution of 

copper tetraamine ions. 

Chemical reaction: 

𝐶𝑢𝑆𝑂4 . 5𝐻2𝑂 + 4𝑁𝐻3 → [𝐶𝑢(𝑁𝐻3)4]𝑆𝑂4. 𝐻2𝑂 + 4𝐻2𝑂 

The stepwise reactions are: 

𝐶𝑢𝑆𝑂4 + 𝑁𝐻4𝑂𝐻 → 𝐶𝑢(𝑂𝐻)2  (𝑃𝑎𝑙𝑒 𝑏𝑙𝑢𝑒 𝑝𝑝𝑡) + (𝑁𝐻4)2𝑆𝑂4 

𝐶𝑢(𝑂𝐻)2 +  (𝑁𝐻4)2𝑆𝑂4 + 2𝑁𝐻4𝑂𝐻 (𝑒𝑥𝑐𝑒𝑠𝑠)
→ [𝐶𝑢(𝑁𝐻3)4]𝑆𝑂4 .𝐻2𝑂(𝑑𝑒𝑒𝑝 𝑏𝑙𝑢𝑒 𝑝𝑝𝑡) + 3𝐻2𝑂 

Reagents: 

𝐶𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 5 𝑔 

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑒𝑑 𝑎𝑚𝑚𝑜𝑛𝑖𝑎 = 10 𝑚𝐿 

𝐸𝑡ℎ𝑦𝑙 𝑎𝑙𝑐𝑜ℎ𝑜𝑙 = 50 𝑚𝐿 

Procedure: Weigh 5 g of crystalline Copper Sulphate, powder it and dissolve it in about 25 mL 

of water. A slight turbid solution due to hydrolysis of copper sulphate is obtained, also called 
basic copper sulphate. Add few drops of dilute sulphuric acid and shake it well to get clear 

solution. Now take 5 mL of liquid ammonia in a test tube and add to it 4-5 mL of distilled 

water. Add this ammonia solution slowly to copper sulphate solution with constant stirring with 

glass rod. This gives a pale blue precipitate in initial stage which subsequently dissolves on the 
addition of more ammonia to give finally a clear deep blue solution. The solution must give 

smell of ammonia. Now add nearly 40 mL of ethyl alcohol with a constant stirring until the blue 

colour is nearly discharged. Allow the solution to stand for 30 minutes. The needle shaped blue 
crystals of tetra ammine copper sulphate are obtained. Drain the supernatant liquid and wash the 

precipitate with a small amount of ethyl alcohol. Dry and weigh the crystals finally. 

Observation and calculation: 

Colour and appearance of crystals: Deep Blue coloured crystals and long needle shape. 

Experimental/Observed Yield of crystals: 𝑥 𝑔 

Theoretical Yield: Theoretical yield depends upon the number of moles of copper sulphate 

which is the limiting reagent in this case. 

Number of moles of copper sulphate hydrated =weight in g/Mol. Wt. 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 = 5 ÷ 249.5 = 0.0200 

Where 249.5 is the molecular weight of copper sulphate (hydrated) 

So, number of moles of complex formed = 0.0200 moles 

Theoretical yield = Number of moles of complex ×Mol. Wt. of complex 

= 0.0200 × 245.74 = 4.19 𝑔 

Where 245.74 is the molecular weight of complex. 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑑 = 𝑥 × 100 ÷ 4.19 = 𝑦% 
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Result: The yield of tetraamine copper sulphate complex is  𝑥 𝑔 and percentage yield is 𝑦% 

Precautions: 

Add sufficient amount of ammonia ensuring that the solution is not turbid and it smells 

ammoniacal. 

Always use a fume hood while adding ammonium hydroxide or concentrated ammonia. 

11.2.3.1 Uses and structure of [Cu (NH3)4] SO4: 

It is used as a chemical to dye fabrics. 

It is also used as a pesticide. 

Structure of the complex: The complex [Cu (NH3)4]
2+ has the following structure (Figure 11.26) 

in which the central copper ion is dsp2 hybridized and the complex has square planar structure. 

The four ammonia molecules act as unidentate ligands and form coordinate bonds with the 

central copper ion. . The actual complex is [Cu (NH3)4(OH2)] 
2+in which the two water 

molecules are present at the apices of a distorted octahedron. As per Jahn Teller distortion, the 

removal of these two ligands (H2O) converts the structure to square planar. 

 

Figure 11.26 Tetraammine copper (II) complex (Image courtesy: quora.com) 

Experiment 11.2.4.0 To prepare potassium tri-oxalato ferrate (III) trihydrate complex 

Discussion:  Potassium tri-oxalato ferrate (III) is a complex compound with the chemical 

formula K3[Fe (C2O4)3.] 3H2O where iron is in +3 oxidation state. The complex has emerald   

green colour crystals in solid state and in solution the salt ionizes to give ferrioxalate ion which 

appears fluorescent green in colour. In solution this ferricyanide ion under goes photoreduction 

to give ferrous ions. 

Chemical reaction: 

Mohr’s salt reacts with oxalic acid to give ferric oxalate precipitate. 

𝐹𝑒(𝑁𝐻4)2(𝑆𝑂4)2. 6𝐻2𝑂 + 𝐻2𝐶2𝑂4 → 𝐹𝑒2(𝐶2𝑂4)3 + 𝐻2𝑆𝑂4 + (𝑁𝐻4)2𝑆𝑂4 +  6𝐻2𝑂 

On adding potassium oxalate to above ppt of ferric oxalate Fe2(C2O4)3 followed by hydrogen 

peroxide, brown precipitate of ferric hydroxide is obtained. 

𝐹𝑒3+
 + 3𝑂𝐻−1 → 𝐹𝑒(𝑂𝐻)3(𝑏𝑟𝑜𝑤𝑛 𝑝𝑝𝑡. ) 
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With the addition of more oxalic acid, the ferric hydroxide dissolves and the soluble complex of 

K3[Fe (C2O4)3.] 3H2O is formed. 

3𝐾2𝐶2𝑂4 + 2𝐹𝑒(𝑂𝐻)3  + 3𝐻2𝐶2𝑂4 → 2𝐾3[𝐹𝑒(𝐶2𝑂4 )3]. 3𝐻2𝑂 + 3𝐻2 

Alcohol is then added to separate the complex iron salt to precipitate since it is less soluble in 

alcohol. 

Reagents: 

𝑀𝑜ℎ𝑟′𝑠 𝑠𝑎𝑙𝑡 𝐹𝑒(𝑁𝐻4)2(𝑆𝑂4)2. 6𝐻2𝑂 = 5 𝑔 

𝑑𝑖𝑙𝑢𝑡𝑒  𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 2 𝑚𝐿 

𝑂𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝐻2𝐶2𝑂4 = 3 𝑔 

𝑃𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑜𝑥𝑎𝑙𝑎𝑡𝑒 𝐾2𝐶2𝑂4 =  3.5 𝑔 

𝑂𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛(𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑖𝑛 𝑠𝑡𝑒𝑝 3) = 2 𝑔 𝑖𝑛 30 𝑚𝐿 𝑜𝑓 𝑤𝑎𝑡𝑒𝑟 

𝐻𝑦𝑑𝑟𝑜𝑔𝑒𝑛 𝑝𝑒𝑟𝑜𝑥𝑖𝑑𝑒 (30%) = 10 𝑚𝐿 

𝐸𝑡ℎ𝑎𝑛𝑜𝑙 = 20 𝑚𝐿 

Procedure: 

Formation of yellow ferric oxalate precipitate 

Dissolve 5 g of Mohr’s salt in 15 mL of distilled water and add 2 mL of dilute sulphuric acid. 

Take a separate beaker and dissolve 3g oxalic acid in 50 mL of distilled water and add this 
solution to Mohr’s salt solution. Heat the solution with constant stirring till it starts boiling. At 

this stage yellow precipitate of ferric oxalate start forming. Remove the beaker from flame and 

allow the precipitate to settle down. Decant the supernatant liquid and wash the yellow 

precipitate using at least 15 mL of hot distilled water. Decantation means pouring the liquid 

away from the solid. After washing again decant the liquid and collect the precipitate in a flask. 

Formation of brown ferric hydroxide precipitate: 

Dissolve 3.5 g of potassium oxalate in 20 mL of distilled water. Add this solution to the yellow 
ferric oxalate precipitate obtained in step 1. Stir and heat. When the temperature reaches to 40 

⁰C, add 10 mL of 30% hydrogen peroxide. Brown precipitate of ferric hydroxide start appearing. 

Heat the solution to boiling. 

Formation of K3[Fe (C2O4)3.] 3H2O 

Add 20 mL   oxalic acid solution to the above hot solution of step 2. The brown precipitate 

formed in step 2 will dissolve. If the brown precipitate still remains, add more solution little by 

little until all of it dissolves. The solution becomes light green. Dropwise more oxalic acid 
solution can be added to dissolve the remaining brown precipitate. The oxalic acid solution 

should be added to hot solution. If a yellow residue is seen in the green solution, then add more 

hydrogen peroxide. Add about 15 mL of ethanol to the clear green solution. Allow it to cool. 
Keep the flask in a cold-water bath and stir slowly till crystals begin to form. Slower 

evaporation results in larger crystals. Allow the solution to remain in cold water bath for half an 

hour for better crystallization. Filter and dry the crystals and note the yield. 

Observations and calculation: 

Colour and appearance of crystals: Bright green coloured prism like crystals. 
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Experimental/Observed Yield of crystals = 𝑥  g 

Theoretical yield: Mohr’s salt is the limiting reagent in this case. So, theoretical yield of the 
complex is calculated from the number of moles of Mohr’s salt where weight of Mohr’s salt 

taken for the preparation is 5 g, molecular weight of Mohr’s salt is 392.02 and molecular weight 

of the complex is 491.21. Using the same formulae as in experiment 2; theoretical yield of 

complex is calculated as below: 

491.21

392.02
× 5 = 6.26𝑔 𝑜𝑓 𝐾3[𝐹𝑒(𝐶2𝑂4)3]. 3𝐻2𝑂 

Theoretical yield = 6.26 g 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 6.26 = 𝑦% 

Result: The experimental yield of prepared crystals K3[Fe (C2O4)3.] 3H2O is found to be 𝑥 g and 

% Yield is  𝑦% 

Precaution: 

When the solution is boiled, there should be constant stirring to avoid bumping. 

Use of hydrogen peroxide should be carefully done as it is corrosive in nature. 

The complex when formed should be protected from light as it is photosensitive. The complex 

should be covered with a foil. 

 

Figure 11.27 Potassium trioxalato ferrate (III) (Image courtesy: en.m.wikipedia.org 

11.2.4.1 Uses and Structure 

It is used in chemical actinometry and also for the preparation of blueprints. 

Structure: The compound has ferrioxalate anion and potassium cation. There are three bidentate 

oxalate ions which acts as ligands. The geometry of the complex is octahedral (Figure 11.27) 

and iron is in +3 high spin state. 

Experiment 11.2.5.0: To prepare Hexa-amine Nickel (II) Chloride. 

Discussion: Many transition metals form octahedral complexes with water when in aqueous 

solution like [Ni (H2O)6]
2+

 Addition of ammonia to such solutions results in a series of 
substitution reactions in which the water molecules are replaced by ammonia molecules. 

Ammonia as ligand displaces water in a stepwise fashion and each replacement is accompanied 

by the evolution of heat. This preparation clearly explains the ligand substitution reactions of 

octahedral complexes. 

Chemical reaction: 
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[Ni(𝐻2𝑂)6]Cl2(aq) +  6NH3(aq) → [Ni(NH3)6]Cl2 (aq) +  6H2O 

Reagents: 

𝑁𝑖𝑐𝑘𝑒𝑙 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 ℎ𝑒𝑥𝑎ℎ𝑦𝑑𝑟𝑎𝑡𝑒 𝑁𝑖𝐶𝑙2. 6𝐻2𝑂 = 6𝑔 

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑒𝑑 𝑎𝑚𝑚𝑜𝑛𝑖𝑎 (𝑁𝐻3) = 12 𝑚𝐿 

Procedure: Dissolve 6 g of Nickel chloride in 10 mL water and take this solution in a 100 mL 

beaker. Add 12 mL of concentrated ammonia solution slowly with continuous stirring to the 
solution of nickel chloride. The colour of the solution should change from pale green to violet. 

Add more ammonia solution if the colour does not become intense violet. Allow the solution to 

remain at room temperature for 10 minutes.  Cool in a water bath for 15 minutes. Violet colour 
crystals start separating out. The formation of precipitates can be enhanced by scratching the 

sides of the beaker with a glass rod. Filter the solution and wash the crystals with aqueous 

ammonia solution (5 mL). Dry the crystals between the folds of filter paper. Note the weight of 

dry crystals and report the yield and percentage yield. 

Observation and calculations: 

Colour and appearance of crystals: Bluish violet colour and crystalline powder. 

Experimental/Observed Yield of crystals 

Theoretical yield: Nickel chloride is the main reacting species and is also the limiting reactant. 

So, the theoretical yield of complex is determined from it. 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑛𝑖𝑐𝑘𝑒𝑙 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 ÷ 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑛𝑖𝑐𝑘𝑒𝑙 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 = 6 ÷ 237.71 = 0.0252 

Where 237.71 g is molecular weight of NiCl2.6H2O 

𝑆𝑜 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 𝑓𝑜𝑟𝑚𝑒𝑑 = 0.0252 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 𝑓𝑜𝑟𝑚𝑒𝑑
= 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑓𝑜𝑟𝑚𝑒𝑑 × 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 [𝑁𝑖(𝑁𝐻3)6𝐶𝑙2] 𝑓𝑜𝑟𝑚𝑒𝑑 = 0.0252 × 231.6 = 5.8212 𝑔 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 5.2812 = 𝑦% 

Precautions: 

As ammonia is corrosive to the skin, eyes and lungs so it should be used safely and preferably 

mask should be worn to avoid its fumes. 

Ammonia should not be used with flammable chemicals as it is explosive in nature. 

The reaction should be carried out preferably under a fume hood. 

11.2.5.1 Uses and Structure: 

Uses: 

It is useful as a molecular source of anhydrous nickel. 

It is also used as precursor for other compounds 

Structure: The complex hexaammine nickel (II) chloride has complex [Ni (NH3)6]
2+ cation. This 

cation has octahedral geometry (Figure 11.28 ) in which central metal atom has six ammonia 
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molecules as unidentate ligands. The coordination number of central metal atom is thus six. The 

complex is paramagnetic. 

 

Figure 11.28 Hexaammine nickel chloride (Image courtesy: en.m.wikipedia.org) 

Uses: 

It is useful as a molecular source of anhydrous nickel. 

It is also used as precursor for other compounds. 

Experiment 11.2.6.0 To prepare a pure sample of cuprous chloride from copper sulphate 

pentahydrate. 

Discussion 

Cuprous chloride is an inorganic white coloured compound, which is insoluble in water. It has 

the ability to form complexes with halide ions. In this experiment it is prepared by reduction of 
Cu2+ ions of copper sulphate to Cu+1 ions. Sodium sulphite is used as the reducing agent.  Since 

this compound is sensitive to aerial oxidation, so the compound should be immediately packed 

after formation. Presence of green colour in the precipitates shows oxidation of Cu+1 (cuprous) 

to   Cu+2. (cupric) 

Requirements: 

𝐶𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝐶𝑢𝑆𝑂4 . 5𝐻2𝑂 = 5 𝑔 

𝑆𝑜𝑑𝑖𝑢𝑚 𝐶ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑁𝑎𝐶𝑙 = 3𝑔 

𝐶𝑜𝑛𝑐𝑒𝑛𝑡𝑟𝑎𝑡𝑒𝑑 ℎ𝑦𝑑𝑟𝑜𝑐ℎ𝑙𝑜𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 15 𝑚𝐿 

𝐶𝑜𝑝𝑝𝑒𝑟 𝑡𝑢𝑟𝑛𝑖𝑛𝑔𝑠 = 6 𝑔 

𝑆𝑜𝑑𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑖𝑡𝑒 = 3 𝑔 

Chemical equation: 

𝐶𝑢𝑆𝑂4 +  2𝑁𝑎𝐶𝑙 → 𝐶𝑢𝐶𝑙2 +  𝑁𝑎2𝑆𝑂4 

𝐶𝑢𝐶𝑙2 +  𝐶𝑢 → 𝐶𝑢2𝐶𝑙2 

 

Procedure: Weigh exactly the above required compounds and place them safely. Take 5 g of 
copper sulphate in a round bottom flask and 3 g NaCl and 6 g copper turnings. After this add 

15mL conc HCl. A green colour is obtained.  Place a funnel on top of the flask and heat the 

flask. The fumes of HCl will come out of the funnel. Heating can be done under the fume hood. 
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Continue heating the round bottom flask solution till green colour changes to yellow. In the 

meantime, dissolve the 3 g sodium sulphite in 120 mL of water in a separate beaker. Now add 
the yellow solution slowly and carefully to the sodium sulphite solution followed by alcohol. 

White precipitate of cuprous chloride is obtained. Dry the precipitate in oven at 110⁰C. 

Colour and appearance: White powder which may be slight green due to impurities of CuCl2 

Octahedral crystals 

Observations and calculations: 

Experimental Yield /Observed yield = 𝑥 g 

Copper sulphate is the limiting reactant in this case. So, the theoretical yield of cuprous chloride 

is determined from it. 

Theoretical yield: 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑐𝑜𝑝𝑝𝑒𝑟 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 = 𝑤𝑒𝑖𝑔ℎ𝑡 𝑖𝑛 𝑔 ÷ 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 

𝑁𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 = 5 ÷ 249.5 = 0.0200 

Where 249.5 is molecular weight of CuSO4.5H2O 

𝑆𝑜 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑜𝑓 𝑐𝑢𝑝𝑟𝑜𝑢𝑠 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑓𝑜𝑟𝑚𝑒𝑑 = 0.0200 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑢𝑝𝑟𝑜𝑢𝑠 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒  𝑓𝑜𝑟𝑚𝑒𝑑
= 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 𝑓𝑜𝑟𝑚𝑒𝑑 × 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑢𝑝𝑟𝑜𝑢𝑠 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑢𝑝𝑟𝑜𝑢𝑠 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒  𝑓𝑜𝑟𝑚𝑒𝑑 =  0.0200 × 198.09 = 3.9618 𝑔 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 3.9618 = 𝑦% 

Precautions: 

Handle concentrated HCl with care. 

More HCl can be added if the green colour persists during boiling of the solution. 

Cuprous chloride once formed should be prevented from oxidation (White CuCl turns green on 

oxidation) 

Use fume hood/ventilation. 

Avoid preparation of the compound in moist environment. 

Second method for the preparation of cuprous chloride 

Experiment 11.2.7.0: To prepare cuprous chloride from cupric chloride 

Discussion: Copper exists in two oxidation states cuprous Cu+1 and Cupric Cu+2. The cupric 

state is more stable than cuprous state. Cuprous chloride can be prepared by direct reduction of 
cupric chloride. Cuprous chloride is a white solid sparingly soluble in water but very soluble in 

concentrated hydrochloric acid. The impure samples appear green due to presence of cupric 

chloride. 

Requirement: 

𝐶𝑢𝑝𝑟𝑖𝑐 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝐶𝑢𝐶𝑙2 = 3.5 𝑔 

𝑆𝑜𝑑𝑖𝑢𝑚 𝑠𝑢𝑙𝑝ℎ𝑖𝑡𝑒 𝑁𝑎2𝑆𝑂3 = 0.5 𝑔 

2𝑀 𝐻𝑦𝑑𝑟𝑜𝑐ℎ𝑙𝑜𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 5 𝑚𝐿 
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Chemical reaction: 

𝑁𝑎2𝑆𝑂3 + 2𝐶𝑢𝐶𝑙2. 2𝐻2𝑂 → 2𝐶𝑢𝐶𝑙 + 𝑁𝑎2𝑆𝑂4 + 2𝐻𝐶𝑙 + 3𝐻2𝑂 

 

Procedure: 

Step 1: Take 2.5 g of sodium sulphite and dissolve in 15 mL of water in a beaker. In another 

beaker take 3.5 g of cupric chloride and dissolve it in 10 mL of water. 

Step 2: Add slowly and with constant stirring, the sodium sulphite solution to cupric chloride 

solution. A suspension of cuprous chloride will be formed. 

Step 3: Take 0.5 g of sodium sulphite in a beaker and add 250 mL of water and about 5 mL of 

2M hydrochloric acid. Fresh sulphurous acid is formed in this step. 

Step 4: Suphurous acid formed in step 3 is added to the suspension of cuprous chloride formed 

in step 2. White precipitate of cuprous chloride will be formed. 

11.2.7.1 Structure and uses of cuprous chloride: The crystal of cuprous chloride has a zinc 

blende structure. The stable forms of cuprous chloride are dimer and trimer and as shown in the 

figure 11.28 the trimer exists in a stable cyclic form. 

 

Figure 11.28a Cyclic trimer structure of cuprous chloride 

Uses of cuprous chloride: 

It is used as a precursor of fungicide, copper oxychloride. 

It acts as a catalyst in a variety of organic reactions like Sandmeyer reaction and Gattermann 

Koch reaction. 

It is used as a pigment for glass and ceramics. 

It finds applications in printing fabrics and in dyeing of clothes. 

Experiment 11.2.8.0: To prepare a pure sample of manganese phosphate (MnPO4) from the 

given sample of manganese sulphate. (MnSO4) 

Discussion: Manganese is a transition element which shows variable oxidation states. In this 

experiment Mn (II) ion of MnSO4 is being oxidized to Mn (III) ion in (MnPO4). Manganese is 
not much stable in this +3-oxidation state as it can easily undergo disproportionation reaction to 

+2 as well as +4 state. It means it can undergo self -redox reaction. The oxidizing agent used in 

this reaction is potassium permanganate in which Mn has a +7-oxidation state and acts as strong 

oxidizing agent. The reaction takes place in presence of glacial acetic acid. The preparation of 
manganese phosphate takes place in two stages. In the first stage manganese sulphate is 

oxidized to manganese acetate by potassium permanganate in presence of acetic acid and in 

second stage diammonium hydrogen phosphate coverts it to simple manganese phosphate salt. 

