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PREFACE 
 

The proposed practice is intended for students of ecology at 
universities. Laboratory work in practice is consistent with 
the chemistry course. 
 The practice included laboratory work covering key 
sections of general and non-organic chemistry. 
 Laboratory work in chemistry is grouped as follows. 
The "Complex Compounds" section contains cation complex 
compounds, anion complex compounds, double complex 
compounds, and complex compounds, as well as ionization 
reactions, neutralization reactions, and ammonium-chloride 
solutions, as well as the effects of density and temperature on 
the reaction to the "Chemical Reaction Speed, Chemical 
Balance" section, balance  the effects of density, temperature 
and environment, the preparation of certain density of 
crystallization from crystallization, the reaction of the 
environment in the water of various salts, the factors 
affecting hydrogen, the effects of the environment on the 
oxidation capacity of matter in the "Oxidation-Reduction 
Reactions" section, the interaction of basics with acids and 
salts in the Metals section, the change in the color of metal 
compounds, and the crystallization water in crystal hydrogen  
and so on.  
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 Laboratory work is essential for students to confirm 
the ethical knowledge they have learned, as well as to 
develop laboratory habits, analyze results, and obtain results.  
 

 
 

Work 1. TECHNIQUE OF PERFORMANCE OF 
LABORATORY WORKS 

AND SAFETY ARRANGEMENTS 
In laboratory works caustic, corrosive and toxic 

substances are used. Therefore, work in a chemical laboratory 
is safe only if the general rules and safety arrangement 
requirements are strictly observed. 

When performing laboratory works, the following 
general rules must be observed: 

1. Keep the workplace clean and tidy. 
2. To begin to carry out the experiment only when its 

purpose and objectives are clear, when the individual stages 
of the experiment are considered. 

3. Experiments should be performed accurately, 
without haste, in compliance with all the requirements 
contained in the guidelines. 

4. The laboratory must be kept quiet, it is forbidden to 
eat, drink or engage in extraneous works. 

5. After using the reagent, it must be placed in a 
tripod immediately so as not to create clutter in the 
workplace. 

6. After finishing work, be sure to wash your hands. 
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Among the chemical reagents there are toxic 
substances that have a toxic effect on the human body as a 
whole (arsenic, antimony, lead, mercury and their 
compounds, halogens, hydrogen sulfide, carbon monoxide 
(II), nitrogen oxides, etc.), and corrosive substances, having 
local effects on the skin (acids and alkalis). When working 
with them, the following safety rules must be observed: 

1. All experiments with poisonous and strongly 
smelling substances, as well as heating and evaporation of 
solutions, should be carried out only in a fume hood. 

2. Do not lean over a vessel with boiling liquid. Keep 
the heated test tube or flask with the hole to the side, and not 
to yourself or to a neighbor, as liquid may be ejected. 

3. The smell of a substance should be determined not 
by inhaling the vapors with a full breast, but by directing 
them towards you with a slight movement of the hand. 

4. Work with acids and alkalis in such a way that 
reagents do not get on clothes, face, hands. When pouring the 
solution into a test tube, it must be kept at some distance from 
you. 

5. Great care must be taken when handling unknown 
substances. Under no circumstances should the substance be 
tasted! 

6. Any spills, breakages, or spills on tables or 
laboratory floors should be immediately cleaned up. If acid 
spills on the table or floor, it should be neutralized with alkali 
or soda. 
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7. A collection of poisonous and caustic liquids in the 
pipette should be made not by mouth, but with a rubber bulb. 

8. Wear protective goggles when grinding dry alkalis. 
Take hard alkali only with tweezers or forceps. 

9. Do not use for experiments substances from 
droppers, flasks and packages without labels and with 
illegible inscriptions. 

10. There is a first aid kit in the chemical laboratory. 
One must be able to provide first aid to the injured when 
necessary. 

 
         Incident First aid 

                                                  BURNS  
Burns by fire, steam, hot objects 
 first degree (redness) Apply cotton wool moistened with 

ethyl alcohol. Repeat wetting. 
second degree (bubbles) Treat with 5% KMnO4 solution or 

5% tannin solution. 
third degree (tissue 
destruction) 

Cover the wound with a sterile 
dressing and call a doctor. 

Acid, chlorine or bromine 
burns  

Rinse the burn with plenty of water, 
then with 5% NaHCO3 solution.  

Acid, chlorine or bromine 
burns  

Wash with plenty of water. 

Alkaline burns Wash with water agains 
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Eye burns In case of burns with acids, rinse with 
3% Na2CO3 solution. In case of burns 
with alkalis, use 2% boric acid 
solution 

                                              POISONING  
Ingestion of corrosive 
substances in the mouth 
and digestive organs  

If you get acids, drink magnesium 
oxide gruel. In case of contact with 
alkalis, drink a solution of citric acid 
or very dilute acetic acid. 