Chemical reaction: Oxidation of Mn+2   to Mn+3 
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𝐾𝑀𝑛𝑂4 + 16𝐶𝐻3𝐶𝑂𝑂𝐻 + 4𝑀𝑛𝑆𝑂4 → 𝐶𝐻3𝐶𝑂𝑂𝐾 + 5(𝐶𝐻3𝐶𝑂𝑂)3𝑀𝑛 + 𝐻2𝑆𝑂4 + 4𝐻2𝑂 

Conversion of manganese acetate to manganese phosphate 

(𝑁𝐻4)2𝐻𝑃𝑂4 + (𝐶𝐻3𝐶𝑂𝑂)3𝑀𝑛 →  𝐶𝐻3𝐶𝑂𝑂𝑁𝐻4 + 𝐶𝐻3𝐶𝑂𝑂𝐾 + 𝑀𝑛𝑃𝑂4(↓ 

Requirements: 

𝑀𝑎𝑛𝑔𝑎𝑛𝑒𝑠𝑒 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝑀𝑛𝑆𝑂4 = 5 𝑔 

𝐷𝑖𝑙𝑢𝑡𝑒 𝑠𝑢𝑙𝑝ℎ𝑢𝑟𝑖𝑐 𝑎𝑐𝑖𝑑 = 3 𝑚𝐿 

𝐷𝑖𝑎𝑚𝑚𝑜𝑛𝑖𝑢𝑚 ℎ𝑦𝑑𝑟𝑜𝑔𝑒𝑛 𝑝ℎ𝑜𝑠𝑝ℎ𝑎𝑡𝑒 = 4.5 𝑔 

𝐺𝑙𝑎𝑐𝑖𝑎𝑙 𝑎𝑐𝑒𝑡𝑖𝑐 𝑎𝑐𝑖𝑑 = 15 𝑚𝐿 

Take 5 g of manganese sulphate in a round bottom flask and add minimum amount of distilled 

water. Swirl the flask till manganese sulphate dissolves completely. A few drops of sulphuric 
acid can be added to completely dissolve manganese sulphate. A light pink coloured solution 

will be obtained. Now add in small portions diammonium hydrogen phosphate to the flask and 

swirl the flask to dissolve it. Add glacial acetic acid with a dropper and continue swirling the 
flask. A solid precipitate is formed. Filter the solution. Boil the filtrate and add potassium 

permanganate in small lots. The purple colour of potassium permanganate will be discharged 

soon indicating that oxidation process is complete. Cool the solution in a water bath. Grey or 
blackish green coloured manganese phosphate crystals will separate out. Filter with the help of 

suction pump and wash with hot water. A final washing with acetone can also be done. Dry the 

precipitate and record the weight on cooling. 

Observations and calculations: 

Colour and shape of crystals: Colour of crystals is grey or blackish green and crystals appear 

needle shaped. 

Observed yield/Experimental yield = x g 

Theoretical yield = In this reaction manganese sulphate is the limiting reagent and its molecular 

weight is 151.So theoretical yield of manganese phosphate can be calculated as has been done in 

earlier experiments. Let it be y g. 

Percentage yield = 𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 𝑦 = 𝑧% 

Precautions 

Always add dilute sulphuric acid while preparing manganese sulphate solution and use 

minimum amount of water. 

Manganese sulphate is hazardous for human health as well as for the environment. So, use it 

judiciously. 

Potassium permanganate should be added at regular intervals in small amounts. 

Glacial acetic acid should be handled with care. 

11.2.8.1 Structure and uses of manganese phosphate: 
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Figure 11.29 Manganous sulphate 

Uses: Manganese phosphate helps to improve resistance to corrosion and is used throughout 

metal and motor industry. 

Experiment 11.2.9.0: To prepare Prussian blue. 

Discussion: Prussian blue is also called Berlin blue and it was the first synthetic pigment. It is 

used in many art forms. The term blue print gets its name from this compound which was used 
to give blue colour to the prints originally. It is chemically called [Iron (III)hexacyanoferrate 

(II)]. The element iron is present in two oxidation states Fe+2 (ferrous) and Fe3+(ferric). Though, 

it contains six cyanide ions but it is not much toxic because cyanide ions are tightly coordinated 

to the iron atom. 

Requirements: 

𝐼𝑟𝑜𝑛 (𝐼𝐼𝐼)𝐶ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝑜𝑟 𝑓𝑒𝑟𝑟𝑖𝑐 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝐹𝑒𝐶𝑙3 = 4 𝑔 

𝐴𝑛ℎ𝑦𝑑𝑟𝑜𝑢𝑠 𝑝𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 ℎ𝑒𝑥𝑎𝑐𝑦𝑎𝑛𝑜𝑓𝑒𝑟𝑟𝑎𝑡𝑒 (𝐼𝐼) 𝐾4[𝐹𝑒(𝐶𝑁)6] = 1.5 𝑔 

Chemical reaction: 

4𝐹𝑒𝐶𝑙3 + 3𝐾4[𝐹𝑒(𝐶𝑁)6] → 𝐹𝑒4[𝐹𝑒(𝐶𝑁)6]3 + 12𝐾𝐶𝑙 

Procedure: 

Take 4 g of ferric chloride in a clean, dry beaker and add 10mL of distilled water. Stir the 
solution so that ferric chloride completely dissolves in it. A reddish yellow coloured solution is 

obtained. Take 1.5 g of potassium ferrocyanide in another beaker and dissolve it in 10 mL of 

water. The clear solution of potassium ferrocyanide shows some green yellow fluorescence. 

Pour the potassium ferrocyanide solution slowly into ferric chloride solution and stir with a 
glass rod continuously. A dark blue solid precipitate out. Take clean Buchner funnel and place a 

filter paper in it.  Place   this funnel on the filter flask and connect the flask to suction pump.  

Pour the reaction mixture into the funnel and start filtration. Once all the liquid has drained into 
the filtering flask, dry the product in between the folds of filter paper. Note the yield of Prussian 

blue when it has completely dried. 

Observations and calculations: 

Colour and shape of crystals: Colour of the crystals is bluish green. It has a cubic lattice crystal 

structure. 

Theoretical yield of Prussian blue: For theoretical yield we need to find the limiting reagent in 

this case where 3 moles of potassium ferrocyanide require 4 moles of ferric chloride for 

complete reaction. 

As per the amounts of reagents taken, number of moles of potassium ferrocyanide = weight in 

g/Molecular wt. =1.5/368.34 = 0.0040 
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Number of moles of ferric chloride = weight in g/ Molecular weight = 4/162.2 = 0.0246 

Since the available moles of potassium ferrocyanide is only 0.0040; so, it is the limiting reagent 

and the number of moles of product will depend on it. 

Number of moles of Prussian blue formed = 0.0040 

Weight of Prussian blue formed = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑢𝑠𝑠𝑖𝑎𝑛 𝑏𝑙𝑢𝑒 

𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑝𝑟𝑢𝑠𝑠𝑖𝑎𝑛 𝑏𝑙𝑢𝑒 𝑓𝑜𝑟𝑚𝑒𝑑 = 0.0040 × 859.2 = 3.4368 𝑔 

So, theoretical yield of Prussian blue is 3.4368 g 

Experimental/observed yield = x g 

Percentage yield: % yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 𝐼𝑛 𝑡ℎ𝑖𝑠 ×
100 ÷ 3.4368 = 𝑦% 

Precautions 

Ferric chloride is toxic in nature and a skin irritant. 

Potassium ferrocyanide if heated or if brought in contact with acids, releases toxic HCN gas 

11.2.9.1 Structure and uses: In this complex the six cyanide ions are octahedrally arranged 

around the central metal ion Fe2+. (Figure 11.30) 

 

Figure 11.30 Prussian blue (Image courtesy: chemistryfanatics.wordpress.com) 

Uses: 

It was originally developed as a dye and was used in inks and paints. 

It is used in medicine to treat people who have been contaminated with radioactive elements 

like caesium. 

Experiment 11.2.10.0: To prepare tetraamine carbonato cobalt (III) nitrate. 

Discussion: The coordination complex of cobalt, [Co (NH3)4CO3]NO3 has cobalt in +3 oxidation 

state and in this experiment, it is being synthesized from cobalt nitrate Co (NO3)2.6H2O in 
which oxidation state of cobalt is +2. This cobalt nitrate actually exists as a coordination 

compound [Co(H2O)6](NO3)2 .This complex easily undergoes   ligand  exchange of H2O with 

ammonia and carbonate ion. After that it is oxidized with the help of hydrogen peroxide. 

Requirements 

𝐶𝑜𝑏𝑎𝑙𝑡 𝑛𝑖𝑡𝑟𝑎𝑡𝑒 ℎ𝑒𝑥𝑎ℎ𝑦𝑑𝑟𝑎𝑡𝑒 𝐶𝑜(𝑁𝑂3)2 . 6𝐻2𝑂 = 7𝑔 

𝐴𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒 (𝑁𝐻4)2𝐶𝑂3 = 10𝑔 

30% ℎ𝑦𝑑𝑟𝑜𝑔𝑒𝑛 𝑝𝑒𝑟𝑜𝑥𝑖𝑑𝑒 = 6 𝑚𝐿 

𝐴𝑚𝑚𝑜𝑛𝑖𝑢𝑚 ℎ𝑦𝑑𝑟𝑜𝑥𝑖𝑑𝑒 = 10 𝑚𝐿 
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Chemical reaction: 

𝐶𝑜(𝑁𝑂3)2 + 𝑁𝐻3(𝑎𝑞) + (𝑁𝐻4)2𝐶𝑂3 + 𝐻2𝑂2 → [𝐶𝑜(𝑁𝐻3)4𝐶𝑂3]𝑁𝑂3 + 𝑁𝐻4𝑁𝑂3 + 2𝐻2𝑂 

Procedure: Take 7 g of cobalt nitrate hexahydrate in a clean flask. Add 20 mL of distilled water 
and stir the contents to get a clear solution. In another beaker prepare a solution of ammonium 

carbonate in ammonium hydroxide solution and if it does not dissolve add more ammonium 

hydroxide solution and stir vigorously. Carry out this dissolution process under a fume hood as 
ammonia vapors can cause irritation. Now slowly pour this solution of ammonium carbonate 

into cobalt nitrate solution. Then slowly add 6 mL of hydrogen peroxide solution preferably 

1mL at a time. Continuously stir the solution while adding hydrogen peroxide Now heat the 
contents of the beaker under a fume hood.  The solution should be heated in such a way that it 

does not boil immediately and with passage of time it is concentrated. The volume should 

become half the original volume. [Maintain the temperature around 90 ℃  to avoid 

decomposition of the complex due to strong heating.] At this stage if the solution contains some 
undissolved material, then filter it while it is hot.  Take the filtrate in a China dish and allow it to 

cool. Red precipitates will appear after sometime. Carry out the cooling process in an ice bath 

for faster precipitation. Filter the precipitate with the help of suction pump and then dry the 

precipitate in an oven at 120℃.Weigh the precipitate and record the yield. 

Observations and calculations: 

Colour and shape of crystals: Colour of the crystals is red and is obtained as powdery crystal. 

Experimental Yield/Observed yield of the crystals =   x g 

Theoretical yield = Number of moles of cobalt nitrate =   7/291.4 = 0.02402 

Number of moles of ammonium carbonate = 10/96.09 = 0.1040. 

Thus, cobalt nitrate is the limiting reagent and number of moles of product formed = 0.02402 

Weight of product  [𝐶𝑜(𝑁𝐻3)4𝐶𝑂3]𝑁𝑂3formed = 0.02402 × 249.09 = 5.983 𝑔 

Theoretical yield = 5.983 g 

Percentage yield: 

% yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 5.983 = 𝑦% 

Precautions 

Always use fume hood while preparing ammonium carbonate solution. 

Handle hydrogen peroxide carefully 

Avoid strong heating while reducing the volume. 

11.2.10.1 Structure: The complex ion has four monodentate ammonia ligands and one bidentate 

carbonate ligand, so it is octahedral. (Figure 11.31) 
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Figure 11.31 

Experiment 11.2.11.0: To prepare cis and trans potassium diaquadioxalatochromate (III) 

Discussion: Potassium diaquadioxalatochromate (III) exists in two crystalline forms which are 

the geometrical isomers of each other. The cis form of the compound is reddish violet in colour 

and the trans form is pinkish red in colour.  In aqueous solution the cis form dominates though 

an equilibrium exists between the two forms. 

Requirement for preparation of cis form: 

𝑂𝑥𝑎𝑙𝑖𝑐 𝑎𝑐𝑖𝑑 (𝐶𝑂𝑂𝐻)2 = 6𝑔 

𝑃𝑜𝑡𝑎𝑠𝑠𝑖𝑢𝑚 𝑑𝑖𝑐ℎ𝑟𝑜𝑚𝑎𝑡𝑒 𝐾2𝐶𝑟2𝑂7 = 2𝑔 

𝐴𝑙𝑐𝑜ℎ𝑜𝑙 = 30 𝑚𝐿 

Chemical reaction: 

𝐾2𝐶𝑟2𝑂7 + 7 (𝐶𝑂𝑂𝐻)2 . 2𝐻2𝑂 → 2𝐾[𝐶𝑟(𝐶2𝑂4)2(𝐻2𝑂2)2]. 2𝐻2𝑂 + 6𝐶𝑂2 + 13𝐻2𝑂 

Preparation of cis isomer: 

Take 6 g of oxalic acid and 2 g of potassium dichromate and mix them in a pestle mortar to get 

a fine powder. Heat this mixture in a China dish gently on a low flame. During heating carbon 

dioxide gas will be evolved along with some water vapors. The reaction becomes vigorous after 
sometime and care should be taken to avoid excessive evaporation. As soon as the mixture turns 

into a viscous liquid of deep purple colour, stop heating.  Add 20 mL of alcohol and place China 

dish in a warm water bath so that the temperature of 60℃ is maintained. Stir the mixture with a 

glass rod continuously so that a solid mass is obtained. This is cis potassium 
diaquadioxalatochromate (III). If it is not obtained, then repeat the process by adding alcohol 

and stirring vigorously. Make sure that the solution should remain warm during solidification of 

product.  Filter the product, dry it and record the yield. 

Preparation of trans isomer 

Take 6 g of oxalic acid in a beaker and add 20 mL of water to dissolve it. Boil, if required. In 

another beaker take 2 g of potassium dichromate and dissolve it in minimum amount of boiling 
water. Add slowly potassium dichromate solution to oxalic acid solution and allow the reaction 

to proceed by just covering the beaker with a watch glass. When the contents of the beaker 

appear darker in colour, transfer them to a china dish. Leave the solution to evaporate at room 

temperature. This step can take 36 to 48 hours. After evaporation is complete, pinkish red 
precipitate of trans isomer will separate out. Filter the crystals; wash with water and finally with 

alcohol.  Dry the crystals and note the yield. 
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Observations and calculations: 

Experimental/Observed yield of cis isomer = x g 

Experimental/Observed yield of trans isomer = y g 

Theoretical yield: 

Number of moles of oxalic acid = 6/ 90 = 0.0666. 

Number of moles of potassium dichromate = 2/294.18 = 0.00679 

.Number of moles of potassium dichromate are 0.00679 which limits the yield of product 

formed. Hence potassium dichromate is the limiting reagent. 

Number of moles of the complex formed = 0.00679 

Weight of complex formed = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 𝑜𝑓 𝑐𝑜𝑚𝑝𝑙𝑒𝑥 =
0.00679 × 339.19 = 2.303 𝑔 

Theoretical yield =2.303 g 

Percentage yield 

: % yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 2.303 = 𝑦% 

Precautions: 

During preparation of trans isomer if evaporation is carried out fast, some cis form of the isomer 

may appear. 

During preparation of cis isomer if the product is not granular then add more alcohol, stir 

vigorously till crystalline product is obtained. 

Potassium dichromate causes allergies like asthma, so should be carefully handled. 

Oxalic acid is also an irritant and should be handled with care. 

11.2.11.1 Structure: The two oxalate ions act as bidentate ligands and two water molecules as 

unidentate ligands around the central atom chromium. The six coordinate bonds form an 
octahedron and the two isomers differ in the position occupies by the ligands in the octahedron 

around the central metal atom. (Figure 11.32) 

 

Figure 11.32(Image courtesy: oneclass.com) 
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Experiment 11.2.12.0 To prepare Potassium tri oxalato aluminate (III). 

Discussion: Aluminium forms octahedral complexes just like transition metals. In this 
experiment aluminium metal is reacted with potassium hydroxide to give [Al (OH)4]

- ion. Then 

oxalic acid is added which neutralizes excess of hydroxide and provides oxalate ions to give the 

[Al(C2O4)3]
3- ion which is precipitated as potassium salt. 

Chemical reaction: 

2𝐴𝑙 + 6𝐾𝑂𝐻 + 6𝐻2𝐶2𝑂4 → 2𝐾3[𝐴𝑙(𝐶2𝑂4)3]. 3𝐻2𝑂 + 3𝐻2𝑂 

Procedure: Take 0.500 g of aluminium in a 250 mL beaker. Add 15 mL of 4M KOH and 30 mL 

of water. Stir the solution so that aluminium starts reacting. The reaction is slow and will take 
20 mins. A greyish black solution will be obtained. Now heat the solution to boiling and add 8 g 

of solid oxalic acid. The colour of the solution changes to clear pale yellow.  Stir the solution 

while it is being heated.  The clear pale-yellow solution is then placed in an ice bath so that 

temperature of the solution is 5℃. Crystallization starts at this point. Now add 15 mL of ethanol 
and let crystallization continue for about 15 minutes. Filter the creamy white crystals on a 

suction pump using a Buchner funnel. Wash the crystals with alcohol. Let the crystals dry on the 

funnel only.  After getting dried the crystals appear white. Weigh the dry crystals and note it as 

observed yield. 

Observations and calculations 

Colour and shape of crystals: The colour of crystals is white and shape of crystals is elongated 

prism like. Crystal system is monoclinic. 

Observed yield = X g 

Theoretical yield = Aluminium is the limiting reagent in this reaction so the theoretical yield is 

determined from the number of moles of aluminium which limit the yield of the product. 

Number of moles of Aluminium = weight in gram / Atomic weight of aluminium = 0.5/27 

=0.0185 moles 

Number of moles of 𝐾3[𝐴𝑙(𝐶2𝑂4)3]. 3𝐻2𝑂 = 0.0185 

Weight of 𝐾3[𝐴𝑙(𝐶2𝑂4)3]. 3𝐻2𝑂 = 𝑛𝑢𝑚𝑏𝑒𝑟 𝑜𝑓 𝑚𝑜𝑙𝑒𝑠 × 𝑚𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 = 0.0185 ×
462.379 = 7.89 𝑔 

Theoretical yield = 7.89 g 

Percentage yield =  𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 7.89 =
𝑦% 

Precautions: 

The reaction between aluminium and potassium hydroxide is highly exothermic. So, care should 

be taken while mixing the two reagents. 

Cooling should be done slowly for better shape of crystals. 

11.2.12.1 Structure: The structure in figure 11.33 shows how the three oxalate ions arranged 

octahedrally around the central metal aluminium. 
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Figure 11.33 Potassium trioxalato aluminate(III) 

Experiment 11.2.13.0 To prepare a pure sample of mercury tetra-isothiocyanatocobaltate (II), 

Hg [Co  (NCS)4]. 

Discussion: This complex may be prepared by mixing solution of cobalt sulphate, mercuric 

chloride and ammonium thiocyanate. On stirring the mixture vigorously, a deep blue precipitate 
is formed. It is separated by filtration through a Buchner funnel, washed with distilled water and 

dried at 110°C in an air oven. 

Chemical Equation 

𝐶𝑜𝑆𝑂4 . 7𝐻2𝑂 + 𝐻𝑔𝐶𝑙2 + 4𝑁𝐻4𝑆𝐶𝑁 → 𝐻𝑔[𝐶𝑜(𝑁𝐶𝑆)4] + (𝑁𝐻4)2𝑆𝑂4 + 2𝑁𝐻4𝐶𝑙 + 7𝐻2𝑂 

Requirements: 

𝐶𝑜𝑏𝑎𝑙𝑡 𝑠𝑢𝑙𝑝ℎ𝑎𝑡𝑒 𝐶𝑜𝑆𝑂4. 7𝐻2𝑂 = 7𝑔 

𝐴𝑚𝑚𝑜𝑛𝑖𝑢𝑚 𝑡ℎ𝑖𝑜𝑐𝑦𝑎𝑛𝑎𝑡𝑒 𝑁𝐻4𝑆𝐶𝑁 = 8 𝑔 

𝑀𝑒𝑟𝑐𝑢𝑟𝑖𝑐 𝑐ℎ𝑙𝑜𝑟𝑖𝑑𝑒 𝐻𝑔𝐶𝑙2 = 7𝑔 

Procedure 

Dissolve 7 g of mercuric chloride (HgCl2) in 100 mL distilled water taken in a beaker and boil it 

to get a clear solution. Take 7 g of cobalt sulphate (CoSO4.7H2O) and 8 g of ammonium 

thiocyanate in another beaker and dissolve them in 50 mL of distilled water. Heat the solution to 

boiling point to get a clear solution. Add this hot solution to the boiling solution of mercuric 
chloride slowly with continuous stirring. After the complete addition, boil the reaction mixture 

for 5mints and allow it to cool to room temperature, when deep blue precipitates separate out. 

Wash the precipitates with distilled water by decantation and separate them by filtration through 

a Buchner funnel under suction. Wash with distilled water and dry the precipitates at 110℃ in 

an air oven Note the weight of the product formed. 

Observation and calculation 

Colour and shape of crystals: Dark blue colour and tetrahedral shape. 
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Experimental/Observed yield =x g 

Theoretical yield: Cobalt sulphate is the limiting reagent and its molecular weight is 
281(hydrated form).  From this the theoretical yield of the complex formed can be determined. 

Let it be y g. 

Percentage yield 

𝐸𝑥𝑝𝑒𝑟𝑖𝑚𝑒𝑛𝑡𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 = 𝑥 × 100 ÷ 𝑦 = 𝑧% 

Precautions 

The precipitate must be washed repeatedly with water to remove all the impurities. 

11.2.13.1 Structure: The four isothiocyanate ligands are attached to the central atom by 

coordinate bond through the nitrogen atom. (Figure 11.34) 

 

Figure 11.34 mercury tetra-isothiocyanatocobaltate (II) 

Experiment 11.2.14.0: To prepare mercurytetrathiocyanatocobaltate (II) 

Requirement: Cobaltous chloride hexahydrate :2g 

Ammonium thiocyanate =2.5 g 

Mercuric chloride =2 g 

PROCEDURE: Take 2g of cobatous chloride hexahydrate in around bottom flask and dissolve it 

in 20 ml of water. Now add 2.5g of ammonium thiocyanate to it and boil the solution.  In 

another beaker take 2g of mercuric chloride and dissolve it in 10 ml of distilled water. This will 
take time to dissolve, filter to get a clear solution. Handle the mercury salt carefully.  Now add 

the hot solution in the round bottom flask to the clear mercury chloride solution.  Boil the 

resultant solution for 5-10 minutes and then allow it to cool at room temperature. Decant the 

supernatant liquid and wash the precipitate with cold water. Filter and dry the crystals and note 

the yield. 

Reaction: 
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𝐻𝑔𝐶𝑙2 + 𝐶𝑜𝐶𝑙26𝐻2𝑂 + 𝑁𝐻4𝑆𝐶𝑁 → 𝐻𝑔(𝑆𝐶𝑁)4 + 4𝑁𝐻4𝐶𝑙 + 6𝐻2𝑂 

Geometry: Tetrahedral 

Colour: Dark blue 

Observation and calculation 

Experimental/ observed yield = 𝑥 g 

Theoretical yield: 

237.93𝑔 𝑜𝑓 𝐶𝑜𝐶𝑙2. 6𝐻2𝑂 𝑔𝑖𝑣𝑒𝑠 491.78 𝑔 𝑜𝑓 𝐻𝑔[𝐶𝑜(𝑆𝐶𝑁)4] 

∴ 2 𝑔 𝑜𝑓 𝐶𝑜𝐶𝑙2. 6𝐻2𝑂 𝑤𝑖𝑙𝑙 𝑔𝑖𝑣𝑒 491.78 ×
2

237.93
𝑔 = 4.133 𝑔𝑜𝑓 𝐻𝑔[𝐶𝑜(𝑆𝐶𝑁)4] 

𝑃𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑦𝑖𝑒𝑙𝑑 = 𝑂𝑏𝑠𝑒𝑟𝑣𝑒𝑑 𝑌𝑖𝑒𝑙𝑑 ÷ 𝑇ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑 × 100 =
𝑥

4.133
× 100 = 𝑦% 

11.2.14.1 Structure: The four thiocyanate ligands are attached to the central atom cobalt through 
sulphur atom as shown in figure 11.35. This complex thus shows coordination position 

isomerism with the complex formed in experiment 13. 

 

Figure 11.35 mercurytetrathiocyanatocobaltate (II) (Image courtesy: chemicalbook.com) 

Experiment 11.2.15.0 To prepare Ferrous Sulphate, FeSO4.7H2O from Kipp’s waste. 

The H2S gas required for qualitative analysis is generated in a Kipp’s apparatus by the action of 

dil. sulphuric acid on iron sulphide. 

𝐹𝑒𝑆 + 𝐻2𝑆𝑂4 → 𝐹𝑒 𝑆𝑂4 + 𝐻2𝑆 

The residue after the reaction is over, contains ferrous sulphate and some unreacted sulphuric 

acid. In order to recover ferrous sulphate, the Kipp’s waste is warmed with a little more 

sulphuric acid and a pinch of iron filings 

𝐹𝑒 + 𝐻2𝑆𝑂4 → 𝐹𝑒𝑆𝑂4 + 2𝐻(𝑛𝑎𝑠𝑐𝑒𝑛𝑡) 

The reaction between iron filings and the acid, accompanied by evaporation, brings about 

concentration of the FeSO4solution to the crystallization point. The hydro gen evolved provides 
a reducing atmosphere and thus protects ferrous sulphate from oxidation to ferric sulphate. 

Rather, if any ferric sulphate is already present in the solution, it is reduced to ferrous sulphate 

again. 

𝐹𝑒2(𝑆𝑂4)3 +  2𝐻 → 2𝐹𝑒𝑆𝑂4 + 𝐻2𝑆𝑂4 

The solution is finally filtered and crystals of FeSO4.7H2O are obtained on cooling. 

Requirements: 
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Kipp’s waste = 50 mL 

Conc. Sulphuric acid = 5mL 

Iron filings as needed. 

Procedure. Take about 50mL of the Kipps’s waste in a 400 mL China dish and dilute it with an 

equal amount of water. Add about 5 mL of concentrated sulphuric acid and a pinch or two of 

iron filings. Heat the dish on a low flame. When a brisk effervescence starts, remove the burner. 
You may heat again when the reaction slows down. Add more iron filings or the acid to 

rejuvenate the effervescence, if necessary. At intervals wet a glass rod with the liquid, and touch 

it with a drop of potassium sulphocyanide solution placed on a glazed tile. If no red colouration 
is produced, it indicates the complete absence of the ferric sulphate in the solution. Filter 2-3 

mL of the liquid in a test-tube and cool it under the tap; the appearance of tiny crystals shows 

that the crystallization point has reached. Now filter the whole solution into a china dish placed 
in cold water. The bluish green crystals of FeSO4.7H2O will soon begin to separate out. After 

about an hour, pour off the mother liquor and wash the crystals with a little distilled water. 

Finally dry them by placing between folds of filter papers or by spreading on a porous plate. 

Precautions: 

During concentration stirring or strong heating should be avoided. This would cause the 

oxidation of ferrous sulphate. 

The ferrous sulphate crystals should be preserved in a corked test-tube, because the salt 

effloresces in air. 

11.3.0.0 Viva questions 

1 Define the terms: Crystallization and seeding? 

The process of obtaining well shaped crystals of a compound by slowly cooling the hot 

saturated solution of the compound is called crystallization. The process of quick separation of 

crystals from the hot saturated solution by placing a crystal of the same substance in the solution 

is called seeding. 

2. What is mother liquor? 

The liquid in which the crystals are present is called mother liquor and it contains impurities. 

Crystals are separated from the mother liquor by filtration. 

3.Define crystal? 

Crystal is a solid particle in which the constituent molecules, atoms or ions are arranged in some 

fixed and rigid, repeating three-dimensional pattern or lattice. 

4.What are alums? 

An alum is a type of double salt of aluminium and the most common is Potassium aluminium 

sulphate. Generally, alums have the formula M2 SO4. M’2 (SO4)3 24H2O, where M is a divalent 

and M’ is a trivalent atom. 

5 What are isomorphous substances? 

6 How will you remove insoluble impurities from a substance? 

First dissolve the substance in suitable solvent and then filter it to remove insoluble impurities.  

7 Why sudden cooling is avoided while doing crystallization? 
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Sudden cooling decreases the size of the crystals. Slow cooling is done to get bigger size 

crystals. 

8 What is the action of heat on potash alum? 

On mild heating potash alum dissolves in the water of crystallization present in the molecule. 

On strong heating water molecules evaporate and finally the potash alum consists of alumina 

and sulphate of potash. 

9 What are the uses of potash alum and what is its common name? 

Potash alum is commonly called phitkari. It is a transparent white salt like chemical which is 

used as bhasma to treat problems like diarrohea, dysentery, mouth ulcers and to manage 

whooping cough. 

10 Why are potash alum and chrome alum considered as isomorphous crystals? 

Isomorphous crystals are those in which geometrically similar structural units are arranged in 
similar ways.  Since   chrome alum has the same symmetry and structure as that of potash alum, 

so they are isomorphous crystals. Moreover, a crystal of potash alum can be over grown on top 

of crystal of chrome alum and vice versa which is also a feature of isomorphous crystals. 

11.How can the cis and trans forms of   a complex be formed by using same reagents? 

By changing the conditions of formation of the complex the ratio of two forms in the product 

can be varied. 

12 Why is the structure of tetraamine copper complex ion square planar and not tetrahedral? 

In tetraamine copper complex ion, the central atom copper undergoes dsp2 hybridization and not 

sp3, so it is square planar. 

13 What is the colour of hexaamine nickel chloride complex? 

Green colour. 

14 What is ligand replacement reaction? How is the complex hexaamine nickel chloride formed 

by this reaction? 

Nickel forms a green-coloured octahedral complex with water molecules having formula [Ni 
(H2O)6 ]

2+. Addition of ammonia to its solution causes a series of substitution reactions in which 

water is replaced by ammonia molecules. This replacement forms hexaammine nickel complex 

having the formula [Ni (NH3)6 ]
2+. Since both water and ammonia are ligands so this is called 

ligand replacement reaction. 

15 Why copper sulphate when mixed with aqueous ammonia does not give the test of copper 

ions? 

Copper sulphate when mixed with ammonia forms a complex ion [Cu (NH3)4]
2+, in which 

copper ion loses its individuality as simple ion Cu2+. 

16 What is the correct name of complex Hg [Co (CNS)4]? 

Mercury tetrathiocyanato cobaltate (II) 

17 Why is a fume hood necessary while preparing tetraamine copper sulphate or hexa amine 

nickel chloride? 

A fume hood is a type of local ventilation device fitted in the labs and is designed in such away 
so as to limit the exposure to toxic fumes. In the preparation of both hexaammmine nickel 
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chloride and tetraamine copper sulphate, concentrated ammonia is used which has toxic fumes. 

So, a fume hood is essential when concentrated ammonia is being added. 

18 What is the difference between a double salt and a complex? Which among the following is a 

double salt: Potash alum or tetraamine copper sulphate? 

19 What is Kipp’s apparatus and what type of waste is generated from it? 

Kipp’s apparatus is also called Kipp’s generator and is used to prepare small volumes of H2 S 

gas. The following reaction takes place in the kipp’s apparatus: 

𝐹𝑒𝑆 + 𝐻2𝑆𝑂4 → 𝐹𝑒 𝑆𝑂4 + 𝐻2𝑆 

After the preparation of this gas the waste left behind in the apparatus is called Kipp’s    waste. 

It      usually contains Ferrous sulphate along with small amount of sulphuric acid. 

Why is Kipp’s apparatus so called? 

The Kipp’s apparatus Was invented by Dutch scientist P.Jacob  Kipp and is therefore called 

Kipp’s apparatus. 

21 Name a complex formed by a metal which is not a transition metal. Which property enables 

it to form a complex? 

Aluminium forms complex like Potassium trioxalato aluminate (III). Though aluminium is not a 
transition metal still it forms a complex because of its small size and high charge, its polarizing 

power increases and it forms octahedral complex. 

22 Can aluminium foil be used as a starting material for preparing the complex potassium 

trioxalato aluminate (III)? 

Yes, aluminium foil can be used as a starting material for preparing the complex because 

aluminium foil is a thin sheet of aluminium metal only. 

23 What are geometrical isomers. Can they be prepared in laboratory using same method of 

preparation? 

Geometrical isomers are metal complexes in which the coordinating metal ion has the same set 

of ligands which vary in the arrangement around metal ion in space. In other words geometrical 
isomers have same molecular formula but different arrangement of ligands around central metal 

ion. They are a type of stereoisomers and also known as cis trans isomers. The method of 

preparation for the two isomers are different, thought he starting material used for preparation 

can be same. 

24 Name the first synthetic pigment? 

The first synthetic pigment was Prussian blue which is also known as Berlin blue. Chemically it 

is Iron (III) hexacyanoferrate (II). 

25 What is the similarity and difference between Prussian blue and Turnbull’s blue? 

Prussian blue and Turnbull’s blue both have the same chemical composition. The only 

difference is the reactants involved in their formation. When a ferric salt solution is treated with 
potassium ferrocyanide complex, we get potassium ferric –ferrocyanide or Prussian blue. When 

a ferrous salt solution is treated with potassium ferricyanide complex, we get potassium ferro-

ferricyanide complex or Turnbull’s blue. So we can say that Prussian blue is K FeIII[FeII(CN)6]  
and Turnbull’s blue is K FeII[FeIII(CN)6]. Thus, Prussian blue and Turnbull’s blue are identical 

compounds. 
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26 What precautions should be taken preparing Prussian blue from potassium ferrocyanide? 

Potassium ferrocyanide should not come in contact with strong acids which may lead to 

evolution of toxic hydrogen cyanide gas. 

27 What are the other uses of Prussian blue besides being used as a pigment in paints and inks? 

Prussian blue has medicinal importance also. It binds up with certain metals like thallium and 

caesium and is therefore used to eliminate these metals from the body. 

28 What is limiting and excess reagent? 

The reagent that limits the amount of product that can be formed in a reaction is called limiting 

reagent. It means the reaction occurs until the limiting reagent is used up. The reagent that is not 

completely used up in a reaction is called excess reagent. 

29 While preparing cis potassium diaquabis(oxalato)chromate (III) dehydrate, how can trans 

form be eliminated? 

While preparing this complex, if the reactants are used in solid phase and no reaction is not 

carried out in aqueous phase, trans form is eliminated. 

30 While preparing the geometrical isomers of diaquabis(oxalato)chromate (III) dehydrate how 

can the purity of cis isomer be checked? 

Take one or two crystals of the compound on a filter paper and add few drops of dilute aqueous 

ammonia. The cis isomer forms a dark green coloured solution whereas trans isomer forms a 

light brown coloured solid. 

31 Why during the formation of cis –potassium dioxalatodiaquachromate (III), gentle heating is 

required instead of strong heating? 

During the preparation of cis –potassium dioxalatodiaquachromate (III), strong heating can 

cause the reaction to go out of control and may lead to explosion. 

32 In the preparation of tetra ammine carbonato cobalt nitrate complex, why the cooling is 

carried out in ice cold water? 

The crystals of this complex are soluble in water, ice cold water prevents the dissolution of 

crystals to some extent. 

33 During the preparation of tetraammine copper sulphate, initially a blue precipitate is formed. 

What is the chemical composition of this blue precipitate? 

During preparation of tetra amine copper sulphate, when small amount of ammonia is added to 

copper sulphate solution, blue precipitate of copper hydroxide are formed. 

34 What is a Buchner funnel and what is its use? 

Buchner funnel is a special large funnel made of ceramic which helps in fast filtration using a 

vacuum pump. This funnel has perforations on top and filter paper can be placed over it. 

35 Which is faster: vacuum filtration or gravity filtration?  Vacuum filtration using the Buchner 

funnel is faster than gravity filtration. 

36 Can we prepare cuprous chloride by reduction of cupric chloride? 

Yes, cuprous chloride CuCl can be prepared by reduction of cupric chloride CuCl2. 

37 Why white cuprous chloride sometimes appears green? 
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Cuprous chloride, more commonly called copper(I) chloride is a white coloured simple 

inorganic compound. Sometimes it appears green due to impurities of cupric chloride which is 

copper(II) chloride and is green in colour. 

38 What does the term vitriol mean? What is green vitriol and blue vitriol? 

The term vitriol is a general chemical name which means compounds containing sulphates of 

some metals like iron, copper. Ferrous sulphate (FeSO4.7H2O) is specifically called green vitriol 
and copper sulphate (CuSO4.5H2O) is specifically called blue vitriol due to their green and blue 

colour respectively. 

39 How is sulphurous acid prepared and what is its use? 

Sulphurous acid is prepared by dissolving 0.3g of sodium sulphite in 250 ml of water and then 

adding 3 ml of 2M hydrochloric acid. This is used as a reducing agent in the preparation of 

cuprous chloride from cupric chloride. 

40 What is the formula of sulphurous acid and how does it act as a reducing agent? 

Sulphurous acid is H2SO3. The oxidation state of sulphur in sulphurous acid is +4. Since sulphur 

can extend its oxidation state to +6, i.e., it can undergo oxidation; therefore, it acts as a reducing 

agent. 

41 What is meant by efflorescent and deliquescent salts? 

Salts which absorb water from the atmosphere, dissolve in the absorbed water and finally form a 

salt solution are deliquescent salts. Example of such salts is Ammonium chloride, sodium 
nitrate, calcium chloride. Efflorescent salts are solid compounds which can undergo 

spontaneous loss of water from their hydrated forms. In efflorescence when the water 

evaporates, a white powdery coating is left on the surface. Hydrated salts like blue vitriol 

CuSO4.5H2O and green vitriol undergo efflorescence. 

42 What is recrystallisation? How is it done? 

Recrystallisation is a   purification technique for solid compounds in which the already formed 

crystals of the compound are heated in a suitable solvent to get a concentrated solution   and 
after removing the impurities by filtration, they ate allowed to cool. In this process the crystals 

assume new shape. To get larger crystals cooling is done slowly during the process of 

recrystallisation. 

 

 

“The country which is in advance of the rest of the world in chemistry will also be foremost 

in wealth and in general prosperity.” 

William Ramsay, 1852 – 1916 

 

 

 Inorganic Chemistry was not a prominent field until Noble Prize winner Alfred 

Werner (1866-1919) studied the metal amine complexes [Co(NH 3)6]Cl3 . 
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Reagents are chemical substances which are added to bring about a chemical reaction. In a 

laboratory reagent are of different types and placed at different places in the laboratory. The 
acids and bases of different concentrations are kept on the working bench. Some other 

inorganic, organic reagents are kept at a side on reagent shelves. The reagents are kept in 

specific reagent bottles with proper labels. The reagents need to be placed on their respective 

places after being used. The preparation of reagents plays an important role in the accuracy of 

the results of an experiment. So, while preparing reagents certain points are to be kept in mind 

The apparatus used for preparing reagents and solutions should be clean and dry. 

The chemicals should never be handled with bare hands. 

The amount of a chemical required for preparing reagent should be properly calculated and 

accurately weighed. 

Proper procedure and precaution should be followed for preparation of a reagent. 

While diluting the commercially available concentrated acids always add acid to water. 

The label on the stock bottle of commercially available acids should be properly read before 

deciding the amount of such a solution to be taken. example 98% w/w H2SO4 means 98 g of the 

acid is in 100 g of solution, 30% w/v of H2O2 means 30 g in 100 mL of solution, 20% v/v 

acetone means 20 mL of acetone in 100 mL of solution. 

Distilled water is required in many preparations, so its availability should be ensured before 

starting the preparation. 

Deionized water can also be used for preparations if distilled water is not available. [Deionized 

water is also free of inorganic impurities and suspended particles just like distilled water but 

may contain organic contaminants unlike distilled water]. 

Some solutes dissolve faster in warm solvents, so heating may be necessary in preparation of 

some solutions. Heating should be done carefully specially when the solvent is flammable and 

volatile. 

Warm solutions should be cooled to room temperature before being made up to the required 

volume. 

Do not use chemicals from unlabelled containers. 

The reagents once prepared should be stored in properly labelled bottles. 

The label on the bottle should have name of the reagent, date of preparation, concentration, 

hazard warning and safety measures regarding its use. 

Use fume hood if fumes are likely to be evolved specially in case of acids and ammonia 

solution. 

Always transfer the solid solute to the volumetric flask with the help of funnel. 

A general knowledge of basic solubility rules of inorganic solutes in water is essential to make a 

clear solution. 

Basic knowledge of molarity, normality, molecular weights, specific gravity and concentrations 

of commercial samples helps in preparing solutions. 

Filter the solutions before filling the reagent bottles with them. 
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Dilute acids and bases: 

Solutions of known concentration are often prepared from a commercially available or already 
prepared more concentrated solution called the stock solution. This is done by adding water and 

is known as dilution. All the solute in the diluted solution comes from stock solution and 

therefore the number of moles/ gram equivalents in the concentrated solution should be equal to 

the number of moles /gram equivalents in the dilute solution. So, the principle of dilution is to 

equate the number of moles/g equivalents of the two solutions. Mathematically we can say 

𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 𝑜𝑓 𝑜𝑟𝑖𝑔𝑖𝑛𝑎𝑙 𝑠𝑡𝑜𝑐𝑘 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑀𝑜𝑙𝑒𝑠 𝑜𝑓 𝑠𝑜𝑙𝑢𝑡𝑒 𝑜𝑓 𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

Moles of solute per unit volume = Molarity 

Moles of solute= Molarity(M)× Volume(V) 

𝑔𝑟𝑎𝑚 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑜𝑓 𝑜𝑟𝑖𝑔𝑖𝑛𝑎𝑙 𝑠𝑡𝑜𝑐𝑘 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 = 𝑔 𝑒𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡𝑠 𝑜𝑓 𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛 

No of g eq. per unit volume = Normality 

Number of g eq. = Normality(N)× Volume(V) 

Let Moles of solute of original stock solution= M1V1 

Moles of solute of required solution= M2V2 

∴ 𝑀1𝑉1(𝑠𝑡𝑜𝑐𝑘 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑀2𝑉2(𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) … … … … … … (1) 

𝑜𝑟 𝑁1𝑉1(𝑠𝑡𝑜𝑐𝑘 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑁2𝑉2(𝑟𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑠𝑙𝑢𝑡𝑖𝑜𝑛) … … … … … … (2) 

Equation 1 and 2 are called molarity and normality equations and used for dilution. 

Some solved examples of preparation of bench reagents (Acids and Bases) 

500 mL of 5N acetic acid: Normality of commercial acid=14.3 

Using normality equation 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑐𝑖𝑑) 

𝑉1 = 
𝑁2𝑉2

𝑁1
= 5 ×

500

14.3
= 174.82 

Take 174.82 mL of given glacial acetic acid. Transfer it to 500 mL of a volumetric flask and add 

distilled water up to the mark. Label the flask with name of chemical, its normality, batch 

number and date. 