Poisoning with solid or 
liquid substances 

Induce vomiting by drinking 1% 
solution of copper (II) sulfate CuSO4. 

Induce vomiting by 
drinking 1% solution of 
copper (II) sulfate CuSO4. 

Remove victim immediately to fresh 
air. 

 
11. When preparing solutions of sulfuric acid, it is 

necessary to pour it into water, and not vice versa, since, due 
to strong local heating, splashing of concentrated acid is 
possible. In this case, you must use a thin-walled flask or 
porcelain dishes. 

12. No substances from the laboratory can be taken 
home. 

13. Metallic mercury and its vapors are a strong 
poison. Therefore, the mercury spilled during the breakdown 
of instruments and thermometers must be carefully collected. 
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Mercury is collected using amalgamated copper or tinplate 
plates. 

14. In case of cuts with glass, the wound must be 
disinfected with a solution of potassium permanganate or 
alcohol, treated with iodine and tied up with a bandage. 

15. After providing first aid, refer the victim to a 
doctor. 

16. For fire safety purposes, the chemical laboratory is 
equipped with fire extinguishers, boxes of sand, asbestos 
blankets. You need to know where the fire-fighting 
equipment is located and the procedure for urgent evacuation 
from the laboratory in case of fire. 

17. In all cases of deviations from the normal course 
of laboratory exercises that threaten to violate these rules, 
first inform the teacher, the duty laboratory assistant or the 
head of the laboratory. 

1. The name of the work and the date of its 
implementation. 

2. The purpose of the work as a whole and of each 
individual experiment. 

3. Installation diagram and its description. 
4. The order of the work implementation (work 

progress). 
5. Table of the experimental data. 
6. Calculation of the required value. 
7. Calculation of the experimental error. 
8. Conclusions. 
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            Work 2. Complex compounds 
Complex compounds are widely used in various fields 

of technology. The ability of substances to form complex 
compounds is applied in the development of effective 
methods for the extraction of chemically pure metals from 
ores, in the production of catalysts, dyes, drugs, in the 
treatment of natural and wastewater, in the dissolution of 
flakes in steam generators, etc. 
Reagents and devices: 
Experiment 1 - copper sulfate, ammonia, nickel sulfate, 
sodium hydroxide, test tubes 
Experiment 2 - salts of zinc, aluminum and chromium (III), 
alkali, test tubes 
Experiment 3 - yellow prussiate of potash (potassium 
ferrocyanide) - solution of potassium hexacyanoferrate (II) 
K4[Fe (CN)6], ammonia, nickel sulfate, test tubes 
Experiment 4 - K4[Fe (CN)6], copper sulfate, iron (III) 
chloride, test tubes. 

                                                               
Progress of the work: 

Experiment 1. Formation of compounds with a complex 
cation 

A) Obtaining copper (II) tetraammine hydroxide. 
Add 4-5 drops of copper sulfate solution to the test 

tube. Slowly, drop by drop add the diluted ammonia solution 
until a precipitate forms. Note the color of the settled 
precipitate, then add an excess of ammonia solution until the 
precipitate dissolves, thus forming a complex compound - 



 
 
 
 

11 

tetraamminecopper (II) hydroxide. Note the color of the 
complex compound formed. Write the reaction equations: 

a) the formation of copper hydroxide; 
b) interaction of copper hydroxide with ammonia 
 
B) Obtaining nickel (II) hexaammine hydroxide. 
Add 5-6 drops of nickel sulfate solution to a test tube, 

then add the same volume of sodium hydroxide solution until 
a precipitate is obtained. Record the color of the precipitate. 
Add 7-8 drops of concentrated ammonia solution to the 
resulting precipitate until a violet color of the formed 
complex compound is obtained. Write the reaction equations: 

a) the formation of nickel hydroxyl; 
b) the interaction of nickel hydroxide with a 

concentrated solution of ammonia, taking the coordination 
number of nickel equal to six. 
 
Experiment 2. Formation of compounds with a complex 
anion 

A) Obtaining soluble hydroxocomplexes of zinc, 
aluminum, chromium (III)) 

Place solutions of zinc, aluminum and chromium (III) 
salt in three test tubes and add a diluted alkali solution 
dropwise to each of them. In this case, precipitation is 
observed first, and then their dissolution in an excess of 
alkali. Write the reaction equations taking into account that 
soluble hydroxocomplexes are formed. The coordination 
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numbers of zinc and aluminum are taken equal to 4, and the 
coordination number of trivalent chromium equal to 6. 
 