Precautions: While preparing the solution avoid contact with eyes, skin as glacial acetic acid is 

corrosive in nature. Avoid the fumes by keeping the contents in a closed container. 

1 L of 5N Hydrochloric acid. (dilute) 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑐𝑖𝑑) 

𝑉1 = 
𝑁2𝑉2

𝑁1
= 5 × 1000/12 = 416.6 

Take 416.6 mL of given hydrochloric acid and pour it slowly to 500 mL of distilled water taken 

in a  1 L volumetric flask. Make up the solution up to the etched mark in the flask. Label the 

flask with name, concentration, batch number and date. 

Precautions: Always add acid to water and not water to acid to avoid splashing. Handle the 
concentrated acid with safety as it is highly corrosive and can cause burns. Try to avoid the 
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fumes of concentrated acid. Keep the container closed to avoid fumes. The preparation can be 

done under fume hood also. 

To prepare 1 L of hydrochloric acid of concentration 0.4 mol dm
-3

. Provided stock solution 

of molarity 0.50 mol dm
-3

. 

𝑈𝑠𝑖𝑛𝑔 𝑚𝑜𝑙𝑎𝑟𝑖𝑡𝑦 𝑒𝑞𝑢𝑎𝑡𝑖𝑜𝑛 𝑀1𝑉1(𝑠𝑡𝑜𝑐𝑘 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) = 𝑀2𝑉2(𝑓𝑖𝑛𝑎𝑙 𝑠𝑜𝑙𝑢𝑡𝑖𝑜𝑛) 

0.50 ×  𝑉1 = 0.4 × 1 

𝑉1 =
0.4

0.50
= 0.8 𝑑𝑚−3 

Take 800 mL of concentrated hydrochloric acid and make the volume to 1 L by adding the acid 
slowly in small slots to distilled water. Label the flask with name, concentration, batch, date and 

warning signs. 

Precautions: Same as in preparation 2. 

To prepare 1 L of 5N Nitric acid 

Normality of commercial acid=16 N 

Using normality equation 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑐𝑖𝑑) 

𝑉1 = 
𝑁2𝑉2

𝑁1
= 5 × 1000/16 = 312.5 mL 

Take 312.5 mL of given nitric acid. Pour it slowly into 500 mL of distilled water taken in 1 L of 

a volumetric flask and add distilled water up to the mark. Label the flask with name of 

chemical, its normality, batch number and date. 

Precautions: While preparing the solution avoid contact with eyes, skin as nitric acid is 

corrosive in nature. Avoid the fumes by keeping the contents in a closed container. Since nitric 

acid is an oxidizing agent so keep it away from oxidizable reagents 

To prepare 1 L of 5N sulphuric acid (dilute) 

Normality of commercial acid=36 N 

Using normality equation 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑐𝑖𝑑) 

𝑉1 = 
𝑁2𝑉2

𝑁1
= 5 × 1000/36 = 138.8 mL 

Take 138.8 mL of concentrated sulphuric acid. Pour it slowly to  500 mL of distilled water and 

make the volume up to the mark. Label the flask with name of chemical, its normality, batch 

number and date. Keep the container closed. 

Precautions: While preparing the solution be careful in handling concentrated sulphuric acid as 
it is highly corrosive. Always add acid to water and not water to acid as sulphuric acid reacts 

violently with water as the reaction is highly exothermic.  Preferably acid resistant protective 

clothing should be used while preparing the solution. It can cause permanent damage to skin if 

spilled on skin, so safe handling is essential. 

 

To prepare 1 L of 5N Ammonia solution 
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Normality of concentrated ammonia=15 N 

Using normality equation 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑎𝑚𝑚𝑜𝑛𝑖𝑎) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑎𝑚𝑚𝑜𝑛𝑖𝑎) 

𝑉1 = 
𝑁2𝑉2

𝑁1
= 5 × 1000/15 = 333.3 mL 

Take 333.3 mL of the concentrated ammonia solution in  1 L volumetric flask and make the 
volume up to the 1 L mark by adding distilled water. Label the container with name, batch 

number and date. Close the container to avoid fumes. 

Precaution: While preparing the solution safety glasses and mask should be worn because the 

fumes of liquid ammonia are harmful for respiratory system and can cause irritation to 
respiratory tract if inhaled.  Moreover, the dilution process should be carried out in an open 

ventilated space so that the fumes are dispersed. If available the solution can be prepared under 

a fume hood. The prepared solution should be kept in a closed container. 

Prepare 1 L of 5N /5M solution of sodium hydroxide. 

Sodium hydroxide is commonly available in the laboratory in the form of solid pellets and its 

reaction with water is exothermic. The molecular mass of sodium hydroxide is 40 and its 
equivalent weight is also 40. So, both the solutions 5N and 5M require same amount of sodium 

hydroxide. This amount of sodium hydroxide is calculated by using the formula 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = 𝑤 × 1000 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑚𝐿 

∴ 𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 = 5 × 40 × 1000 ÷ 1000
= 200 𝑔 

𝐼𝑛 𝑠𝑖𝑚𝑝𝑙𝑒 𝑡𝑒𝑟𝑚𝑠, 𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 

𝑜𝑟 𝑤 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 

Weigh 200g of the solute (Sodium hydroxide pellets). Transfer the pellets to a 1 L Volumetric 

flask and dissolve in 200 mL distilled water. Make up the solution to 1 L with distilled water. 

Precaution: Do not touch the pellets, handle them with spatula. Since sodium hydroxide is a 

deliquescent solid so before preparing the solution, the solid pellets should be checked for any 
moisture. The reaction is exothermic so the flask should be kept at constant temperature of 

20℃ for an hour once the solution has been prepared. 

To prepare 3M or 9N Phosphoric acid (H3PO4): The commercially available phosphoric acid 

is 43.8 N or 14.6 M. 

Using normality equation 

𝑁1𝑉1(𝐴𝑣𝑎𝑖𝑙𝑎𝑏𝑙𝑒 𝑃ℎ𝑜𝑠𝑝ℎ𝑜𝑟𝑖𝑐 𝑎𝑐𝑖𝑑) = 𝑁2𝑉2(𝑅𝑒𝑞𝑢𝑖𝑟𝑒𝑑 𝑝ℎ𝑜𝑠𝑝ℎ𝑜𝑟𝑖𝑐 𝑎𝑐𝑖𝑑) 

𝑉1 = 
𝑁2𝑉2

𝑁1
=9× 1000 ÷ 43.8 = 205.47 𝑚𝐿 

Take 204.5 mL of phosphoric acid in a volumetric flask and make the solution to 1 litre with 

distilled water. 

Note 1: As the percentage and specific gravity of the commercially available sample of acid is 
given on the bottle, so the normality and hence molarity of the commercial sample of acid can 

be calculated by using the formula 
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𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 = % × 𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 𝑔𝑟𝑎𝑣𝑖𝑡𝑦 × 10 ÷ 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑤𝑒𝑖𝑔ℎ𝑡 

𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 = % × 𝑠𝑝𝑒𝑐𝑖𝑓𝑖𝑐 𝑔𝑟𝑎𝑣𝑖𝑡𝑦 × 10 ÷ 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 

Note 2: For liquid solutes like acids, required volume for dilution can be calculated by formula 

𝑉 = 100 × 𝑀𝑜𝑙. 𝑚𝑎𝑠𝑠 × 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙 𝑖𝑛 𝐿 ÷ 𝑝𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 × 𝑑𝑒𝑛𝑠𝑖𝑡𝑦 

To prepare 1 L of 6M sulphuric acid from a commercial sample of sulphuric acid whose 

density and percentage purity are 1.84 g/cm
3
 and 96% respectively. 

The volume of commercial sample of sulphuric acid required to prepare 1 L of 6M sulphuric 

acid can be calculated using the formula 

𝑉 = 100 × 𝑀𝑜𝑙. 𝑚𝑎𝑠𝑠 × 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙 𝑖𝑛 𝐿 ÷ 𝑝𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 × 𝑑𝑒𝑛𝑠𝑖𝑡𝑦 

𝑉 = 100 × 98.08 × 6 × 1 ÷ 96 × 1.84 = 333𝑚𝐿 

Dilute 333 mL of given commercial sample of sulphuric acid to one L with distilled water. 

Precaution: Add acid to water slowly in small volumes and allow the heat generated to dissipate 

before adding the second slot of acid. 

The percentage purity, specific gravity and molarity of some common acids is given below 

S. No Reagent Formula/M.Wt. Specific gravity % Purity Molarity 

1. Acetic acid CH3COOH/60 1.05 99.5 17.41 

2. Ammonia NH3 /17 0.88 35 18.11 

3. Hydrochloric acid HCl/36.5 1.18 36 11.63 

4. Nitric acid HNO3/63 1.42 70 15.7 

5. Sulphuric acid H2SO4 /98 1.82 98 18.2 

6. Phosphoric acid H3PO4/ 97 1.69 85 14.8 

Some solved examples of preparation of side bench reagents from solid solutes 

For solid solutes, amount of solute to be weighed for preparing solution of particular 

concentration is given by: 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 

𝑤 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑀𝑜𝑙𝑒𝑐𝑢𝑙𝑎𝑟 𝑚𝑎𝑠𝑠 𝑜𝑓 𝑖𝑛 
𝑔

𝑚𝑜𝑙
× 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 

For solid solutes whose percentage purity (%) is given; formula for w is 

𝑤 = 100 × 𝑀𝑜𝑙. 𝑚𝑎𝑠𝑠 × 𝑀𝑜𝑙𝑎𝑟𝑖𝑡𝑦 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 ÷ 𝑔𝑖𝑣𝑒𝑛 𝑝𝑒𝑟𝑐𝑒𝑛𝑡𝑎𝑔𝑒 𝑝𝑢𝑟𝑖𝑡𝑦 

 

To Prepare 1 L of Ammonium carbonate solution. (4N/2M) 
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Ammonium carbonate is also known as baker’s ammonia. It is a non-toxic white crystalline salt 

with molecular mass 96. However, its equivalent weight is 48, so a 4N solution of ammonium 

carbonate is prepared in same way as 2M solution of ammonium carbonate. 

Let amount of ammonium carbonate required to prepare 1 L of 4N/2M solution =w g 

∴ 𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 = 4 × 48 × 1000 ÷ 1000
= 192 𝑔 

Weigh 192 g of ammonium carbonate salt and dissolve it in 140 mL of concentrated ammonia 

solution taken in a 1 L Volumetric flask. After complete dissolution, make up the volume to 1 L 

with distilled water. Stopper the flask to avoid fumes of ammonia. Label the container with 

name, concentration, batch number, date and warning signs. 

Precaution: Concentrated ammonia is an irritant for respiratory system, so it should be used 

carefully. The fumes of ammonia should be removed under fume-hood. Proper mask and safety 

glasses should be worn before using concentrated ammonia. If ammonia is inhaled the person 

should be moved to open air immediately. 

To Prepare 1 L of 5N Ammonium chloride solution 

The molecular weight /Equivalent weight of ammonium chloride is 53.5 and to prepare 1 L of 

5N solution let the amount of ammonium chloride required=w g 

∴ 𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 = 5 × 53.5 × 1000 ÷ 1000
= 267.5 𝑔 

Weigh 267.5 g of ammonium chloride, dissolve it in 200 mL of distilled water taken in a 1 L 

volumetric flask. When the dissolution is complete, make up the volume to 1 L with distilled 

water. Stopper the flask to avoid fumes of ammonia. Label the container with name, 

concentration, batch number, date and warning sign. 

Precaution: Ammonium chloride is moderately hazardous and can irritate the skin, eyes and 

respiratory system. So, avoid touching the salt, use spatula to transfer the salt to flask and wear 

mask and safety glasses to avoid ammoniacal fumes. 

To Prepare 1 L of 0.5N/0.25M Ammonium oxalate solution 

Ammonium oxalate has a molecular mass of 142 and equivalent weight of 71. Let the amount of 

ammonium oxalate required to prepare 1 L of 0.5N /0.25M solution = w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 = 0.5 × 71 × 1000 ÷ 1000
= 35.5 𝑔 

Weigh 35.5 g of ammonium oxalate, transfer it to 1 L of volumetric flask. Dissolve it in 500 mL 

distilled water and make up the volume to 1 L. Stopper the flask and label it with name, 

concentration, batch number, date and warning signs. 

To prepare 1 L of 0.1N Silver nitrate solution (AgNO3) (Equivalent weight/Molecular weight 

169.87) Let the weight of silver nitrate required =w g. 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

=0.1× 169.87 × 1000 ÷ 1000 = 16.987 𝑔 

Weigh 16.987 g of silver nitrate, dissolve in little water and make up the solution to 1 L. 

To prepare 1 L of 1M or 2N sodium carbonate solution (Na2CO3, Molecular weight 106, 

Equivalent weight 53): 
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Let the weight of sodium carbonate required =w g. 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 2 × 53 × 1000 ÷ 1000 = 106 𝑔 

Weigh 106 g of sodium carbonate and dissolve in little water. Transfer to 1 L of volumetric 

flask and make the volume up to the mark with distilled water. 

To prepare 1 L 2N or 1M ammonium sulphate solution (NH4)2 SO4 (Molecular weight=132; 

Equivalent weight=66) Let the weight of ammonium sulphate required =w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 2 × 66 × 1000 ÷ 1000 = 132 𝑔 

Weigh 132 g of ammonium sulphate and dissolve in little water. Transfer to 1 L of volumetric 

flask and make the volume to 1 L with distilled water. 

To prepare 0.5 N ferric chloride solution (FeCl3) Molecular weight =Equivalent 

weight=270.Let the weight of ferric chloride required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 0.5 × 270 × 1000 ÷ 1000 = 135 𝑔 

Take 100 mL of distilled water, add to it slowly 20 mL of concentrated HCl. Weigh 135 g of 
ferric chloride and dissolve in the acidic solution. Add more distilled water to make the solution 

1 L. 

To prepare Neutral ferric chloride (20%) 

Dissolve 20 g of ferric chloride in 100 mL of water. Add ammonium hydroxide solution 
dropwise till red precipitate of ferric hydroxide are formed. Filter the solution and use the 

filtrate as neutral ferric chloride. 

To prepare    1 L of   0.1 N ferrous sulphate solution (FeSO4.7H2O) Molecular weight= 

Equivalent weight=278. 

Let the amount of ferrous sulphate required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 0.1 × 278 × 1000 ÷ 1000 = 27.8 𝑔 

Weigh 27.8 g of hydrated ferrous sulphate. Transfer it to volumetric flask and add 10 mL of 

concentrated sulphuric acid. Add little water to dissolve it and on dissolution add more water to 

make the volume to  1 L. 

To prepare 1 L of 0.1 N lead acetate solution (CH3COO)2Pb. Molecular weight=325.2 g, 

Equivalent weight=162.6 g 

Let the weight of lead acetate =w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 0.1 × 162.6 × 1000 ÷ 1000 = 16.26 𝑔 

Weigh 16.26 g of lead acetate and dissolve in 100 mL of distilled water. Add more water to 

make up the volume to  1 L. 
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To prepare 1 L of 2N ammonium acetate solution (CH3COONH4) Molecular weight 

=Equivalent weight =77.08. 

Let the weight of ammonium acetate required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 2 × 77.08 × 1000 ÷ 1000 = 154.16𝑔 

Dissolve 154.16 g of ammonium acetate in 1 L of distilled water. 

To prepare 1 L of 0.5N Barium chloride solution (BaCl2.2H2O) Molecular weight 

=Equivalent weight=244.26 g 

Let the weight of barium chloride required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 0.5 × 244.26 × 1000 ÷ 1000 = 61  𝑔 

Weigh 61 g of the salt and dissolve in 1 L of water. 

To prepare 1 L of 0.1 N Iodine solution (I2) Molecular weight=253.8, Equivalent weight=127 

Let the weight of iodine required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 = 0.1 × 127 × 1000 ÷ 1000 = 12.7 𝑔 

Weigh 12.7 g of iodine and add 25 g of solid potassium iodide. Dissolve iodine crystals in KI 

and add little water. When the dissolution of iodine is complete, add more distilled water to 

make up the solution to 1 L. 

To prepare 1 L of 0.1N potassium iodide solution (KI): Molecular weight=Equivalent 

weight=166 

Let the weight of KI required=w g 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑡 × 𝑉𝑜𝑙 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑤 =  0.1 × 166 × 1000 ÷ 1000 = 16.6 𝑔 

Weigh 16.6 g of potassium iodide and dissolve in  1 L of distilled water. 

To prepare 500 mL of 0.5 N copper sulphate (CuSO4.5H2O) Molecular weight=Equivalent 

weight=249.5 

𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝑚𝐿 ÷ 1000 

𝑜𝑟 𝑤 = 𝑁𝑜𝑟𝑚𝑎𝑙𝑖𝑡𝑦 × 𝐸𝑞𝑢𝑖𝑣𝑎𝑙𝑒𝑛𝑡 𝑤𝑒𝑖𝑔ℎ𝑡 × 𝑉𝑜𝑙𝑢𝑚𝑒 𝑖𝑛 𝐿 

𝑤 = 0.5 × 249.5 × 0.5 = 62.375 𝑔 

Dissolve 62.375g of copper sulphate in water containing 5 mL of concentrated sulphuric acid 

and make the volume to 500 mL with distilled water. 

 

 

Preparation of some common reagents 

Sr. Name of Molecular Preparation Strength, approx. 
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No. reagent 

 

Mass Normality Molarity 

1. Ammonium 

thiocyanate; 

NH4SCN 

76 Dissolve 38 g of salt in water 

and make the solution 1 L. 

0.5 N 0.5 M 

2. Ammonium 
nitrate; 

NH4NO3 

80 Dissolve 80 g of the 
substance in 1 L of distilled 

water 

1N 1M 

3. Ammonium 

acetate; 

CH3COONH4 

77 Dissolve 154g of substance 

in 1 L of distilled water. 

2N 2M 

4. Ammonium 
carbonate; 

(NH4)2CO3 

96 Dissolve 160 g of substance 
in one liter of mixture made 

by adding 140 mL 

concentrated ammonia and 

860 mL of distilled water 

4N 2M 

5. Ammonium 
chloride; 

NH4Cl 

53.5 Dissolve 270 g of the 
substance in 1 L of distilled 

water. Shake and filter out 

the undissolved substance. 

Use the filtrate. 

5N 5M 

6. Ammonium 
hydroxide; 

NH4OH 

 Take 340 mL of concentrated 
ammonia and make the 

solution to 1 L 

5N  

7. Ammonium 

oxalate; 

(NH4)2C2O4 

142 Dissolve 35 g of the 

substance in 1 L of distilled 

water. 

0.5N 0.25M 

8. Ammonium 
sulphate; 

(NH4)2SO4 

132 Dissolve 132 g of salt in 1 L 

distilled water. 

2N 1M 

9. Ammonium 

molybdate; 

(NH4)2MoO4 

196 Take 40 mL of concentrated 

ammonia, 60 mL of distilled 

water and 100 g of 
ammonium nitrate. To this 

mixture add 45 g of 

ammonium molybdate and 
make the solution to 1 L with 

distilled water. 

  

10. Ammonium 

hydrogen 

phosphate; 

(NH4)2HPO4 

132 Dissolve 24.6 g of the salt in 

200 mL of distilled water and 

make the solution to 1 L 

0.5N  

11. Bromine water; 

Br2 
79.9 Take 12.9 mL of liquid 

bromine with the help of 

burette in a 1 L volumetric 

flask and make the volume 
up to the mark with distilled 

0.5 N 0.25 M 
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water. 

12. Barium 

chloride 

hydrated; 

BaCl2.2H2O 

244 Dissolve 61 g of the salt in 

200 mL distilled water and 

make the volume to 1 L. 

0.5N 0.25 M 

13. Barium 
hydroxide 

(Baryta water); 

Ba(OH)2 

171 Dissolve 66 g of the salt in 1 

L of distilled water. 

0.4N 0.4 M 

14. Bismuth 

chloride; 

BiCl3 

315 Dissolve 26 g of Bismuth 

chloride in 500 mL of dilute 

HCl 

0.5 N 0.17M 

15. Bismuth nitrate 

solution 

Bi(NO3)3 

394 Add 100 mL of dilute nitric 
acid to 500 mL of water and 

dissolve 80 g of bismuth 

nitrate in it. Make up the 

volume to 1 L with distilled 

water. 

 0.2M 

16. Ferric chloride 

hydrated; 

FeCl3.6H2O 

270 Dissolve 135 g of hydrated 

salt in 1 L of distilled water 

containing 20 mL of 

concentrated   HCl 

 0.5M 

17. Calcium 
chloride; 

CaCl2. 

111 Dissolve 55 g of salt in 
distilled water and make the 

solution to 1 L. 

0.5N 0.25M 

18. Cobalt nitrate; 

Co(NO3)2.6H2

O 

291 Dissolve 44 g of the salt in 

water and make the solution 

to 1 L. 

0.3N 0.15M 

19. Chlorine water; 

Cl2 

71 Prepare saturated solution by 
passing chlorine gas in 

distilled water. 

3N 1.5M 

20. Caustic potash; 

KOH 

56 Dissolve nearly 28 g of 

potassium hydroxide in 

distilled water and make up 

to 1 L 

0.5 N 0.5M 

21. Alcoholic 

Caustic Soda; 

NaOH 

40 Dissolve 20 g of caustic soda 

in 1 L of rectified spirit. 
0.5N 0.5M 

22. Lime water; 

Ca(OH)2 

74 Dissolve 3 g of calcium 

hydroxide in 1 L of distilled 
water. Shake, stir and keep 

for a day in closed container. 

Decant the clear colourless 

solution. 

0.5N  

23. Mercuric 
chloride; 

HgCl2 

271 Dissolve 27 g of salt in 1 L of 

distilled water 

0.1N 0.1M 
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24. Potassium 

chromate; 

K2CrO4 

194 Dissolve 49 g of salt in 1 L of 

distilled water 

0.25N 0.25M 

25. Potassium 
ferricyanide; 

K3[Fe(CN)6] 

329 Dissolve 16.4g of salt in 1 L 

of distilled water 

0.05N 0.05M 

26. Potassium 

ferrocyanide; 

K4[Fe(CN)6].3

H2O 

422 Dissolve 42.2 g of the salt in 

1 L of distilled water. 

0.1 N 0.1M 

27. Potassium 
thiocyanate; 

KSCN 

97 Dissolve 49 g of the salt in 1 

L of distilled water 

0.5N 0.5M 

28. Potassium 

permanganate; 

KMnO4 

158 Dissolve 3.16 g in 1 L of 

distilled water 

0.1N 0.02M 

29. Potassium 
dichromate; 

K2Cr2O7 

294 Dissolve 24.5 g of salt in 
dilute sulphuric acid and 

make the solution to 1 L with 

distilled water. 

0.5N 0.08M 

30. Stannous 

chloride; 

SnCl2.2H2O 

225 Dissolve 56 g of the salt in 

100 mL of conc. HCl and 
dilute it to 1 L. Granulated 

zinc can be added to avoid 

oxidation. 

0.25N 0.25M 

31. Sodium 

thiosulphate; 

Na2S2O3.5H2O 

248 Weigh 24.8 g of the salt and 

dissolve in 1 L of distilled 
water.  Add pinch of Na2CO3 

for stability. 

0.1N 0.1M 

32. Sodium 

acetate; 

CH3COONa.3

H2O 

136 Dissolve 340 g of hydrated 

salt in 1 L of distilled water 

2.5N  

33. Yellow 

ammonium 

sulphide; 

(NH4)2S 

 Saturate 150 mL of NH4OH 

with H2S gas, add 10 g of 

sulphur powder and 250 mL 

of conc. NH4OH. Shake and 

dilute to 1 L. 

6N  

34. Zinc sulphate; 

ZnSO4.7H2O 

287 Dissolve 28 g of the salt in 

200 mL of distilled water, 

warm the solution, cool and 

dilute to 1 L. 

0.2N 0.1M 

35. Ferrous 
sulphate; 

FeSO4.7H2O 

278 Dissolve 140 g of the salt in 
1 L of distilled water 

containing 10 mL of 

concentrated sulphuric acid. 

 0.5M 

36. Iodine 127 Make a paste of 12.7 g of  0.05M 
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solution; I2 or 

I2-KI solution. 

iodine in 20 g of solid KI. 

Add little water, stir the 
mixture continuously till all 

the iodine crystals dissolve. 

Make the volume to 1 L with 

distilled water. 

37. Magnesium 

sulphate; 

MgSO4.7H2O 

248 Dissolve 62 g of the salt in 1 

L of distilled water. 

 0.25M 

38. Sodium 

carbonate; 

Na2CO3.10H2O 

286 Dissolve 430 g of the salt in 

1 L of distilled water 
 1.5 M 

39. Sodium 

acetate; 

CH3COONa 

160 Dissolve 480 g of the salt in 

1 L of distilled water 

 3 M 

40. Disodium 

hydrogen 

phosphate; 

Na2HPO4 

.12H2O 

356 Dissolve 356 g of the salt in 

1 L of distilled water. 

 1 M 

41. Stannous 

chloride; 

SnCl2.2H2O 

226 Dissolve 56 g of the salt in 

100 mL of conc. HCl. Heat 
for complete dissolution. 

Dilute to 1 L with distilled 

water. 

 0.25M 

42. Thiourea; 

NH2CSNH2 

76 Dissolve 10 g in 100 mL of 

distilled water 

 10% 

solution 

43. Zinc nitrate; 

Zn (NO3)2 

225 Dissolve 150 g of the salt in 

1 L of distilled water 

 0.5M 

44. Manganous 

chloride; 

MnCl2.4H2O 

197 Dissolve 50 g of salt in 1 L of 

distilled water 

0.5 N 0.25M 

45. Manganous 

nitrate; 

Mn 

(NO3)2.6H2O 

288 Dissolve 72 g of the salt in 1 

L of distilled water. 

0.5N 0.25M 

46. Manganous 

sulphate; 

MnSO4.7H2O 

280 

 

Dissolve 70 g in 1 L of 

distilled water 

0.5N 0.25M 

47. Sodium 
hydrogen 

phosphate; 

Na2HPO4.12H2

O 

357 

 

Dissolve 30 g in 500 mL of 

distilled water 

0.5N 0.17M 

 

Preparation of special reagents 
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Alcoholic silver nitrate Prepare 10% solution of AgNO3 in ethanol. 

Alkaline β-naphthol Dissolve 1 g of β-naphthol in 100 mL of 10%aqueous 

NaOH solution. 

Aluminon reagent 

(triammonium salt of aurin 

tricarboxylic acid) 

Dissolve 0.25 g of the solid reagent in 250 mL water. 

Ammonical silver Nitrate Add dropwise ammonia solution to the silver nitrate 

solution until the precipitate first formed has dissolved 
up to 75%. Filter and use the filtrate as required 

reagent. This reagent should be prepared fresh. 

Ammonium sulphanilate; C6H102O3S Mix 2.5 g of sulphanilic acid with 15 mL of distilled 

water and 5 mL of ammonia. When the acid has 

dissolved add dilute HCl and check the pH of the 

solution (4-5). Dilute the solution to 25 mL with water. 

Anthranilic acid Dissolve 0.5 g of anthranilic acid in 100 mL of ethanol. 

Aqua regia Mix concentrated nitric acid and concentrated 

hydrochloric acid in the ratio of 1:3 in a Pyrex beaker. 

Let it stand for some time. A red colour indicates 

formation of aqua regia. 

Barford’s reagent Dissolve 13.3 g of copper acetate in 200 mL of 1% 
acetic acid solution. Prepare this reagent fresh as and 

when required. 

Brady’s reagent Dissolve 40 g of 2,4 -diphenyl hydrazine in 80 mL 

concentrated sulphuric acid. Cool, add 900 mL of 

alcohol and 100 mL of distilled water. 

Benedict’s reagent Dissolve 90 g of sodium citrate,50 g of sodium 
carbonate anhydrous in 400 mL of distilled water. Filter 

to get clear solution. Add to this 50 mL of copper 

sulphate solution (10 g copper sulphate in 50 mL of 

water).  Stir continuously and make the volume 1 L 
with distilled water. If the solution is not clear, filter 

and use the filtrate as Benedict’s reagent. 

Benzidine Dissolve 50 g of benzidine in 10 mL of glacial acetic 

acid. Dilute with 100 mL of distilled water. 

Bleaching powder solution Shake 10 g of bleaching powder with 100 mL of water 

for half an hour and filter. 

Bromine solution Dissolve 4 mL of bromine in 100 mL carbon 

tetrachloride. 

Chromic acid Make a paste of 10 g of sodium dichromate with water. 
Add this to 250 mL of concentrated sulphuric acid 

slowly. Addition should be done in an ice bath with 

stirring. A thick dark brown liquid is formed. 

Dimethyl glyoxime Dissolve 1 g of the solid in 100 mL of 95% ethanol. 

Dithizone solution Dissolve 15 g of the solid in 500 mL of chloroform and 

store in refrigerator. 

D.N.P. (2,4-dinitrophenyl hydrazine) Warm 0.25 g of the compound in a mixture of 42 mL of 
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conc. HCl and 50 mL water. Dilute to 250 mL with 

water. 

Fehling solution A Dissolve 34.5 g crystalline copper sulphate in 500 mL 

water. Add a few drops of conc. sulphuric acid to make 

a clear solution. 

Fehling solution B Dissolve 173 g Rochelle’s salt (sodium potassium 

tartarate) and 50 g sodium hydroxide in water and make 

up the volume to 500 mL. 

Mix equal volumes of two solutions (A & B) whenever 

Fehling solution is required to be used. 

Ferric thiocyanate reagent Dissolve 3 g of ferric chloride and 4 g of potassium 

thiocyanate in 200 mL of water. 

Formaldehyde Dilute the commercial 40% solution with water in the 

ratio1:7. 

Hydrogen peroxide Use the commercial 10 volume (3%) or 20 volume 

(6%) solution. 

8-hydroxyquinoline Use 5% solution in ethanol. 

Indole Dissolve 1.5 g of indole in 1 L of ethanol 

Jones reagent Make a paste of 50 g of chromium trioxide with 

concentrated sulphuric acid 

Magnesia mixture Dissolve 50 g of magnesium chloride and equal amount 

of ammonium chloride in 200 mL of water. Add 25 mL 
of concentrated ammonia. Dilute to 500 mL with 

distilled water. 

Molisch’s reagent Dissolve 20 g of 1-naphthol in 100 mL of ethanol. 

Murexide (solid) Mix 0.4 g of murexide with 40 g of powdered 

potassium sulphate in a pestle and mortar. 

1-Naphthol Dissolve 4 g in 100 mL of methanol. 

Nessler’s reagent; K2[HgI4] Dissolve 25 g of mercuric chloride and 20 g of 

potassium iodide in 100 mL of water. Add 100 mL of 

6M NaOH solution. Let it stand for 24 hours and then 

decant the solution to separate the precipitate if any. 

Neutral ferric chloride solution Add dil. NH4OH dropwise to 10% FeCl3 solution till a 

slight ppt. persists on shaking. Filter and use the filtrate. 

Picric acid Dissolve 1g of trinitrophenol in 100 mL of hot water. 

Cool and filter. Use filtrate as picric acid reagent. 

Phenyl hydrazine reagent Dissolve 25 g of solid reagent in 100 mL of glacial 

acetic acid. 

Schiff’s reagent Dissolve 0.2 g of para rosaniline hydrochloride in 20 

mL fresh sulphur dioxide solution. The solution 
becomes pale yellow. Dilute to 200 mL with distilled 

water and keep in a stoppered bottle. 

Sodium bisulphite solution Prepare a saturated solution. 

Sodium cobaltinitrite Dissolve 15 g of cobalt nitrate in 50 mL of water and 

100 g of sodium nitrite in 70 mL of water. Mix the two 



 

 

 

316 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

solutions and add 60 mL of glacial acetic acid. Dilute 

the solution to 500 mL with distilled water. 

Sodium hypochlorite Use the commercial product (14% w/v of available 

chlorine) by diluting with equal quantity of water. 

Sodium nitroprusside; 

Na2[Fe(CN)5NO].2H2O 

Dissolve a pea size crystal in 5 mL of water and always 

prepare it fresh when needed. 

Tollens’ reagent Add sodium hydroxide to silver nitrate solution. A 
white precipitate is formed. Now add dilute ammonia 

solution to dissolve the precipitate. 

Xylenol orange Dissolve 1 g of xylenol orange in 100 mL of alcohol. 

Testing papers: 

Dichromate paper. Soak filter paper strips in a concentrated solution of potassium dichromate 

and dry them in shade. 

Lead acetate paper. Soak filter paper cuttings in lead acetate solution and dry in H2S free 

atmosphere. 

Litmus paper. Blue and red litmus paper strips are prepared by soaking them in corresponding 

solutions and drying in shade. 

Starch paper. Soak the filter paper cuttings in starch solution and dry them. 

Starch iodine paper. Mix equal quantities of starch and potassium iodide solutions in a china 

dish and soak the filter paper cuttings. Dry them in shade. 

Turmeric paper. Dissolve by boiling 0.5 g turmeric powder in about 25 mL water and decant off 

the clear solution after cooling. Soak a few filter paper strips and dry them in shade. 
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APPENDIX B 

Table B-1. Some Fundamental Physico-chemical Constants 

Physico-chemical Constants Name and Symbol Value 

acceleration due to gravity (g) 9.80665 m s-2 

atmospheric pressure (p, atm) 1.01325 × 105 N m-2 or Pa 

atomic mass unit (amu) 1.6605402 × 10-27 kg 

Avogadro’s number (NA) 6.0221367 × 1023 mol-1 

Bohr magneton (μB) 9.2740154 × 10-24 J T-1 

Bohr radius (a0) 5.29177 × 10-11 m 

Boltzmann’s constant (k) 1.380658 × 10-23 J K-1 

charge to mass ratio for electron (e/me) 1.75881962 × 1011 C kg-2 

electron charge (e) 1.60217733 × 10-19 C 

electron rest mass (me) 9.1093897 × 10-31 kg 

Faraday’s constant (F) 9.6485309 × 104 C mol-1 

free electron g factor (ge) 2.002319304386 

gravitational constant G (6.673 ± 0.010) × 10-11 m3 kg-1 s-2 

nuclear magneton (μN) 5.050783699 × 10-27 J T-1 

permeability of vacuum (μ0) 1.2566370614 × 10-6 H m-1 or N A-2 

permittivity of vacuum (ϵ0) 8.854187817 × 10-12 F m-1 

gas constant (R) 8.314510 J mol-1 K-1 = 8.205784 × 10-2 L 

atm mol-1 K-1 

molar volume of an ideal gas, 1 atm, 0 °C 22.41409 L mol–1 

molar volume of an ideal gas, 1 bar, 0 °C 22.71108 L mol–1 

neutron rest mass (mn) 1.6749274 × 10−27 kg 

Planck’s constant (h) 6.6260755 × 10−34 J s 

proton rest mass (mp) 1.6726231 × 10−27 kg 

Rydberg constant (R) 1.0973731534 × 107 m−1 = 2.1798736 × 

10−18 J 

speed of light in vacuum (c) 2.99792458 × 108 m s−1 

Table B-2. The seven fundamental SI units (base SI units) 

Physical quantity unit abbreviation 

Mass kilogram kg 

Length Meter m 

Time Second s 

Temperature Kelvin K 

Amount of substance mole mol 

Electric current ampere A 

Luminous intensity candela cd 
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Definitions of the SI Base Units 

Meter (17th CGPM, 1983) The meter is the length of the path traveled by light in vacuum 

during a time interval of 1/299 792 458 of a second. 

Kilogram (26th CGPM,2018) It is defined by taking the fixed numerical value of the Planck 

constant h to be 6.62607015×10−34 when expressed in the unit J⋅s, which is equal to kg⋅m2⋅s−1, 

where the metre and the second are defined in terms of c and ΔνCs. 

Second (13th CGPM, 1967) The second is the duration of 9192631770 periods of the radiation 

corresponding to the transition between the two hyperfine levels of the ground state of the 

cesium-133 atom. 

Ampere (9th CGPM, 1948) The ampere is that constant current which, if maintained in two 

straight parallel conductors of infinite length, of negligible circular cross section, and placed 1 

meter apart in vacuum, would produce between these conductors a force equal to 2 × 10−7 

newton per meter of length. 

Kelvin (13th CGPM, 1967) The kelvin, unit of thermodynamic temperature, is the fraction 

1/273.16 of the thermodynamic temperature of the triple point of water. 

Mole (14th CGPM, 1971) The mole is the amount of substance of a system which contains as 

many elementary entities as there are atoms in 0.012 kilogram of carbon 12. 

When the mole is used, the elementary entities must be specified and may be atoms, molecules, 

ions, electrons, other particles, or specified groups of such particles. 

Candela (16th CGPM, 1979) The candela is the luminous intensity, in a given direction, of a 

source that emits monochromatic radiation of frequency 540 × 1012 hertz and that has a radiant 

intensity in that direction of (1/683) watt per steradian. 

Table B-3. Supplementary SI units 

Parameter SI Unit Abbreviation 

Plane angles radian Rad 

Solid angles steradian Sr 

Radian: A plane angle with vertex at the center of a circle that is subtended by an arc equal in 

length to the radius. 

Steradian: The solid angle with vertex at the center of a sphere that is subtended by an area of 

the spherical circle equal to that of a square with sides equal in length to the radius. 

Table B-4. Derived SI units with special names and symbols 

Parameter SI Unit Abbreviation Definition 

Frequency hertz Hz 1/s 

Force newton N kg*m/s² 

Pressure/ Stress pascal Pa N/m2 

Work or Energy joule J N*m 

Power/ Radiant Flux watt W J/s 

Electric Potential volt V W/A 

Electric Resistance ohm ohm or Ω V/A 

Quantity of Charge coulomb C A*s 
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Electric Capacitance farad F C/V 

conductance siemens S A/V 

Magnetic Flux weber Wb V*s 

Magnetic Flux Density tesla T Wb/m2 

Inductance henry H Wb/A 

Celsius Temperature degree °C K 

Luminous Flux lumen Lm cd*sr 

Illuminance lux Lx lm/m² 

Activity becquerel Bq 1/s 

Absorbed Dose gray Gy J/kg 

Dose Equivalent sievert Sv m²/s² 

Catalytic Activity katal Kat s-1*mol 

Table B-5. Examples of derived SI units 

Derived quantity Name Symbol 

Area square meter m2 

Volume cubic meter m3 

Speed, velocity meter per second m/s 

Acceleration meter per second squared m/s2 

Wave number reciprocal meter m-1 

Mass density kilogram per cubic meter kg/m3 

Specific volume cubic meter per kilogram m3/kg 

Current density ampere per square meter A/m2 

Magnetic field strength ampere per meter A/m 

Amount-of-substance concentration mole per cubic meter mol/m3 

Luminance candela per square meter cd/m2 

Mass fraction 

 

kilogram per kilogram, which may 

be represented by the number 1 

kg/kg = 1 

(constant) 

Table B-6. Some SI derived units with specific names and symbols 

Derived quantity 

dynamic viscosity 

moment of force 

surface tension 

angular velocity 

angular acceleration 

heat flux density, irradiance 

heat capacity, entropy 

specific heat capacity, specific entropy 

specific energy 

Name 

pascal second 

newton meter 

newton per meter 

radian per second 

radian per second squared 

watt per square meter 

joule per kelvin 

joule per kilogram kelvin 

joule per kilogram 

Symbol 

Pa.s 

N.m 

N/m 

rad/s 

rad/s2 

W/m2 

J/K 

J/(kg.K) 

J/kg 



 

 

 

320 

 

Dr. Rajesh Trehan and Amita Joshi ISBN: 978-81-952196-3-6 

Chemistry Lab Manual -1 (INORGANIC PREPARATIONS & QUANTITATIVE ANALYSIS) 

thermal conductivity 

energy density 

electric field strength 

electric charge density 

electric flux density 

permittivity 

permeability 

molar energy 

molar entropy, molar heat capacity 

exposure (x and γ rays) 

absorbed dose rate 

radiant intensity 

radiance 

catalytic (activity) concentration 

watt per meter kelvin 

joule per cubic mete 

volt per meter 

coulomb per cubic meter 

coulomb per square meter 

farad per meter 

henry per meter 

joule per mole 

joule per mole kelvin 

coulomb per kilogram 

gray per second 

watt per steradian 

watt per square meter steradian 

katal per cubic meter 

W/(m.K) 

J/m3 

V/m 

C/m3 

C/m2 

F/m 

H/m 

J/mol 

J/(mol.K) 

C/kg 

Gy/s 

W/sr 

W/m2.sr) 

kat/m3 

Table B-7. Examples of CGS and other units not used along with SI units 

Name 

erg 

dyne 

poise 

stokes 

gauss 

oersted 

maxwell 

stilb 

phot 

gal 

fermi 

photometric carat 

torr 

standard atmosphere 

kilogram-force 

micron 

calorie (various) 

Symbol 

erg 

dyn 

P 

St 

Gs, G 

Oe 

Mx 

sb 

ph 

Gal 

fermi 

metric carat 

Torr 

atm 

kgf 

µ 

calth (thermochemical) 

Value in SI units 

1 erg = 10−7 J 

1 dyn = 10−5 N 

1 P = 1 dyn · s/cm2 = 0.1 Pa · s 

1 St = 1 cm2/s = 10−4 m2/s 

1 Gs corresponds to 10−4 T 

1 Oe corresponds to (1000/4π) A/m 

1 Mx corresponds to 10−8 Wb 

1 sb = 1 cd/cm2 = 104 Cd/m2 

1 ph = 104 lx 

1 Gal = 1 cm s−2 = 10−2 m s−2 

1 fermi = 1 fm = 10−15 m 

1 metric carat = 200 mg = 2 × 10−4 kg 

1 Torr = (101 325/760) Pa 

1 atm = 101 325 Pa 

1 kgf = 9.806 65 N 

1 µ = 1 µm = 10−6 m 

1 calth = 4.184 J 
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x unit 

stere 

gamma 

gamma (mass) 

lambda (volume) 

 

xu 

st 

γ 

γ 

λ 

1 xu ≈ 0.1002 pm = 1.002 × 10−13 m 

1 st = 1 m3 

1 γ = 1 nT = 10−9 T 

1 γ = 1 µg = 10−9 kg 

1 λ = 1 µL = 10−6 L = 10−9 m3 

Table B-8. Units other than SI often used 

Name Symbol Value in SI units 

minute (time) Min 1 min = 60 s 

hour H 1 h = 60’ = 3600” 

day D 1 d = 24 h = 86400 s 

degree (angle) ° 1° = (π/180) rad 

minute (angle) ‘ 1’ = (1/60)’ = (π/10800) rad 

Second (angle) “ 1” = (1/60)’ = (π/648000) rad 

liter L 1 L = 1 dm3 = 10-3 m3 

metric ton T 1 t = 103 kg 

neper Np 1 Np = 1 

bel B (1 dB = 0.1 B) 1 B = (1/2)ln 10 Np 

electronvolt eV 1 eV = 1.60218 × 10-19 J 

unified atomic mass unit U 1 u = 1.66054 × 10-27 kg 

astronomical unit Au 1 au = 149597870700 m 

nautical mile Nmi 1 nautical mile = 1852 m 

knot - 1 nautical mile per hour = (1852/3600) m/s 

are A 1 a = 1 dam2 = 102 m2 

hectare Ha 1 ha = 1 hm2 = 104 m2 

bar Bar 1 bar = 0,1 MPa = 100 kPa = 1000 hPa = 

105 Pa 

angstrom Å 1 Å = 0.1 nm = 10-10 m 

barn B 1 b = 100 fm2 = 10-28 m2 

curie Ci 1 Ci = 3.7 × 1010 Bq 

roentgen R 1 R = 2.58 × 10-4 C/kg 

rad Rad 1 rad = 1 cGy = 10-2 Gy 

rem Rem 1 rem = 1 cSv = 10-2 Sv 

Table B-9. SI prefixes 

Factor Name Symbol Factor Name Symbol 

1024 yotta Y 10-1 deci d 

1021 zetta Z 10-2 centi c 

1018 exa E 10-3 milli m 

1015 peta P 10-6 micro µ 
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1012 tera T 10-9 nano n 