Experiment 3. Obtaining a double complex compound 

Complex compounds are called double in which both 
the cation and the anion are complexes. To obtain one of 
these compounds, add 3-5 drops of a solution of yellow 
prussiate of potash (potassium ferrocyanide) - a solution of 
potassium hexacyanoferrate (II) K4[Fe(CN)6] and 5-6 drops 
of a solution of nickel (II) sulfate - into a test tube. Add 25% 
ammonia solution to the obtained precipitate of nickel (II) 
hexacyanoferrate (II) Ni2[Fe(CN)6] until the precipitate is 
completely dissolved. Simultaneously observe the formation 
of lavender crystals of  [Ni(NH3)6]2[Fe(CN)6] complex salt. 
In the description of the experiment, give the reaction 
equations for the formation of nickel (II) hexacyanoferrate 
(II) and its interaction with ammonia and the name of the 
complex salt obtained. Determine the charges of complex 
ions and complexing agent. 
 
Experiment 4. Ion exchange reactions involving complex 
compounds 

Add 4–5 drops of copper (II) sulfate solution to one 
tube, and the same amount of iron (III) chloride drops to the 
other. Add 2–3 drops of K4[Fe(CN)6] solution to both test 
tubes. As a result of ion-exchange reactions, new complex 
compounds are formed in both test tubes: in the first one 
Cu2[Fe(CN)6]; in the second - poorly soluble KFe[Fe(CN)6]. 
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The second compound is called Berlin blue. Describe 
Experiment and observations in the report. Write the reaction 
equations and the nomenclature names of the compounds 
obtained. 

                           
        Work 3. Heat effects of reactions 
The absorption or the segregation of heat is observed 

at the salt dissolution in water and also the other changeable 
shapes of substances. The science of thermochemistry studies 
the thermal effects which befall during the changes and occur 
with substances. A rule based on the thermochemistry 
discovered by the academician Hess in 1840 according to 
which the thermal effect of reaction depends on the reactive 
substances and it does not rely on the way which transfers 
from one case to another. 

With the help of this law it is possible to calculate the 
magnitude of the thermal effect of the transformation of a 
substance where it is impossible to make an accurate direct 
measurement.  We can make an example that with the help of 
the direct measurement it is difficult to identify the exact 
significance of thermic formation of crystalline hydrates, 
since the reaction of the formation of crystal hydrates from 
anhydrous solid and water goes quickly only at the 
beginning, until the surface layers of the crystals of the 
anhydrous substance are regulated with water, and then the 
reaction slows down greatly and does not end for a long time.   
In addition, the process is complicated by the dissolution of 
matter in water. However, using the basic law of 
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thermochemistry, it is possible to determine the heat of 
crystal hydrate formation if you measure the heat of 
dissolution of the anhydrous salt and the heat of dissolution 
of the crystal hydrate and subtract the second value from the 
first value. 

Q =Qanhyd. – Qcryst. 

When salt is dissolved in water, two processes occur 
simultaneously: 
1.Destruction of the crystal lattice of matter and dissociation 
of molecules into ions. In this case, heat is absorbed in an 
amount equal to Q2. 
2.Hydration of ions. This releases a certain amount of heat 
equal to Q2. 
The heat of dissolution of the salt is equal to the algebraic 
sum of the thermal effects of these two processes: 

 
Q subs. = Q2 + Q1 

 
Therefore, substances with a strong crystal lattice and weakly 
hydrated in solution will dissolve with the absorption of heat. 
Substances with a fragile crystal lattice that form strongly 
hydrated ions in the solution, for example, hydrogen or 
hydroxyl ions, will dissolve with the release of heat. 
The heat of dissolution of a substance increases with an 
increase in the amount of solvent per 1 mol of the solute. If 
more than 100-300 moles of solvent account for 1 mol of the 
substance, then further dilution of the solution very weakly 
changes the value of the heat of dissolution. 
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The heat of dissolution is usually called the amount of heat 
that is consumed or released when one mole of a substance is 
dissolved in such an amount of solvent that its further 
addition is not accompanied by a measurable warm effect. 

Reagents and devices: 
Experiment 1 - calcium oxide, calorimeter, technochemical 
or electronic balance 
Experiment 2 - single-normal solutions of acid and alkali, 
calorimeter, cylinder, funnel 
Experiment 3 - NH4Cl, calorimeter. 

                                                      
Progress of the work: 

Experiment 1. Determination of the reaction heat of lime 
slaking 

The slaking reaction of lime is the interaction of 
calcium oxide with water, which is accompanied by the 
release of heat and is described by the equation 

CaO (k) + H2O (l) = Ca (OH)2 (k) 
Progress of the work: 

1. Pour 100 ml of water kept in the room into the 
inner glass of the calorimeter, record the water temperature 
(T). 

 2. On a technochemical or electronic balance take a 
sample of calcium oxide from 5 to 10 g. 

3. Pour calcium oxide into the calorimeter. Stir 
constantly, measure the temperature every minute and record 
it in the table. 
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In the course of the experiment, three periods are 
observed:  

1) the temperature rises, since an exothermic reaction 
is taking place;  

2) the temperature stabilizes for some time; 
3) the temperature is lowered due to heat dissipation. 