109 giga G 10-12 pico p 

106 mega M 10-15 femto f 

103 kilo k 10-18 atto a 

102 hecto h 10-21 zepto z 

101 deka da 10-24 yocto y 

Table B-10. Conversion Table 

Length  

1 kilometer (km) = 1000 meters (m) 

1 km = 0.6214 miles 

1 m = 1.0936 yards 

1 m = 3.2808 feet 

1 m = 39.37008 in 

1 mile (mi) = 1760 yards 

1 mile 

1 mi 

= 

= 

1.609344 km 

5280 feet (ft) 

1 mi = 8 furlongs (fur) 

1 nautical mile (nmi) = 1852 m 

1 fur 

1 fur 

= 

= 

220 yd 

201.1680 m 

1 yard (yd) 

1 yd 

= 

= 

0.9144 m 

3 feet (ft) 

1 foot (ft) 

1 ft 

1 ft 

1 in 

1 cm 

= 

= 

= 

= 

= 

0.3048 m 

12 inches (in) 

30.48 cm 

2.54 cm 

0.3937 in 

Area   

1 km2 = 100 hectares (ha) 

1 km2 = 0.3861 square mile 

1 km2 = 247.105 acres 

1m2 = 10.7639 square feet 

1 m2 = 1,19599 sq yd 

1 ha = 10,000 m2 

1 ha = 2.4711 acres 

1 square mile = 2.589988 km2 

1 sq mi = 640 acres 

1 sq mi = 258.99881 ha 

1 sq mi = 1 section of land 

1 township = 36 sq mi/sections 

1 acre = 0.4047 ha 
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1 acre = 4046.86 m2 

1 acre = 4840 square yards 

1 square yard = 9 square feet 

1 square yard = 0.8361 m2 

1 square foot = 0.0929 m2 

1 sq in = 6.4516 sq cm 

Weight   

1 metric ton or tonne (t) or 1 megagram (Mg) = 1000 kg 

1 tonne = 1.1023 US ton 

1 US ton 

1 US ton 

= 

= 

0.9072 tonnes 

2000 lb 

1 kg = 2.2046 pounds (lb) 

1 kg 

1 lb 

= 

= 

35.274 ounce (oz) 

16 oz 

1 lb 

1 lb 

= 

= 

0.4536 kg 

453.6 g 

1 oz = 16 drams (dr) 

1 oz = 28.3495 g 

1 hundredweight (cwt) = 100 lb 

1 cwt = 50.8023 kg 

1 carat (c) = 200 mg 

Volume 

1 L 

1 L 

1L 

1 cu m 

1 cu ft 

1 cu yd 

1 cu cm 

1 cu m 

1 cu m 

1 cu in 

1 cu ft 

1 cu yd 

1 gal 

1 gal 

1 gal 

1 gal 

1 gal 

1 pt 

1 cup 

1 tablespoon (tbsp) 

1 teaspoon (tsp) 

1 fl oz 

 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

= 

 

1000 mL 

1000 cm3 

0.2642 gallon (gal) 

106 cu cm 

1728 cu in 

27 cu ft 

0.06102 cu in 

35.31467 cu ft 

1.30795 cu yd 

16.38706 cu cm 

0.02832 cu m 

0.76455 cu m 

3.7854 L 

231 in3 

128 fluid ounce (fl oz) 

4 quarts (qt) 

8 pints (pt) 

0.47318 L 

8 fl oz or ½ pt 

15 mL 

5 mL 

2 tbsp 
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1 fl oz 

1 fl oz 

1 gill (gi) 

1 barrel (bbl) [oil] 

1 bbl 

= 

= 

= 

= 

= 

8 drams 

29.57353 mL 

4 fl oz 

42 gal 

158.987294928 L 

Temperature 

°F 

°C 

K 

 

= 

= 

= 

 

(9/5 × °C) + 32 

5/9 × (°F – 32) 

°C + 273.15 

Pressure 

1 atm 

1 atm 

1 atm 

1 atm 

1 bar 

1 bar 

 

= 

= 

= 

= 

= 

= 

 

760 torr 

760 mm of Hg 

101325 Pa 

14.7 psi 

100000 Pa 

0.987 atm 

Universal gas constant 

R 

 

= 

= 

= 

= 

 

8.314 J K-1 mol-1 

0.08206 L atm mol-1 K-1 

62.36 L torr mol-1 K-1 

0.08314 L bar mol-1 K-1 

Units   

1 crore = 10 million 

1 million = 10 lakhs 

1 lakh = 100,000 

1 billion = 1000 million 

 

Table B-11. Astrophysical Data 

1 astronomical unit AU 1.496 × 1011 m 

1 parsec pc 3.086 × 1016 m 

1 light year ly 9.461 × 1015 m 

Luminosity of Sun L⊙ 3.85 × 1026 W 

Mass of Sun M⊙ 1.989 × 1030 kg 

Radius of Sun R⊙ 6.96 × 108 m 

Mass of Earth ME 5.9742 × 1024 kg 

Radius of Earth RE 6.3781 × 106 m 

Radius of moon Rm 1.7374 × 106 m 

Mass of moon Mm 7.342 × 1022 kg 
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Table B-12. Trigonometrical Identities 

sin (θ + φ) = sin(θ) cos(φ) + cos(θ) sin(φ) 

cos (θ + φ) = cos(θ) cos(φ) - sin(θ) sin(φ) 

sin α + sin β = 2 sin ½ (α + β) cos½ (α - β) 

cos α + cos β = 2 cos½ (α + β) cos½ (α - β) 

cos α - cos β = 2 sin½ (α + β) sin½ (β - α) 

In a triangle ABC, a/ sin A = b/ sin B = c/ sin C 

and a2 = b2 + c2 − 2bc cos A 
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APPENDIX C 

Table C-1. Greek Alphabet and its Pronunciation 

Upper Case Lower Case Full name and pronunciation 

Α Α Alpha (Al-fuh) 

Β Β Beta (BAY-tuh) 

Γ Γ Gamma (GAM-uh) 

Δ Δ Delta (DEL-tuh) 

Ε Ε Epsilon (EP-sil-on) 

Ζ Ζ Zeta (ZAY-tuh) 

Η Η Eta (AY-tuh) 

Θ Θ Theta (THAY-tuh) 

Ι Ι Iota (eye-OH-tuh) 

Κ Κ Kappa (KAP-uh) 

Λ Λ Lambda (LAM-duh) 

Μ Μ Mu (MYOO) 

Ν Ν Nu (NOO) 

Ξ Ξ Xi (KS-EYE) 

Ο Ο Omicron (OM-i-KRON) 

Π Π Pi (PIE) 

Ρ Ρ Rho (ROW) 

Σ Σ Sigma (SIG-muh) 

Τ Τ Tau (TAU) 

ϒ Υ Upsilon (OOP-si-LON) 

Φ Φ Phi (FEE) 

Χ Χ Chi (K-EYE) 

Ψ Ψ Psi (SIGH) 

Ω Ω Omega (oh-MAY-guh) 
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APPENDIX D 

Table D-1. Common names of some chemical compounds 

Common Name 

Acid of air 

Acid of ants 

Acid of apples 

Acid of lemon 

Acid of milk 

Acid of sugar 

Ackey (aqua fortis) 

Algaroth powder 

Alkaline air/urinous air 

Ammonium alum 

Amylum 

Antichlor or dechlor 

Antifreeze 

Antiperspirant 

Antimony black 

Antimony bloom 

Aqua regia 

Arsenic glass 

Aspirin 

Athlete’s chalk 

Azurite (chessylite) 

Baking Soda 

Banana oil 

Barilla 

Barium white 

Baryta 

Bichrome 

Bitter salt 

Black lead 

Blanc-fixe 

Chemical Name 

Carbonic acid 

Formic acid 

Malic acid 

Citric acid 

Lactic acid 

Oxalic acid 

Nitric acid 

Antimony oxychloride 

Ammonia gas 

Aluminium ammonium sulphate 

Corn starch 

Sodium thiosulfate 

Ethylene glycol 

Aluminium chlorohydrate 

Antimony trisulfide 

Antimony trioxide 

Nitro hydrochloric acid 

Arsenic trioxide 

Acetylsalicylic acid 

Magnesium carbonate 

Basic copper carbonate 

Sodium hydrogen carbonate  

Amyl acetate 

Impure sodium carbonate 

Barium sulphate 

Barium hydroxide 

Potassium dichromate 

Magnesium sulphate 

Crude sodium carbonate 

Barium sulphate 

 Chemical Formula 

H2CO3 

HCOOH 

HOOCCH=CHCOOH 

HOC(CO2H)(CH2CO2H)2 

CH3CH(OH)COOH 

(COOH)2 

HNO3 

SbOCl 

NH3 

Al(NH4)(SO4)2 

[C6H10O5]n 

Na2S2O3 

(CH2OH)2 

AlCl3.H2O 

SbS3 

SbO3 

HNO3 + 3HCl 

AsO3 

C9H8O4 

MgCO3 

Cu3(CO3)2(OH)2 

NaHCO3 

C7H14O2 

Na2CO3 

BaSO4 

Ba (OH)2 

K2Cr2O7 

MgSO4 

Na2CO3 

BaSO4 
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Black lead 

Bleach (laundry) 

Bleaching powder 

Blue lead 

Blue salt 

Blue Vitriol or blue stone 

Bone ash 

Bone black 

Boracic acid 

Borax 

Bremen blue 

Brimstone 

Brine 

Burnt ochre or burnt ore 

Calamine 

Calcite 

Calgon 

Calomel 

Campden tablets 

Carbamide 

Carbide 

Carbolic acid 

Carborundum 

Caro’s acid 

Cassel yellow 

Caustic lime 

Caustic Potash 

Caustic soda 

Chalk 

Chamber crystals 

Chile Saltpetre or chile nitre 

Chinese red 

Chinese white 

Graphite 

Sodium hypochlorite 

Calcium hypochlorite 

Lead sulphate 

Nickel sulphate 

Copper sulphate pentahydrate 

Crude calcium phosphate 

Crude animal charcoal 

Boric acid 

Sodium tetraborate decahydrate 

Basic copper carbonate 

Sulphur 

Aq. Sodium chloride 

Ferric oxide 

Zinc carbonate 

Calcium carbonate 

Calcium hexametaphosphate 

Mercurous chloride 

Potassium metabisulphite 

Urea 

Calcium carbide 

Phenol 

silicon carbide 

Peroxymonosulphuric acid 

Lead oxychloride 

calcium hydroxide 

Potassium hydroxide 

Sodium hydroxide 

Calcium carbonate 

Nitrosyl sulphate 

Sodium nitrate 

Basic lead chromate 

Zinc oxide 

C 

NaOCl 

Ca(ClO)2 

PbSO4 

NiSO4 

CuSO4.5 H2O 

Ca3(PO4)2 

C 

H3BO3 

Na2B407.10 H2O 

CuCO3.Cu(OH)2 

S 

NaCl 

Fe2O3 

ZnCO3 

CaCO3 

Ca3(PO3)6 

HgCl 

K2S3O5 

H2NCONH2 

CaC2 

C6H5OH 

SiC 

H2SO5 

PbCl2.2PbO 

Ca(OH)2 

KOH 

NaOH 

CaCO3 

NO.HSO4 

NaNO3 

PbCrO4. PbO 

ZnO 
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Chloroform 

Chlorox 

Chrome alum 

Chrome green 

Chrome red 

Chrome yellow/Paris yellow 

Chromic acid 

Clear water 

Corundum (ruby, sapphire) 

Cream of tartar 

Creech 

Crocus 

DDT 

Dextrose 

Disappearing ink 

Dolomite 

Drano 

Dry Ice 

Dutch oil 

Epsom salt 

Everitt’s salt 

Farina 

Fire starter 

Fixed air 

Fixed white 

Flowers of sulphur 

Formalin 

Freon 

Fulminating gold 

Galena 

Glauber's Salt 

Glycerine 

Green lion 

Trichloromethane 

Hypochlorous acid 

Potassium chromium sulphate 

Chromium oxide 

Basic lead chromate 

Lead chromate 

Chromium trioxide 

Potassium permanganate 

Aluminium oxide 

Potassium hydrogen tartrate/ 

Calcium sulphate 

Ferric oxide 

Dichlorodiphenyltrichloroethane 

Glucose 

Thymolphthalein 

Calcium Magnesium carbonate 

Sodium hydroxide 

Solid Carbon dioxide 

Ethylene chloride 

Magnesium sulphate  

Potassium ferrous ferrocyanide 

Starch 

Magnesium 

Carbon dioxide 

Barium sulphate 

Sulphur 

Formaldehyde solution 

Dichlorodifluoromethane 

Gold hydrazide 

Lead (II) sulphide 

Sodium Sulphate decahydrate 

Trihydroxy propane 

Iron (II) sulphate 

CHCl3 

HClO 

KCr(SO4)2.12H2O 

Cr2O3 

PbCrO4.PbO 

PbCrO4 

H2CrO4 (CrO3+H2O) 

KMnO4 

Al2O3 

KC4H5O6 

CaSO4 

Fe2O3 

C14H9Cl5 

C6H12O6 

C28H30O4 

CaMg(CO3)2 

NaOH 

CO2 

C2H4Cl2 

MgSO4.7H2O 

K2Fe[Fe(CN)6] 

(C6H10O5)n 

Mg 

CO2 

BaSO4 

S 

HCHO 

CF2Cl2 

AuHNNH2 

PbS 

Na2SO4.10H2O 

C3H8O3 

FeSO4 
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Green salt 

Green verditer 

Green vitriol 

Gypsum 

Hand warmer 

Heating gas 

Heavy spar 

Heavy water 

Hepatic air 

Homberg’s salt 

Hot tub salt 

Hydrolith 

Hypo 

Icebite/ice/melter/road salt 

Indian red 

Invert sugar 

Iron pyrite (fool’s gold) 

Isinglass 

Jeweller’s Rouge/Red Rouge 

King’s yellow/orpiment 

Lamp black 

Kurrol’s salt 

Laughing gas 

Levulose 

Lighter fuel 

Lime 

Limestone 

Liquid paper 

Liquor ammonia 

Litharge 

Lithopone 

Liver of sulphur 

Lunar Caustic 

Uranium (IV) fluoride 

Basic copper carbonate 

Ferrous sulphate heptahydrate 

Calcium sulphate dihydrate 

Sodium acetate 

Propane 

Barium sulphate 

Deuterium Oxide 

Hydrogen sulphide 

Boric acid 

Sodium bromide 

Calcium hydride 

SodiumThiosulfate pentahydrate 

Calcium chloride 

Ferric oxide 

Mixture of glucose and fructose 

Iron disulphide 

Agar-agar 

Iron (III) Oxide/ Ferric Oxide 

Arsenic (III) sulphide 

Crude form of carbon 

Potassium phosphate 

Dinitrogen oxide/Nitrous Oxide 

Fructose 

Butane 

Calcium Oxide 

Calcium carbonate 

Titanium dioxide 

Ammonium hydroxide solution 

Lead(I) Oxide 

Barium sulphate 

Potash sulfurated 

Silver Nitrate 

UF4 

Cu2(OH)2CO3 

FeSO4.7H2O 

CaSO4.2H2O 

CH3COONa 

C3H8 

BaSO4 

D2O 

H2S 

B(OH)3 

NaBr 

CaH2 

Na2S2O3. 5H2O 

CaCl2 

Fe2O3 

C6H12O6 

FeS2 

gelatine 

Fe2O3 

As2S3 

C 

(KPO3)4 

N2O 

C6H12O6 

C4H10 

CaO 

CaCO3 

TiO2 

NH4OH 

PbO 

BaSO4 

K2Sx 

AgNO3 
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Lye/Caustic Soda 

Magnesia 

Manganese black 

Marble 

Marine alkali/fossil alkali 

Marsh gas 

MEK 

Mephitic/phlogisticated/air 

Milk of barium 

Milk of lime 

Milk of magnesia 

Milk of sulphur 

Milk sugar 

Mohr's Salt 

Moth balls 

Muriate of a metal 

Muriatic acid/marine acid 

Mustard gas 

Natron 

Nigari/lushui 

Nitre 

Oil of ants 

Oil of apples 

Oil of bitter almonds 

Oil of garlic 

Oil of glonoine 

Oil of mirbane 

Oil of pears 

Oil of pineapple 

Oil of Vitriol 

Oil of wintergreen 

Oleic acid 

Oleum 

Sodium Hydroxide 

Magnesium oxide 

Manganese dioxide 

Calcium carbonate 

Sodium carbonate 

Methane 

Methyl ethyl ketone/Butanone 

Nitrogen gas 

Aqueous barium hydroxide 

Calcium hydroxide 

Magnesium hydroxide 

Precipitated sulphur 

Lactose 

Ammonium Ferrous Sulphate 

Naphthalene 

Metal chloride 

Hydrochloric acid 

Di(chloroethyl) sulphide 

Sodium carbonate 

Magnesium chloride 

Potassium nitrate 

Furfural 

Amyl valerate 

Benzaldehyde 

Allyl sulphide 

Nitro-glycerine 

nitrobenzene 

n-pentyl acetate 

Ethyl butyrate 

Sulfuric acid 

Methyl salicylate 

Octadecenoic acid 

Fuming sulphuric acid 

NaOH 

MgO 

MnO2 

CaCO3 

Na2CO3 

CH4 

CH3COC2H5 

N2 

Ba (OH)2 

Ca (OH)2 

Mg (OH)2 

S ppts. 

C12H22O11 

(NH4) Fe(SO4)2.6H2O 

C10H8 

MClx 

HCl 

(ClCH2CH2)S 

Na2CO3 

MgCl2 

KNO3 

C5H4O2 

C4H9COC5H11 

C6H5.CHO 

(C3H5)2S 

C3H5N3O3 

C6H5.NO2 

C7H14O2 

C3H7COOC2H5 

H2SO4 

C8H8O3 

C18H34O2 

H2SO4 
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Paris blue or Prussian blue 

Patent yellow 

Pearl ash/vegetable alkali 

Permanent white 

Phosgene 

Plaster of Paris 

Plessy’s green 

Plumbago 

Pompholyx /flowers of zinc 

Potash Alum 

 

Prussic acid 

Pyrolusite 

Quartz 

Quicklime 

Quicksilver 

Radiation pills 

Red lead 

Red liquor 

Red orpiment 

Red prussiate of potash 

Red prussiate of soda 

Red vitriol/rose vitriol 

Rochelle Salt/Seignette’s salt 

Rock salt 

Royal metal 

Rubbing alcohol/IPA 

Rust 

Rust remover 

Sal ammoniac 

Salt of lemon/sorrel salt 

Salt of tartar/salt of wormwood 

Salt substitute 

Ferric ferrocyanide 

Lead oxychloride 

Potassium carbonate 

Barium sulphate 

Carbonyl dichloride 

Calcium sulphate hemi-hydrate 

Chromium phosphate 

Graphite 

Zinc oxide 

Potassium Aluminium sulphate 

Dodecahydrate 

Hydrogen cyanide 

Manganese dioxide 

Silicon dioxide 

Calcium oxide 

Mercury 

Potassium iodide 

Lead tetroxide 

Aluminium acetate solution 

Arsenic (II) sulphide 

Potassium ferricyanide 

Sodium ferricyanide 

Cobalt (II) sulphate 

Potassium Sodium Tartrate 

Sodium chloride 

Gold 

Isopropyl alcohol 

Ferric oxide 

Oxalic acid 

Ammonium chloride 

Potassium hydrogen oxalate 

Potassium carbonate 

Potassium chloride 

Fe4[Fe(CN)6]3 

PbO.PbCl2 

K2CO3 

BaSO4 

COCl2 

CaSO4.½H2O 

CrPO4 

C 

ZnO 

AlK(SO4)2.12H2O 

 

HCN 

MnO2 

SiO2 

CaO 

Hg 

KI 

Pb3O4 

Al(CH3COO)3 

As2S2 

K3[Fe(CN)6] 

Na3[Fe(CN)6] 

CoSO4.7H2O 

KNaC4H4O6.4H2O 

NaCl 

Au 

(CH3)2CHOH 

Fe2O3 

(COOH)2 

NH4Cl 

KHC2O4 

K2CO3 

KCl 
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Saltpetre 

Sand 

Silver glance 

Slaked Lime 

Smelling salt 

Soda water or club soda 

Sour salt 

Spirit of hartshorn 

Spirit of nitre 

Spirit of salt 

Spirit of wine 

Sugar of lead 

Sun-tan lotion 

Superphosphate 

Sweet salt 

Table salt/Kosher salt/ 

Table sugar 

Talc or talcum 

Tannin 

Tear gas 

Tin crystals 

Tin stone 

Tincture of iodine 

Tinner’s fluid 

TNT 

Trona 

TSP 

Uranium yellow 

Venetian red 

Verdigris or French Verdigris 

Vermillion/Cinnabar 

Vienna lime 

Vinegar 

Potassium nitrate 

Silicon dioxide 

Silver sulphide 

Calcium hydroxide 

Ammonium carbonate 

Carbonic acid 

Citric acid 

Ammonia solution 

Nitric acid 

Hydrochloric acid 

Ethanol 

Lead acetate 

p-amino benzoic acid 

Calcium dihydrogen phosphate 

Sodium chlorite 

Sodium chloride 

Sucrose 

Magnesium silicate 

Tannic acid 

Chloropicrin 

Stannous chloride 

Stannic oxide 

Iodine dissolved in ethanol 

Zinc chloride 

Trinitrotoluene 

Natural-sodium-carbonate 

Trisodium phosphate 

Sodium uranate 

Ferric oxide 

Basic copper acetate 

Mercuric sulphide 

Calcium carbonate 

Acetic acid 

KNO3 

SiO2 

Ag2S 

Ca(OH)2 

(NH4)2CO3 

H2CO3 

C6H8O7 

NH4OH 

HNO3 

HCl 

C2H5OH 

Pb(CH3COO)2 

H2NC6H4COOH 

Ca(H2PO4)2 

NaClO2 

NaCl 

C12H22O11 

Mg3Si4O10(OH)2 

C76H52O46 

C10H5ClN2 

SnCl2 

SnO2 

I2 

ZnCl2 

C6H2(NO3)2CH3 

Na2CO3.NaHCO3.2H2O 

Na3PO4 

Na2UO4 

Fe2O3 

Cu(CH3COO)2.Cu(OH)2 

HgS 

CaCO3 

CH3COOH 
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Vitalair/dephlogisticated air 

Vitamin C 

Washing soda 

Water glass 

Water of life 

Water softener 

White lead 

White vitriol 

Whiting 

Wine preservative 

Wood alcohol 

Yellow prussiate of potash 

Yellow prussiate of soda 

Zinc blende 

Zinc vitriol 

Zinc white 

Oxygen gas 

Ascorbic acid 

Sodium carbonate decahydrate 

Sodium silicate 

Barium hydroxide 

Ethanol 

Basic lead carbonate 

Zinc sulphate heptahydrate 

Calcium carbonate 

Tartaric acid 

Methyl alcohol 

Potassium ferrocyanide 

Sodium ferrocyanide 

Zinc sulphide 

Zinc sulphate 

Zinc oxide 

O2 

C6H8O6 

Na2CO3. 10H2O 

Na2SiO3 

Ba(OH)2 

C2H5OH 

PbCO3.Pb(OH)2 

ZnSO4.7H2O 

CaCO3 

C4H6O6 

CH3OH 

K4[Fe(CN)6] 

Na4[Fe(CN)6] 

ZnS 

ZnSO4 

ZnO 
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APPENDIX E 

Table E-1: Chemical groups and formulae for rock forming minerals. 