To calculate, take the temperature of the second period. 
 

 
 

Fig.1 Analythical balance Fig.2 Counter balance  
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Calculation progress. 
1. Calculate the amount of heat released in the 

calorimeter by the formula 
                 Q = K ⋅ ΔT = K ⋅ (θ - T), 

where K- is the heat capacity of the calorimeter, determined 
empirically (or calculated); θ- is the temperature of the 
second period.  

2. Based on the molar mass and the weighed portion 
of calcium oxide, recalculate the result obtained for the heat 
effect of the reaction, denoting it as ΔН0exp ("delta H zero 
experimental") and expressing it in kJ/mol. 

3. Based on the enthalpy of formation of calcium 
oxide (–635.5 kJ/mol), water (–285.3 kJ/mol) and calcium 
hydroxide (–986.6 kJ/mol), calculate the theoretical value of 
the heat effect of the reaction ΔН0theor. 

4. Calculate the error of the experiment (in %) by the 
formula 

%1000
exp

00

⋅
∆

∆−∆
±=

theor

ertheor

H
HHη  

In the conclusion indicate the possible causes of the 
error. 
 
Experiment 2. Determination of the heat of the 
neutralization reaction 

The neutralization reaction is the interaction of strong 
acids with alkalis, which is described by the same ionic 
equation for the formation of water. For instance: 
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HCl + NaOH = NaCl + H2O 
H+ + OH- = H2O 

HNO3 + KOH = KNO3 + H2O 
H+ + OH- = H2O 

For this reason, the heat of neutralization does not 
depend on the composition of acids and alkalis and is always 
equal to the same value –57.2 kJ/mol. 

 
Progress of the work: 

1. Obtain from a laboratory assistant single-normal 
solutions of acid and alkali, kept at room temperature; record 
temperature (T). 

 2. Measure 50 ml of acid with a graduated cylinder 
and pour it into the calorimeter. 

 3. Measure with another measuring cylinder 50 ml of 
the alkali solution, pour it through the funnel into the acid 
and mix. Observe the temperature change and record its 
values in the table. 

 During the experiment, three periods are observed:  
           1) the temperature rises, since there is an exothermic 
neutralization reaction; 
           2) the temperature stabilizes and remains constant for 
some time;  
           3) the temperature is lowered due to heat dissipation. 
To calculate, take the temperature of the second period, 
denoting it θ. 

 
Calculation progress. 
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1. Calculate the amount of heat released in the 
calorimeter using the formula 

Q = K ⋅ ΔT = K ⋅ (θ - T), 
where K is the heat capacity of the calorimeter, determined 
experimentally (or calculated). 

 2. Calculate the amount (mol) of acid and alkali taken 
for the experiment, and the amount of water formed. 

 3. Calculate the enthalpy of neutralization in kJ/mol. 
 4. Determine the error of the experiment. In the 

conclusion indicate the possible causes of the error. 
 
Experiment 3. Determination of the heat capacity of the 
calorimeter using ammonium chloride 

Dissolution of ammonium chloride is accompanied by 
heat absorption, the heat of dissolution is 15.3 kJ/mol. Thus, 
when NH4Cl dissolves, the temperature decreases. The value 
of the decrease in temperature can be used to determine the 
heat capacity of the calorimeter. 

 
Progress of the work: 

1. Pour 100 ml of water, aged in the room, into the 
inner glass of the calorimeter; record the temperature (T). 

2. Weigh out 10.0 g of ammonium chloride. 
3. Pour ammonium chloride into the calorimeter. 

Stirring constantly, measure the temperature of the solution 
every minute and record it in the table. 

During the experiment, three periods are observed: 1) 
the temperature in the calorimeter decreases, because 
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dissolution occurs with heat absorption; 2) the temperature 
stabilizes (dissolution is over); 3) the temperature rises 
slowly due to the incoming heat from the outside. For 
calculations, the temperature                      of the second 
period (θ) is taken. 

The heat capacity of the calorimeter is calculated by 
the formula 

  , 
where Q is the heat of dissolution of ammonium chloride, 
recalculated for a batch of salt taken. 
 