Group Mineral Name Mineral Formula 

Native Elements Diamond, Graphite C 

(No anions) Gold Au 

 Copper Cu 

 Silver Ag 

 Sulfur S 

Oxides Hematite Fe2O3 

anion = O2- Magnetite Fe3O4 

 Corundum Al2O3 

 Limonite FeO•OH 

 Bauxite AlO•(OH) 

Silicates Quartz SiO2 

anion = SixOy Opal SiO2•H2O 

 Orthoclase, Microcline, Sanidine KAlSi3O8 

 Ca-Plagioclase CaAl2Si2O8 

 Na-Plagioclase NaAlSi3O8 

 Muscovite KAl3Si3O10(OH)2 

 Biotite K(Mg,Fe)3AlSi3O10(OH)2 

 Kaolinite Al2Si2O5(OH)4 

 Amphibole Ca2(Mg,Fe)5Si8O22(OH) 

 Pyroxene Ca(Mg,Fe)Si2O6 

 Olivine (Mg,Fe)2SiO4 

 Chlorite (Mg,Fe)6(Al,Si)4O10(OH)8 

 Garnet (Ca,Mg,Fe,Mn)3Al2Si3O12 

 Talc Mg3Si4O10(OH)2 

 Kyanite, Sillimanite, Andalusite Al2SiO5 

 Staurolite Fe2Al9Si4O22(OH)2 

Carbonates Calcite, Aragonite CaCO3 

anion = CO3
2- Dolomite CaMg(CO3)2 

 Azurite Cu3(CO3)2(OH)2 

 Malachite Cu2CO3(OH)2 

Sulfates Anhydrite CaSO4 

anion = SO4
2- Gypsum CaSO4•2H2O 

Sulfides Galena PbS 

anion = S2- Pyrite FeS2 

 Chalcopyrite CuFeS2 
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 Sphalerite ZnS 

Halides Halite NaCl 

anion = F1-, Cl1- Sylvite KCl 

 Fluorite CaF2 

Phosphates Apatite Ca5(F,Cl)(PO4)3 

 

Table E-2. Mho’s Hardness Scale 

Mineral 

Talc 

Gypsum 

Calcite 

Fluorite 

Apatite 

Feldspar 

Quartz 

Topaz 

Corundum 

Diamond 

Chemical Composition 

Mg3Si4O10(OH)2 

CaSO4 

CaCO3 

CaF2 

3Ca3(PO4)2. CaF2 

K2Al2Si6O16 

SiO2 

Al2SiO4F2 

Al2O3 

C 

Hardness 

1 

2 

3 

4 

5 

6 

7 

8 

9 

10 

Table E-3. Some important alloys 

Name 

Brass 

Bronze 

German Silver 

Magnalium 

Rolled Gold 

Monel metal 

Bell metals 

Gun metal 

Solder 

Duralumin 

 

Steel 

Stainless Steel 

Composition 

Cu (60 to 80%), Zn (40 to 20%) 

Cu (75 to 90%), Sn (25 to 10%) 

Cu (60%), Zn (25%), Ni (15%) 

Mg (5%), A1 (95%) 

Cu (906), Ni (10%) 

Cu (70%), Ni (30%) 

Cu (30%), Sn (20%) 

Cu (85%), Zn (10%), Sn (5%) 

Sn (50-75%), Pb (50-25%) 

Al (95%), Cu (4%), Mg (0.5%), 

Mn (0.5%) 

Fe (98%), C (2%) 

Fe (82%) Cr, Ni (18%) 

Use 

For making household utensils 

For making coins, idols, utensils 

For making utensils 

For making aircraft frame 

For making cheap ornaments 

For making alkali resistant containers 

For making bells 

Used for engineering purposes 

Soldering of metals 

In aircraft manufacturing 

 

For making nails, screws, bridges 

For making cooking utensils, knives 
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APPENDIX F 

Water Properties 

Table F-1. Density of water at different temperatures 

Temperature (°C) 

0 

4 

10 

15 

20 

22 

25 

30 

40 

60 

80 

100 

Density (g/mL) 

0.9998395 

0.9999720 (maximum) 

0.9997026 

0.9991026 

0.9982071 

0.9977735 

0.9970479 

0.9956502 

0.9922 

0.9832 

0.9718 

0.9584 

Table F-2. Density of Water (g/cm
3
) at Temperatures from 0°C (liquid state) to 30.9°C by 

0.1°C increments. 

 0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 

0 0.999841 0.999847 0.999854 0.999860 0.999866 0.999872 0.999878 0.999884 0.999889 0.999895 

1 0.999900 0.999905 0.999909 0.999914 0.999918 0.999923 0.999927 0.999930 0.999934 0.999938 

2 0.999941 0.999944 0.999947 0.999950 0.999953 0.999955 0.999958 0.999960 0.999962 0.999964 

3 0.999965 0.999967 0.999968 0.999969 0.999970 0.999971 0.999972 0.999972 0.999973 0.999973 

4 0.999973 0.999973 0.999973 0.999972 0.999972 0.999972 0.999970 0.999969 0.999968 0.999966 

5 0.999965 0.999963 0.999961 0.999959 0.999957 0.999955 0.999952 0.999950 0.999947 0.999944 

6 0.999941 0.999938 0.999935 0.999931 0.999927 0.999924 0.999920 0.999916 0.999911 0.999907 

7 0.999902 0.999898 0.999893 0.999888 0.999883 0.999877 0.999872 0.999866 0.999861 0.999855 

8 0.999849 0.999843 0.999837 0.999830 0.999824 0.999817 0.999810 0.999803 0.999796 0.999789 

9 0.999781 0.999774 0.999766 0.999758 0.999751 0.999742 0.999734 0.999726 0.999717 0.999709 

10 0.999700 0.999691 0.999682 0.999673 0.999664 0.999654 0.999645 0.999635 0.999625 0.999615 

11 0.999605 0.999595 0.999585 0.999574 0.999564 0.999553 0.999542 0.999531 0.999520 0.999509 

12 0.999498 0.999486 0.999475 0.999463 0.999451 0.999439 0.999427 0.999415 0.999402 0.999390 

13 0.999377 0.999364 0.999352 0.999339 0.999326 0.999312 0.999299 0.999285 0.999272 0.999258 

14 0.999244 0.999230 0.999216 0.999202 0.999188 0.999173 0.999159 0.999144 0.999129 0.999114 

15 0.999099 0.999084 0.999069 0.999054 0.999038 0.999023 0.999007 0.998991 0.998975 0.998959 

16 0.998943 0.998926 0.998910 0.998893 0.998877 0.998860 0.998843 0.998826 0.998809 0.998792 

17 0.998774 0.998757 0.998739 0.998722 0.998704 0.998686 0.998668 0.998650 0.998632 0.998613 

18 0.998595 0.998576 0.998558 0.998539 0.998520 0.998501 0.998482 0.998463 0.998444 0.998424 

19 0.998405 0.998385 0.998365 0.998345 0.998325 0.998305 0.998285 0.998265 0.998244 0.998224 

20 0.998203 0.998183 0.998162 0.998141 0.998120 0.998099 0.998078 0.998056 0.998035 0.998013 

21 0.997992 0.997970 0.997948 0.997926 0.997904 0.997882 0.997860 0.997837 0.997815 0.997792 

22 0.997770 0.997747 0.997724 0.997701 0.997678 0.997655 0.997632 0.997608 0.997585 0.997561 

23 0.997538 0.997514 0.997490 0.997466 0.997442 0.997418 0.997394 0.997369 0.997345 0.997320 

24 0.997296 0.997271 0.997246 0.997221 0.997196 0.997171 0.997146 0.997120 0.997095 0.997069 

25 0.997044 0.997018 0.996992 0.996967 0.996941 0.996914 0.996888 0.996862 0.996836 0.996809 
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26 0.996783 0.996756 0.996729 0.996703 0.996676 0.996649 0.996621 0.996594 0.996567 0.996540 

27 0.996512 0.996485 0.996457 0.996429 0.996401 0.996373 0.996345 0.996317 0.996289 0.996261 

28 0.996232 0.996204 0.996175 0.996147 0.996118 0.996089 0.996060 0.996031 0.996002 0.995973 

29 0.995944 0.995914 0.995885 0.995855 0.995826 0.995796 0.995766 0.995736 0.995706 0.995676 

30 0.995646 0.995616 0.995586 0.995555 0.995525 0.995494 0.995464 0.995433 0.995402 0.995371 

 0.0 0.1 0.2 0.3 0.4 0.5 0.6 0.7 0.8 0.9 

 

Density of Water (g/cm
3
) at Temperatures from 0°C (liquid state) to 30.9°C by 0.1°C 

increments. 

Table F-3.  Water vapour pressure at different temperatures 

Temperature (°C) 

0 

4 

10 

15 

20 

22 

25 

30 

35 

40 

45 

50 

55 

60 

65 

70 

75 

80 

85 

90 

95 

100 

Vapour Pressure (torr) 

4.6 

6.1 

9.2 

12.8 

17.5 

19.8 

23.8 

31.8 

42.2 

55.3 

71.9 

92.5 

18.0 

149.4 

187.5 

233.7 

289.1 

355.1 

433.6 

525.8 

633.9 

760.0 

Vapour Pressure (Pa) 

613.2812 

813.2642 

1226.562 

1706.522 

2333.135 

2639.776 

3173.064 

4239.64 

5626.188 

7372.707 

9585.852 

12332.29 

15732 

19918.31 

24997.88 

31157.35 

38543.39 

47342.64 

57808.42 

70100.71 

84512.82 

101324.7 

Table F-4. Kw and pKw of water at different temperatures 

Temperature (°C) 

0 

5 

10 

15 

20 

25 

30 

35 

40 

45 

Kw 10
-14 

0.112 

0.182 

0.288 

0.465 

0.671 

0.991 

1.432 

2.042 

2.851 

3.917 

pKw 

14.95 

14.74 

14.54 

14.33 

14.17 

14.00 

13.84 

13.69 

13.55 

13.41 
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50 

55 

60 

75 

100 

5.297 

7.080 

9.311 

19.95 

56.23 

13.28 

13.15 

13.03 

12.70 

12.25 

Table F-5. Specific heat capacity for water 

C°[H2O(l)] = 4.184 J.g-1.°C-1 

C°[H2O(s)] =1.864 J.K-1.g-1 

C°[H2O(g)] =2.093 J.K-1.g-1 

Thermodynamic constants of water 

Heat of fusion (Hf) = 334 J.g-1 

Heat of vaporisation (Hv) = 2260 J.g-1 

Table F-6. Water cryoscopic (freezing point depression) and ebullioscopic (boiling point 

elevation) constants 

Kf =1.86°C.kg.mol-1 (cryoscopic constant) 

Kb= 0.51°C.kg.mol-1 (ebullioscopic constant) 

Table F-7.  Standard water melting and boiling temperatures and enthalpies of the 

transitions 

Melting  273.15K ΔH=6.088 kJ.mol-1 

Boiling  373.15K ΔH=40.656 kJ.mol-1 (44.016 kJ.mol-1 at 298 K) 

 

Table F-8. Viscosity and surface tension of water at different temperatures 

Temp. °C 

 

10 

15 

16 

17 

18 

19 

20 

21 

22 

23 

24 

25 

26 

27 

28 

29 

Viscosity 

(centipoise) 

1.3039 

1.1404 

1.1111 

1.0828 

1.0559 

1.0299 

1.0050 

0.9810 

0.9579 

0.9358 

0.9142 

0.8937 

0.8737 

0.8545 

0.8360 

0.8180 

Surface tension 

(dynes/cm) 

74.31 

73.49 

73.34 

73.19 

73.05 

72.90 

72.75 

72.59 

72.44 

72.28 

72.13 

71.97 

71.82 

71.66 

71.50 

71.35 
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30 

31 

32 

33 

34 

35 

36 

37 

38 

39 

40 

0.8007 

0.7840 

0.7679 

0.7523 

0.7371 

0.7225 

0.7085 

0.6947 

0.6814 

0.6685 

0.6560 

71.18 

71.02 

70.86 

70.71 

70.54 

70.38 

70.23 

70.01 

69.85 

69.51 

69.36 

Table F-9. Relative atomic masses of certain elements 

 

Name            Symbol Relative atomic mass 

Aluminium Al 26.98 

Antimony Sb 121.75 

Arsenic As 74.92 

Barium Ba 137.3 

Bismuth Bi 209.0 

Boron B 10.81 

Bromine Br 79.90 

Cadmium Cd 112.4 

Calcium Ca 40.08 

Carbon C 12.01 

Cerium Ce 140.1 

Chlorine Cl 35.45 

Chromium Cr 52.00 

Cobalt Co 58.93 

Copper Cu 63.55 

Fluorine F 19.00 

Gold Au 197.0 

Helium He 4.003 

Holmium Ho 164.9 

Hydrogen H 1.008 

Iodine I 126.9 

Iron Fe 55.85 

Lanthanum La 138.9 

Lead Pb 207.2 

Lithium Li 6.941 

Magnesium Mg 24.31 

Manganese Mn 54.94 
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Mercury Hg 200.6 

Molybdenum Mo 95.94 

Nickel Ni 58.71 

Nitrogen N 14.01 

Oxygen O 16.00 

Phosphorus P 30.97 

Platinum Pt 195.1 

Potassium K 39.10 

Ruthenium Ru 101.1 

Selenium Se 78.96 

Silicon Si 28.09 

Silver Ag 107.9 

Sodium Na 22.99 

Strontium Sr 87.62 

Sulfur S 32.06 

Thorium Th 232.0 

Tin Sn 118.7 

Titanium Ti 47.90 

Tungsten 

(Wolfram) 

W 183.85 

Uranium U 238.0 

Vanadium V 50.94 

Zinc Zn 65.38 

Zirconium Zr 91.22 
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APPENDIX G 

Table G-1.  Preparation of some indicators 

Phenolphthalein 

 

Methyl orange 

 
Methyl red 

 

 
Starch solution 

 

 

 
 

 

Litmus solution (blue) 
 

Litmus solution (red) 

 
Pot. ferricyanide 

 

Diphenylamine 

 
N-Phenyl anthranilic acid 

 

 
Ferric alum 

 

Potassium chromate 
 

Fluorescein 

 

Dichlorofluorescein 
 

Diphenylbenzidin 

 
Ferroin 

 

 

Erichrome Black T 
 

Murexide 

 
 

Xylenol Orange 

 
Potton and Reeder’s 

indicator 

1% 

 

0.1% 

 
0 1% 

 

 
1% 

 

 

 
 

 

1% 
 

1% 

 
0.1% 

 

10% 

 
0.1% 

 

 
40% 

 

5% 
 

0.2% 

 

0.1% 
 

1% 

 
- 

 

 

1% 
 

- 

 
 

5% 

 
1% 

 

Dissolve 1 g of phenolphthalein in 100 mL of alcohol. 

 

Dissolve 1 g of methyl orange in one L water. 

 
Dissolve 1 g of the solid in one L of hot water or dissolve 

in 600 mL of alcohol and dilute with 400 mL of water. 

 
Make a paste of 1 g of starch with cold water. Pour this 

drop by drop into about 100 mL of boiling water and 

continue to boil for a few minutes. Allow to stand until 

cool. Decant off clear solution. If 100 mg of salicylic acid 
is added to 100 mL of this starch solution then it keeps 

well for a long time. 

 
Dissolve 10 g of the solid in 1 L of water. 

 

Dissolve 10 g of the solid in 1 L of water. 
 

Dissolve 1 g of the solid in 1 L of water. 

 

Dissolve 1 g of diphenylamine in 10 mL of concentrated 
H2SO4. 

 

Dissolve 0.25 g of the solid in 12 mL of 0.1 N NaOH 
solution and dilute to 250 mL with water. 

 

Dissolve 40 g of the solid in 100 mL of distilled water. 
 

Dissolve 5 g of the solid in 100 mL of distilled water. 

 

Dissolve 0.2 g of the solid in 100 mL of 70 percent 
alcohol. 

 

Dissolve 0.1 g of the solid in 100 mL of 70 percent 
alcohol. 

 

Dissolve 1 g in 100 mL of conc. H2SO4. 

 
Dissolve 1.485 g of ortho phenanthrolene monohydrate in 

100 mL of 0.025 M ferrous sulphate. 

 
Dissolve 0.2 g in 15 mL of triethanolamine and 5 mL of 

ethanol. 

 
Shake 0.5 g of the compound with 100 mL of water and 

separate the undissolved part by decantation. 
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Pyrocatechol violet 

 
Calcon 

0.1% 

 
0.4% 

 

Dissolve 5 g in 100 mL of water. 
 

Grind 1 g of indicator with 100 g of anhydrous sodium 

sulphate. Use 1 g of this mixture for each titration. 

Dissolve 0.1 g of the indicator in 100 mL of water. 
 

Dissolve 0.2 g of the compound in 50 mL of methanol. 

 

Table G-2.  Some gravimetric estimations 

S. 

No. 
Estimation Precipitated as Mode of filtration Weighed as 

1 Ag+/Cl- AgCl Whatman No. 40/ Sintered G-3 AgCl 

2 Ba+2/SO4
-2 BaSO4 Whatman no. 42/Sintered G-4 BaSO4 

3 Fe+3 Fe(OH)3 Whatman No. 41 Fe2O3 

4 Al+3 Al(OH)3 Whatman No. 41 Al2O3 

5 Al+3 Al oxinate Sintered G-4 Al(C9H6NO)3 

6 Ni+2 Ni DMG Sintered G-3 Ni(C4H7O2N2)2 

7 Cu+2 CuSCN Sintered G-4 CuSCN 

8 Cr+3 PbCrO4 Whatman No. 42 PbCrO4 

9 Mg+2 Mg oxinate Sintered G-4 Mg(C9H6NO)2 

10 Mg+2/PO4
-3 Mg(NH4)PO4.6H2O Whatman No. 40 Mg2P2O7 

11 Ca+2/C2O4
-2 CaC2O4 Whatman No. 40 CaO 

12 Zn+2 ZnCO3 Whatman No. 40 ZnO 

13 Sn+2 Sn(OH)4 Whatman No. 41 SnO2 

 

Table G-3.  Some gravimetric factors 

Constituent sought Weighed as Gravimetric factor 

Ag AgCl Ag/AgCl = 0.7526 

Al Al2O3 2Al/Al2O3 = 0.5291 

Al Al(C9H6NO)3 Al/ Al(C9H6NO)3 = 0.0588 

Ba BaSO4 Ba/BaSO4 = 0.5885 

Ca CaO Ca/CaO = 0.7147 

Cl- AgCl Cl-/AgCl = 0.2474 

Cr PbCrO4 Cr/PbCrO4 = 0.1609 

Cu CuSCN Cu/CuSCN = 0.5226 

C2O4
-2 CaO C2O4

-2/CaO = 1.5695 

Fe Fe2O3 2Fe/Fe2O3 = 0.6994 

Mg Mg2P2O7 2Mg/Mg2P2O7 = 0.2185 

Mg Mg(C9H6NO)2 Mg/Mg(C9H6NO)2 = 0.0769 

Ni Ni(C4H7O2N2)2 Ni/ Ni(C4H7O2N2)2 = 0.0203 
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Pb PbSO4 Pb/PbSO4 = 0.6833 

PO4
-3 Mg2P2O7 2PO4

-3/Mg2P2O7 = 0.8534 

Sn SnO2 Sn/SnO2 = 0.7877 

SO4
-2 BaSO4 SO4

-2/BaSO4 = 0.4115 

Zn ZnO Zn/ZnO = 0.8034 

 

Table G-4. McIlvaine buffer (citrate-phosphate buffer) composition (20 mL) 

0.2M solution of disodium phosphate (28.38g/L) in water. 