 
Experiment 4. Heat determination and salt dissolution 
The purpose of the work. 1. Familiarization with the 
calorimetric method of measuring thermal effects. 2. 
Determination of the heat of salt dissolution. 3. 
Determination of the heat of crystal hydrate formation from 
anhydrous salt. 
Glass vessel with agitator or Dewar vessel for 0.5 liters; glass 
for 0.5 liters; Beckman thermometer; ampoule for salt; glass 
stick; analytical scales; porcelain mortar; technical scales; 
hourglass for 1 min; KNO3; CuSO4*5H2O; anhydrous 
CuSO4. 
Description of the device.  To determine the heat of 
dissolution of salt, you can use a calorimeter. (Fig.3). In the 
Dewar vessel 1 with a capacity of 500 ml on the cork 3, the 
Beckman thermometer 4 and the test tube 5 (ampoule, Fig.4) 
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for salt with a glass stick 6 are strengthened. The solution is 
stirred with a stirrer 7. 
Determination of the sweated calorimeter.  To calculate the 
thermal effect of the process occurring in the calorimeter, it is 
necessary to know the calorimeter constant, i.e. the amount of 
heat in calories that is required to heat the calorimeter with a 
thermometer, stirrer, test tube, water and salt at 1 C. To heat 
per ∆t, you will need: 

Q=(K* ∆t)/m 
where Q is the heat of dissolution of salt; m is the number of 
moles of salt;  ∆t is the found change in temperature in the 
calorimeter; K is the constant of the calorimeter. 
A stable calorimeter K can be determined by the known heat 
of dissolution of a salt, for example, by the heat of dissolution 
of potassium nitrate. For this, potassium nitrate (5-7 g) is 
carefully ground in a porcelain mortar. 
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Fig 3. Scheme of the 
calorimeter: 
1- Dewar vessel, 2- tripod 3- 
cork with holes 4- Beckmann 
thermometer 5- ampoule 6- 
glass rod 7- mixer 

  Fig 4. Ampoule with 
glass rod for salt and 
acid or alkali solutions 

 

       
An empty ampoule with a stick is weighed with an 

accuracy of 0.01 g, about 5 g (~0.05 mol) of salt are poured 
into it and weighed again. From the equality of masses, the 
mass of salt is found. Weigh the glass vessel Dewar 1 
(without cork) with an accuracy of 0.1 g on a technical scale 
and pour into it about 300 ml of distilled water having a 
temperature of 18 degrees. 
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Again, the vessel is weighed with water and a mass is 
found according to the mass difference. 

Close the calorimeter (glass vessel 1) with a stopper 
and strengthen the Beckman thermometer, stirrer and salt 
ampoule in it. Then determine the temperature of first the 
water, and then the salt solution using the Beckman 
thermometer. Given that the dissolution of potassium nitrate 
proceeds with the absorption of heat, the Beckman 
thermometer is adjusted so that the meniscus of mercury is in 
its upper part. 
 

Job description 
Experience. To determine the heat of salt hydration, it 

is necessary to determine the dissolution heat of 1 mol of 
anhydrous salt and its crystal hydrate. When the latter are 
found, it is necessary to determine the temperature change 
when dissolving a certain mass of salt. Since when combing 
the heat of dissolution (formula 2), you have to use a constant 
calorimeter, which is the amount of heat required to heat the 
calorimeter by 1 degree then the amount of water in all 
experiments should be taken the same as when determining 
the constant calorimeter, i.e. 300 g. 

Assemble the device as shown in Figure 2. Weigh 
approximately 8 g of crushed copper sulphate and place it in 
a test tube (ampoule). Calculate how much anhydrous salt a 
(g) and water in (g) is contained in the suspended attachment. 
300 g of water is poured into a pre-weighed glass and 
weighed again with an accuracy of 0.01 g. Since the 
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dissolution of copper sulphate proceeds with the absorption 
of heat, then the Beckman thermometer is adjusted so that the 
meniscus of mercury is at the top of the scale. Insert a test 
tube (ampoule) with salt into the lid of the vessel. Determine 
the changes in temperature in the preliminary, main and final 
periods and from the graph find the corrected change in 
temperature when the salt is dissolved. 

9-10 g of powdered copper sulphate is placed in a 
porcelain cup and heated when stirring until a white powder 
of nevodorn salt is obtained. The latter is poured into a test 
tube, which is immediately closed with a rubber stopper. 
After cooling, take a hitch of anhydrous salt equal to a (g), 
and determine the temperature change, as described above, 
when it is dissolved in 300 g of water. 

Taking into account that the dissolution of copper 
sulfate heat is released, the Beckman thermometer is adjusted 
so that the meniscus of the mercury thermometer is at the 
bottom of the scale. 

According to the found value of the constant 
calorimeter K and the results of the experiment, the heat of 
dissolution of the anhydrous salt and its crystal hydrate are 
calculated according to the formula: 

Qdissoc.  = K( ∆t)/m 
In order to compare your dissolution heat results with 

reference data, you should calculate the number of moles of 
water per 1 mole of salt. 
The heat of formation of Q crystal hydrate from anhydrous 
salt is calculated from uranium (1): 
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Q = Qanyhyd.  – Qcryst. 

 
Measurement Record Form 

Empty test 
tube mass 

KNO3 CuSO4     CuSO4*5H2O
  

Test tubes 
with salt  

   

Salt    
Dewar 
Vessel (g1) 

   

Vessel with 
water (g2) 

   

Water (g2- 
g1) 

   

 
  
    Measurements (interval 0.5 min)                                                                  
   1  2 3 4 5 6 7 8 9 10 
Water 
temperature  

          

KNO3 solution           
water in the 
calorimeter  

          

CuSO4 

solution 
          

water in a           
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calorimeter 
CuSO4*5H2O 
solution 

          

 
   
Work report. 1. Make a drawing of the calorimeter circuit. 
2. Make a graph of temperature changes over time. 
3. Calculate the calorimeter constant and the salt breakout 
temperature. 
4. Calculate the heat of crystal hydrate formation from 
anhydrous salt. 
 
Test questions  
1. What is the physical meaning of the basic law of 
thermochemistry? 
2. In what cases is the basic law of thermochemistry 
used to calculate thermal effects? 
3. What processes occur when salt is dissolved? 
4. What is called the heat of dissolution of a substance? 
5. What is the calorimetric method for measuring the 
heat of dissolution? 
 
Experiment 5. 
The purpose of the work.  1. Determine the thermal effect of 
neutralization of acetic acid with a solution of caustic 
potassium and calculate the heat of its dissociation. 2. 
Calculate the amount (normality) of hydrochloric acid spent 
on alkali titration. 
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Accessories for work.  Device for heat discharging 
(calorimeter); ampoule for alkali infusion; 10% KOH 
solution; 10% HCI, NaOH solution; CH3COOH (ice). 
 
Job description 
6 g of glacial bite acid is introduced into a measuring flask of 
500 ml, pre-weighed with an accuracy of 0.1 g (weight g1).  
Then dilute the acid with distilled water to the label. Bring 
the temperature of the acid to room temperature and weigh 
the flask with the solution (mass g2).  By difference, the mass 
of the solution g = g2 - g1 is found; the acid is poured into a 
calorimeter. 
 On a technical scale, 4 g of NaOH (solid) is weighed, 
added to a measuring flask of 50 ml and, adding distilled 
water in small portions, dissolved, NaOH, cooling the 
solution. Bring the liquids to the label and cool to room 
temperature. 
 Note. The dissolution of NaOH is accompanied by the 
release of a large amount of heat; therefore, water should be 
poured in small ditches, all the time cooling the flask with the 
solution with water.  
 After cooling the solution to room temperature, pour it 
into a pre-weighed ampoule with a stick; weigh the ampoule 
with the solution and according to the difference in their 
masses find the mass of the alkali solution. 
 After the solutions of acetic acid and alkali are 
prepared, the ampoule with alkali is inserted into the 
calorimeter plug; then carefully break the bottom of the 
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ampoule with a glass stick so that the alkali solution slowly 
pours into the solution of the acid in the calorimeter (the stick 
remains in the ampoule). Stirring the solution, determine the 
∆t (temperature increase), as indicated in work 3. The heat of 
neutralization is calculated by the equation: 
 

Q = K∆т, 
 

Where Q -is the total amount of heat released during 
neutralization; K- is the calorimeter constant; ∆t is the 
increase in temperature observed during the experiment. 

For neutralization, 0.1 moles of acid and 0.1 moles of 
alkali were taken. 

Having determined the heat of neutralization for a 
given amount of acid, the heat of neutralization is calculated 
on the gram-equivalent of acid Q1.  Knowing that when 
neutralizing strong acids with strong bases, 57.1 kJ is 
released, according to Hess's law, the heat of dissociation of 
the acetic acid is determined:  
 

Qdissoc.  = Q – 57,1 
 
Form of recording the results of observations 
 
Value - ∆t; 
Calorimeter constant -K; 
The heat of neutralization of the acetic acid dissolved by 
alkali- (Q = K∆т); 
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Heat of dissociation of acetic acid – (Qdissoc.  = Q – 57,1) 
 
Work report.  1. Make a drawing of the installation diagram 
to determine the heat of dissociation.  2. Calculate the 
calorimeter constant.   3.  Calculate the heat of neutralization 
of a weak acid by a strong deposition, based on the quantities 
of substances taken.   4.  Calculate the heat of dissociation.   
 

 
B.Determination of the heat of neutralization and the 

amount of acid used 
 
Job description 
Experience. Prepare 50 ml of a 10 percent solution of caustic 
potassium and pour it into a measuring flask with a capacity 
of 500 ml, having previously weighed it (weight g1). Then 
dilute the solution, adding distilled water to the mark, weigh 
the flask with the solution (mass g2) and pour it into a 
calorimeter. Receive from the teacher 15-20 ml of 
hydrochloric acid solution and pour it into an ampoule, which 
is pre-weighed (mass m1) and then weighed with an acid 
solution (mass m2).  According to the mass difference, the 
mass of hydrochloric acid and alkali solutions is calculated. 
After the temperature of the solutions of alkali and acid 
reaches room temperature, break the bottom of the ampoule 
with a stick so that the acid slowly pours into the alkali 
solution. Stirring the solution, determine the increase in 
temperature ∆at neutralizing the alkali with acid. 
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The heat of neutralization is calculated according to the 
equation: 
 