0.1M solution of citric acid (19.21g/L) in water. 

pH 

2.2 

2.4 

2.6 

2.8 

3.0 

3.2 

3.4 

3.6 

3.8 

4.0 

4.2 

4.4 

4.6 

4.8 

5.0 

5.2 

5.4 

5.6 

5.8 

6.0 

6.2 

6.4 

6.6 

6.8 

7.0 

7.2 

7.4 

7.6 

7.8 

8.0 

0.2 M Na2HPO4 (mL) 

00.40 

01.24 

02.18 

03.17 

04.11 

04.94 

05.70 

06.44 

07.10 

07.71 

08.28 

08.82 

09.35 

09.86 

10.30 

10.72 

11.15 

11.60 

12.09 

12.63 

13.22 

13.85 

14.55 

15.45 

16.47 

17.39 

18.17 

18.73 

19.15 

19.45 

0.1 M citric acid (mL) 

19.60 

18.76 

17.82 

16.83 

15.89 

15.06 

14.30 

13.56 

12.90 

12.29 

11.72 

11.18 

10.65 

10.14 

09.70 

09.28 

08.85 

08.40 

07.91 

07.37 

06.78 

06.15 

05.45 

04.55 

03.53 

02.61 

01.83 

01.27 

00.85 

00.55 

 

Table G-5. Acetic acid- sodium acetate buffer solutions 
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0.2M Acetic acid (mL) 

9.5 

9.0 

8.0 

7.0 

6.0 

5.0 

4.0 

3.0 

2.0 

1.0 

0.5 

0.2 M sodium acetate (mL) 

0.5 

1.0 

2.0 

3.0 

4.0 

5.0 

6.0 

7.0 

8.0 

9.0 

9.5 

pH (18°C) 

3.42 

3.72 

4.05 

4.27 

4.45 

4.63 

4.80 

4.99 

5.23 

5.57 

5.89 

Table G-6. Phosphate buffers (18°C) 

A. Disodium hydrogen phosphate-M/15; Na2HPO4 (Mol.Wt. 141.95897) 

B. Potassium dihydrogen phosphate-M/15; KH2PO4 (Mol.Wt. 136.08569) 

A (mL) 

0.25 

0.50 

1.0 

2.0 

3.0 

4.0 

B (mL) 

9.75 

9.5 

9.0 

8.0 

7.0 

6.0 

pH 

5.29 

5.59 

5.91 

6.24 

6.47 

6.64 

A (mL) 

5.0 

6.0 

7.0 

8.0 

9.0 

9.5 

B (mL) 

5.0 

4.0 

3.0 

2.0 

1.0 

0.5 

pH 

6.81 

6.98 

7.17 

7.38 

7.73 

8.04 

Table G-7. pH of some standard solutions 

Temp. 

(°C) 

 

 

10 

15 

20 

25 

30 

35 

40 

45 

0.01 M 

Borax 

 

 

9.328 

9.273 

9.223 

9.171 

9.135 

9.100 

9.066 

9.037 

Saturated 

Ca(OH)2 

 

 

13.004 

12.809 

12.629 

12.454 

12.296 

12.135 

11.985 

11.841 

0.05 M 

potassium 

hydrogen 

phthalate 

4.000 

4.002 

4.003 

4.007 

4.013 

4.021 

4.039 

4.053 

0.01 M 

potassium 

hydrogen 

tartrate 

3.671 

3.655 

3.647 

3.637 

3.633 

3.629 

3.620 

3.614 

0.05 M 

potassium 

tetra-

oxalate 

1.669 

1.674 

1.676 

1.681 

1.685 

1.693 

1.696 

1.704 

0.025 M 

KH2PO4 

+0.025 M 

Na2HPO4 

6.922 

6.896 

6.878 

6.860 

6.849 

6.842 

6.837 

6.834 

Table G-8 Composition of commercial acids and bases 

Reagent % age by 

weight 

Approx. 

Sp. gravity 

Normality Volume 

required for 1 

L, approx. 1 N 

solution (mL) 

Acetic acid, glacial 99.5 1.05 17.4 57.5 

Aqueous ammonia 28 0.90 14.8 68 
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Formic acid 90 1.29 23.6 42.5 

Hydrochloric acid 36 1.18 11.65 85.8 

Hydrofluoric acid 40 1.13 22.6 44.2 

Nitric acid 70 1.42 15.8 63.3 

Perchloric acid 70 1.67 11.6 86.2 

Phosphoric acid 85 1.69 44.4 23 

Sulphuric acid 98 1.84 36.8 27.2 

Table G-9.  Concentration of solutions 

Name 

Molarity 

 

Formality 

 

Normality 

 

Molality 

 

weight % 

 

volume % 

 

weight-to-volume % 

 

volume-to-weight 

 

parts per million 

 

parts per billion 

 

mole fraction 

 

mass fraction 

 

strength 

 

demal 

Units 

moles solute/ 

litres solution 

number FWs solute/ 

litres solution 

number EWs solute/ 

litres solution 

moles solute/ 

kg solvent 

g solute/ 

100 g solution 

mL solute/ 

100 mL solution 

g solute/ 

100 mL solution 

mL solute/ 

100 g solution 

g solute/ 

106 g solution 

g solute/ 

109 g solution 

moles solute/ 

moles solution 

mass solute/ 

mass solution 

g solute/ 

1 L solution 

moles solute/ 

Symbol 

M 

 

F 

 

N 

 

m 

 

% w/w 

 

% v/v 

 

% w/v 

 

% v/we 

 

Ppm 

 

Ppb 

 

𝑥 

 

mass % 

 

s 

 

DML 
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1 L solution at 0°C 

 

 

Table G-10.  Standard Reduction Potentials at 25°C 

Half-Reaction 
 

 

+2.87 

 

+1.70 

 

+1.51 

 

+1.50 

 

+1.36 

 

+1.33 

 

+1.23 

 

+1.07 

 

+0.96 

 

+0.92 

 

+0.85 

 

+0.80 

 

+0.77 

 

+0.53 

 

+0.52 

 

+0.40 

 

+0.34 

 

+0.13 
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0.00 

 

-0.13 

 

-0.14 

 

-0.25 

 

-0.28 

 

-0.31 

 

-0.40 

 

-0.44 

 

-0.74 

 

-0.76 

 

-0.83 

 

-1.18 

 

-1.66 

 

-1.70 

 

-2.37 

 

-2.71 

 

-2.87 

 

-2.89 

 

-2.90 

 

-2.92 

 

-2.92 

 

-2.92 

 

-3.05 
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Table G-11. Common Polyatomic Ions 

 

Other Ions 

cerium (III)                    cerous               Ce3+ 

cerium (IV)                     ceric                 Ce4+ 
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copper (I) cuprous Cu+ 

copper (II) cupric Cu2+ 

iron (II) ferrous Fe2+ 

iron (III) ferric Fe3+ 

lead (II) plumbous Pb2+ 

lead (IV) plumbic Pb4+ 

mercury (I) mercurous Hg+ 

mercury (II) mercuric Hg2+ 

tin (II) stannous Sn2+ 

tin (IV) stannic Sn4+ 

 

Table G-12. Solutions for volumetric analysis 

Compound Formula Mol.Wt. Eq.Wt. Solvent 

Ammonium ceric 

sulphate 
(NH4)4Ce(SO4)4.2H2O 632.55 632.55 1 M H2SO4 

Ammonium ferrous 

sulphate* 

(NH4)2Fe(SO4)2.6H2O 392.13 392.13 1 M H2SO4 

Ammonium 

thiocyanate 
NH4SCN 76.12 76.12 DW 

Arsenious oxide* As2O3 197.84 32.973 1 M NaOH 

Barium hydroxide Ba(OH)2.8H2O 315.46 157.73 DW 

Borax* Na2B4O7.10H2O 381.38 190.69 DW 

Ceric sulphate Ce(SO4)2 332.24 332.24 1 M H2SO4 

Copper sulphate* CuSO4.5H2O 249.71 249.71 DW 

Iodine I2 253.81 126.905 2% KI 

Oxalic acid C2H2O4.2H2O 126.07 63.04 DW 

Potassium chloride* KCl 74.56 74.56 DW 

Potassium 

dichromate* 

K2Cr2O7 294.19 49.032 DW 

Potassium 

ferricyanide 

K3[Fe(CN)6] 329.24 329.24 DW 

Potassium 

ferrocyanide 

K4[Fe(CN)6].3H2O 422.388 422.388 DW 

Potassium hydrogen 

phthalate* 

HOCO(C6H4)COOK 204.22 204.22 DW 
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Potassium iodate* KIO3 214.00 35.67 moderately acidic 

Potassium 

permanganate 

KMnO4 158.04 31.606 acidic medium 

Potassium 

tetroxalate 
KH3(C2O4)2.2H2O 254.19 63.55 acidic medium 

Potassium 

thiocyanate 

KSCN 97.16 97.16 DW 

Silver nitrate* AgNO3 169.87 169.87 DW 

Sodium carbonate* Na2CO3 106.00 53.00 DW 

Sodium chloride* NaCl 58.44 58.44 DW 

Sodium hydroxide NaOH 40.00 40.00 DW 

Sodium oxalate* Na2C2O4 134.00 67.00 DW 

Sodium salt of 

EDTA* 
C10H14N2Na2O8.2H2O 372.24 186.12 Alkaline medium 

(pH=8) 

Sodium thiosulphate Na2S2O3.5H2O 248.18 248.18 0.1% Na2CO3 

Zinc sulphate* ZnSO4.7H2O 287.53 143.69 DW 

DW- Distilled water 

* Primary Standard 
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APPENDIX H 

Statistical evaluation of analytical data 

Accuracy: refers to how the measured values are close to the actual value. 

 

Vtrue= exact or accepted value (theoretical value) 

Vobserved= measured or experimentally found value (practical value) 

Percent yield = 
𝑎𝑐𝑡𝑢𝑎𝑙 (𝑚𝑒𝑎𝑠𝑢𝑟𝑒𝑑) 𝑦𝑖𝑒𝑙𝑑

𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 𝑦𝑖𝑒𝑙𝑑
 × 100% 

Mean absolute error: 

 

Where; |𝑥𝑖 − 𝑥|= absolute errors and n = number of errors 

Mean, mode and median: 

Mean: 

Arithmetic mean: 

𝑥𝑖= value of every individual item being averaged (1 to n) 

n = number of items or numbers 

Geometric mean: nth root of the product of n values in a data. 

𝑥𝑔𝑒𝑜𝑚̅̅ ̅̅ ̅̅ ̅̅ = √𝑥1. 𝑥2 … … . 𝑥𝑛
𝑛  

Mode: The value in the data set that occurs most frequently. 

Median: 

If n is odd, then 

M = (
𝑛+1

2
)

𝑡ℎ

term 

If n is even, then 

M = 
(

𝑛

2
)

𝑡ℎ
term + (

𝑛+1

2
)

𝑡ℎ
term

2
 

Class width = 
ℎ𝑖𝑔ℎ𝑒𝑠𝑡 𝑣𝑎𝑙𝑢𝑒−𝑙𝑜𝑤𝑒𝑠𝑡 𝑣𝑎𝑙𝑢𝑒

𝑛𝑢𝑚𝑏𝑒𝑟 𝑐𝑙𝑎𝑠𝑠𝑒𝑠
  (increase to next integer) 
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Class midpoint or class mark: 

 

Precision: refers to how the measured values are close to each other. 

Mean Deviation from Mean (average deviation) AD ═ 
∑∣X−�̅�∣

𝑁
 

Mean Deviation from Median ═ 
∑|X−M|

𝑁
 

Average deviation of the mean = 
𝐴𝐷

√𝑁
 = 

∑∣X−�̅�∣

𝑁.√𝑁
 

Relative average deviation RAD (%) = 
𝐴𝐷

�̅�
 × 100 = 

∑∣X−�̅�∣

𝑁.�̅�
 × 100 

Relative average deviation RAD (ppt) = 
𝐴𝐷

�̅�
 × 1000 = 

∑∣X−�̅�∣

𝑁.�̅�
 × 1000 

Relative average deviation RAD (ppm) = 
𝐴𝐷

�̅�
 × 106 = 

∑∣X−�̅�∣

𝑁.�̅�
 × 106 

Here, 
∑ represents the summation. 

X =Observations 

�̅� = Mean 

N = The number of observations 
M = Median 

 

Formulas for selected sample and total population: 

Sample Mean (�̅�) =
∑ 𝑥𝑖

𝑛
 

Population Mean (μ) =
∑ 𝑥𝑖

𝑁
 

Sample Standard Deviation (s)=√
∑(𝑥𝑖−�̅�)2

𝑛−1
 

Population Standard Deviation (σ) = √
(𝑥𝑖−μ)2

𝑁
 

Sample Variance (𝑠2) =
∑(𝑥𝑖−�̅�)2

𝑛−1
 

Population Variance (σ2) =
∑(𝑥𝑖–μ)2

𝑁
 

Relative standard deviation (ppt) = 
𝑠𝑡𝑎𝑛𝑑𝑎𝑟𝑑 𝑑𝑒𝑣𝑖𝑎𝑡𝑖𝑜𝑛

𝑚𝑒𝑎𝑛
 × 1000 

Range (R) = Largest data value – smallest data value 

Midrange = 
ℎ𝑖𝑔ℎ𝑒𝑠𝑡 𝑣𝑎𝑙𝑢𝑒 +𝑙𝑜𝑤𝑒𝑠𝑡 𝑣𝑎𝑙𝑢𝑒

2
 

Here, 

∑ represents the summation. 

𝑥𝑖= value of every individual item being averaged (1 to n) 
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n = number of items or numbers in the sample 

N = Total number of observations (population) 

Limits for unusual data: 

Below: µ - 2σ 

High: µ + 2σ 

Empirical rule: 

About 68%: µ - σ to µ + σ 

About 95%: µ - 2σ to µ + 2σ 

About 99.7%: µ - 3σ to µ + 3σ 

Sample coefficient of variation: CV = 
𝑠

�̅�
 × 100% 

Population coefficient of variation: CV = 
σ

μ̅
 × 100% 

Sample z-score: z = 
𝑥−�̅�

𝑠
 

Population z-score: z = 
𝑥−μ

𝜎
 

Pearson correlation coefficient: 

𝑟 =
𝑛(∑ 𝑥𝑦) − (∑ 𝑥)(∑ 𝑦)

√[𝑛 ∑ 𝑥2 − (∑ 𝑥)2][𝑛 ∑ 𝑦2 − (∑ 𝑦)2]
 

Where n = Quantity of Information 

Σx = Total of the First Variable Value 

Σy = Total of the Second Variable Value 

Σxy = Sum of the Product of first & Second Value 

Σx2 = Sum of the Squares of the First Value 

Σy2 = Sum of the Squares of the Second Value 

Population Covariance: 
𝑪𝒐𝒗(𝑿, 𝒀) =

∑(𝒙𝒊 − 𝒙)(𝒚𝒊 − 𝒚)

𝑵
 

Sample Covariance: 𝐶𝑜𝑣(𝑋, 𝑌) =
∑(𝑥𝑖 − 𝑥)(𝑦𝑖 − 𝑦)

𝑛 − 1
 

 

Sample Correlation Coefficient: 

𝑟𝑥𝑦 =
𝑆𝑥𝑦

𝑆𝑥𝑆𝑦
 

Here, Sx and Sy are the sample standard deviations, and Sxy is the sample covariance. 

Population Correlation Coefficient: 
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𝜌𝑥𝑦 =
𝜎𝑥𝑦

𝜎𝑥𝜎𝑦
 

The population correlation coefficient uses σx and σy as the population standard deviations and 

σxy as the population covariance. 

Relation Between Correlation Coefficient and Covariance: 

𝐶𝑜𝑟𝑟𝑒𝑙𝑎𝑡𝑖𝑜𝑛 =
𝐶𝑜𝑣(𝑥, 𝑦)

𝜎𝑥. 𝜎𝑦
 

Here, Cov (x,y) is the covariance between x and y while σx and σy are the standard deviations of 

x and y. 
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APPENDIX I 

Table I-1. Solubility of some sparingly soluble salts in water (g L
-1 

at 20°C) 

Salt Solubility 

Barium carbonate 0.024 

Barium chromate 0.0028 

Barium ferrocyanide 0.097 

Barium oxalate 0.030 

Barium sulphate 0.0024 

Cadmium carbonate 3.93 x 10-4 

Cadmium hydroxide 0.0027 

Cadmium oxalate 0.0605 

Cadmium phosphate 6.24 x 10-5 

Calcium carbonate 0.0062 

Calcium oxalate 0.0067 

Calcium phosphate 0.0200 

Cupric carbonate 0.0015 

Ferrous carbonate 6.55 x 10-4 

Ferrous hydroxide 5.26 x 10-4 

Lead carbonate 7.27 x 10-4 

Lead chloride 10.8 

Lead chromate 1.71 x 10-4 

Lead ferrocyanide 0.0060 

Lead iodide 0.756 

Lead oxalate 0.0065 

Lead sulphate 0.044 

Magnesium carbonate 0.3900 

Magnesium hydroxide 0.0096 

Magnesium phosphate 0.0026 

Manganese carbonate 4.88 x 10-4 

Mercuric iodide 0.0600 

Mercurous bromide 1.35 x 10-5 

Mercurous chloride 3.25 x 10-4 

Nickel carbonate 0.0096 

Nickle oxalate 0.0118 

Silver benzoate 2.17 

Silver bromide 1.33 x 10-4 

Silver chloride 0.0019 

Silver chromate 0.0216 

Silver iodide 3.00 x 10-6 

Silver oxalate 0.0327 

Silver thiocyanate 1.4 x 10-4 
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Strontium sulphate 0.132 

Thallous chloride 3.918 

Zinc carbonate 4.69 x 10-4 

Table I-2. Solubility of some common inorganic compounds in water (g/100 mL at 20°C) 

Compound Solubility 

Aluminium chloride 45.8 

Aluminium nitrate 73.9 

Aluminium sulphate 36.4 

Ammonium acetate 143 

Ammonium bicarbonate 21.7 

Ammonium bromide 75.5 

Ammonium carbonate 100 

Ammonium chloride 37.2 

Ammonium dihydrogen phosphate 37.4 

Ammonium nitrate 192 

Ammonium oxalate 4.45 

Ammonium phosphate 20.3 

Ammonium sulphate 75.4 

Auric chloride 68 

Barium chloride 33.80 

Barium iodide 223 

Barium nitrate 9.02 

Boric acid 4.72 

Cadmium bromide 98.8 

Cadmium chloride 135 

Cadmium nitrate 136 

Calcium acetate 34.7 

Calcium bromide 143 

Calcium chloride 74.5 

Calcium nitrate 129 

Calcium nitrite 84.5 

Chromium nitrate 130 

Chromium sulphate 220 

Cobalt bromide 112 

Cobalt chloride 52.9 

Cupric chloride 73 

Cupric nitrate 125 

Cupric sulphate 32 

Ferric chloride 91.8 

Ferric nitrate 138 
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Ferrous ammonium sulphate 26.9 

Ferrous sulphate 28.8 

Lead acetate 44.3 

Lead nitrate 54.3 

Magnesium bromide 101 

Magnesium chloride 54.6 

Magnesium nitrate 69.5 

Magnesium sulphate 35.1 

Manganese chloride 73.9 

Manganese nitrate 139 

Mercuric acetate 25 

Nickel sulphate 44.4 

Nickle nitrate 94.2 

Potash alum 14 

Potassium bromide 65.3 

Potassium chloride 34.2 

Potassium dichromate 12.3 

Potassium ferricyanide 46 

Potassium ferrocyanide 28.2 

Potassium nitrate 31.6 

Potassium permanganate 6.34 

Potassium sulphate 11.1 

Silver nitrate 216 

Sodium bicarbonate 9.6 

Sodium bromide 90.8 

Sodium carbonate 21.5 

Sodium chloride 35.89 

Sodium nitrate 87.6 

Sodium sulphate 19.5 

Strontium bromide 102 

Zinc bromide 446 

Zinc sulphate 53.8 
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APPENDIX J 

Writing the practical notebook: 

All the experiments performed in the lab are recorded in a systematic manner in the practical 

note book as: 

L.H.S. page (blank sheet) [with pencil] R.H.S. page (ruled page) [with ink pen] 

Date Date 

Experiment No. Experiment No. 

Experiment or aim Experiment or aim 

Requirements (chemicals) Apparatus 

Chemical reaction Theory (discussion) 

Diagram (if any) Procedure 

Observations (including tables and other 

details like indicator, end point etc.) 

General calculations (supposed 

calculations) 

Calculations (exact) Precautions 

Result Sources of error (if any) 

Error (if any) Environmental concerns (if any) 

 The procedure of the experiment should be written in the past tense without using first 

person. 

 Keep your practical notebook neat and clean. Avoid overwritings and erasures. Don’t tear 

pages of the notebook and number them in the sequence. 

 Always record the exact observations and don’t manipulate them in order to get the desired 

results. Record them directly in the notebook and not on a piece of paper. 

 All the observations must be written with proper units (preferably SI). 

 The burette readings must be recorded up to two decimal places (as 21.00 mL and not as 21 

mL). 

 The notebook must be got signed regularly by your teacher. 
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ABOUT THE BOOK 
Theoretical aspects of all the practical topics have been discussed in detail in the introductory 
part of each chapter as well as along with the individual experiment.  
The calculation part has been made clear with fictional values for all experiments.  
Model questions with answers and practice questions in addition to viva voce have been given 
at the end of each chapter.  
Appendices at the end of the book are given for reference to help the teachers, researchers, 
students and laboratory staff.  
Safety rules and common mistakes made in the laboratory is a special feature for the new 
entrants to this laboratory course. 
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