Q = K∆т 
 
When an acid solution is poured into an alkali solution, in 
addition to neutralization, two more processes occur, 
accompanied by a change in the thermal effect: dilution of 
the acid solution when it is poured into the alkali and dilution 
of the alkali when acid is poured into it (heat of dilution). The 
second effect, the dilution of the alkali with acid, is not 
important, since the amount of alkali solution compared to 
the amount of added acid is large. The first thermal effect - 
diluted acid with alkali - can reach 10% of the observed 
neutralization effect. With accurate measurements, this effect 
must be determined separately, for which the same volume is 
poured at alkali, and determine the heat of dilution; this 
eliminates the effect of neutralization, and only the heat of 
dilution is determined. 
When diluting hydrochloric acid, heat will be released, and 
its value must be subtracted from the total heat observed 
during neutralization is calculated according to the equation: 
 

H. = ((Q-q)*1000)/(57,1*V), 
 
Where Q is the thermal neutralization effect, in KJ; q-heat of 
acid dilution, in KJ; n.-desired normality of acid; V- the 
volume of the hydrochloric acid solution taken for the 
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experiment is only 7-8% greater than the density of pure 
water, it can be considered that the volume of the solution 
taken is equal to its mass in grams, i.e. the density of the 
solution is equal to the density of water. In this case, you can 
not enter the propulsion on the heat of dilution. Then the 
numerator in formula (1) will be greater than the true value 
by about 10%, and the denominator - more than np 7-8%. 
Therefore, the total error in the calculations will be no more 
than 2-3%. Such a mistake can be neglected. 
With precise measurements, such simplifications are 
unacceptable. 
                    Form of recording the results of observations 
 
Weight of empty bulb for alkali solution g1, in g; mass of 
flask with alkali solution g2, in g; 
 
 alkali solution g= (g2 – g1), in g; 
 ampoules with a stick for acid m1, in g; 
 ampoules with acid m2, in g; 
 acids m= (m2 – m1), in g; 
constant calorimeter K; 
∆t neutralization; 
The total heat of neutralization Q = K ∆t, in kJ. 
 
Work report. 
 To calculate from the data of the experiment the heat 
of neutralization of the hydrochloric acid solution with an 
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alkali solution. 2. Calculate the normality of hydrochloric 
acid. 
 
      Test questions 
 What is called the heat of neutralization? 
 Why does the law of constancy of heat neutralization 
apply only to strong acids and bases? 
 What is called the heat of dissociation? 
 How, knowing the law of constancy of the heat   
neutralization, can one find the heat of dissociation of weak 
bases and acids? 
 Why, when determining a constant calorimeter, is it 
required that the thermometer, the ampoule with the stick and 
salt and the stirrer be in the calorimeter, i.e. the device was 
completely assembled?  
 Why is it necessary to draw a graph of temperature 
changes (the change in the temperature of the calorimeter 
during the process of dissolving salt or neutralization) to 
determine the value of ∆t?  
 Why is a Dewar vessel used as a calorimeter? What 
can replace it with? 
 

Works 4. Determination of the statement of the 
rate of chemical reaction 

 
 The rate of a chemical reaction is equal to the change 

in the amount of substance in a single time and in a single 
reaction area. The nature of the reaction area varies 
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depending on the type of chemical reaction (homogeneous or 
heterogeneous). Homogeneous reactions are reactions that 
take place in a homogeneous medium (single phase). 
Heterogeneous reactions - occur at the phase separation 
boundary (solid and liquid, solid and gas). 

 
The purpose of the work. Determination by various 

methods of the constant of the rate of chemical reaction.  
 
A. Determination of the rate constant of oxidation 

reaction of hydroiodic acid with hydrogen peroxide. 
The oxidation reaction of hydroiodic acid with 

hydrogen peroxide proceeds according to the equation; 
2 HI +H2O2=2H2O+I2 

The reacted hydrogen peroxide is determined by an 
equivalent amount of iodine by titrating the latter with a 
solution of sodium thiosulfate Na2S2O3. 

Hydroiodic acid is obtained by the action of sulfuric 
acid on iodine compounds, for example, KI or NaI.  

The reaction of the interaction of sulfuric acid with CI 
occurs almost instantly: 

 
2KI +H2SO4=K2SO4+2HI 

 
In this case, only speed is measured 
 

2HI + H2O2  = I2 + 2H2O, 
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Since the result of the reaction  
 

I2 + 2 K2S2O3 = 2KI +K2S4O6 
 

The concentration m, and therefore HI, is constant. 
Thus, the reaction rate between H2O2 and HI under 
experimental conditions depends only on the concentration of 
hydrogen peroxide. To calculate the velocity constant of this 
pseudonomolecular reaction, the equation of a 
monomolecular reaction (first-order reaction) can be applied: 

K=(2,303 )/t lg (a )/(a-x) 
 

Accessories for work. Thermostat; flasks: 200 ml -1 
and measured per 100 ml - 1; burette 25 ml; stopwatch or 
watch with a second hand 0.4 – percentage KI; 2 n.  H2SO4; 
solutions: 0.05 n.   H2O2 and Na2S2O3; 0.5 - percentage starch 
solution; 0.1 n solution (NH4)2 MoO4 

Job description 
Experience. Using a measuring flask, pour 100 ml of 

0.4 percent KI and 5 ml of 2 n. solution m into a flask of 200 
ml.  

A ring of thick lead wire (weighting) is put on the 
neck of the bulb and placed in a thermostat, where a test tube 
with 15-20 ml of 0.05 n H2O2 solution is also placed.  A 
burette with a 0.05 N solution of Na2S2O3 is installed with 
over the flask. 

When the contents of the bulb and the solution of 
H2O2 (in vitro) take the water temperature (after 10-15 
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minutes), 1 ml of Na2S2O3 solution is added to the flask from 
the burette, and then 5 drops of 0.5 - a percent starch solution 
(indicator on iodine) and 10 ml of 0.05 n. H2O2 solution, 
equivalent to A ml of 0.05 n. thiosulfate solution (see below) 

Thoroughly mix the contained flasks and by 
stopwatch or clock note in the table (see аt the end of the 
work) the time of the first appearance of blue staining t0. 
Quickly add from the burette another 1 ml of 0.05 n. Solution 
Na2S2O3, stir (as a result of which the staining disappears) 
and again note the time of appearance of blue staining t1 etc., 
repeating these operations 4-5 times. Then a few drops of 
0.1n are piled into the flask. the ammonium molybdate 
solution (catalyst) and the released iodine are titrated with 
0.05 n. Na2S2O3 solution until the blue paint disappears. 

Thus, it is established, to what total number A ml of 
0.05 n. solution of Na2S2O3 (counting from the very 
beginning of work) is equivalent to the 10 ml of 0.05 n. 
solution H2O2 taken for operation. 

Time intervals t1, t2, etc. are counted from the 
moment of the first appearance of t0 staining, taken as the 
beginning of the experiment. Thus, at the initial moment of 
the experiment, t0 contains A-1 ml of 0.05 n. H2O solution, 
and, consequently, a = A-1. By the time of the second 
appearance of staining, t1 will react another 1 ml of 0.05 n. 
solution.   H2O, and therefore x=1; by the time of the third 
swarming of staining x=2, etc. 
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Computing. To calculate the reaction rate constant, 
equation (2) is more convenient to represent in the following 
form. 

 
K=2,303/t    [lg(A-1)-lg⁡(A-1-x)] 
 
Substituting into this equation the values of A and x in 

milliliters of 0.05 n. solution of Na2S2O3 t - in minutes, 
calculate the speed constant K separately for each time 
interval t1, t2, etc.  with an accuracy of the fourth decimal 
place. 

With careful work, the difference in the values of the 
constant found for each time interval should not exceed 
several ten-thousandths of a fraction, this indicates that the 
velocity constant does not depend on the concentration of 
hydrogen peroxide. Take the arithmetic mean value of the 
velocity constant, indicating the temperature at which the 
experiment was carried out. The results of the work are 
recorded in the table, given that 10 ml, 0.05 n. solution are 
equivalent to 10 ml of 0.05 n solution (A = 10) H2O2. 

Work report. Calculate the velocity constants for a 
certain time interval and enter them in the table. 
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Test questions. 
Why is a catalyst added in the latest experiment? 
Does the reaction rate constant depend on the time 

interval? 
B. The rate of chemical reactions 

Reagents and devices: 
Experiment 1 - sodium thiosulfate, sulfuric acid, test tubes, 
stop watch 
Experiment 2 - sodium thiosulfate, sulfuric acid, test tubes 

 
The aim of this work is to experimentally determine 

the rate of a chemical reaction. 
The reaction between sodium thiosulfate and sulfuric 

acid is investigated, which is described by the equation: 
       Na2S2O3 

+ H
2
SO

4 
= Na

2
SO

4 
+ SO

2
↑ + S↓+ H

2
O 

One of the reaction products (sulfur) in the course of 
the reaction is formed in the form of very small, initially 
invisible colloidal particles suspended in water. When the 
amount of sulfur increases, its particles begin to combine 
with each other (coagulate) and become noticeable due to the 
fact that they scatter light. 

Light scattering by colloidal sulfur particles is 
observed as a bluish color of the solution, resembling a faint 
glow. This phenomenon is called opalescence. When 
conducting the experiment, it is necessary to measure the 
time interval between two moments: the moment the reaction 
begins and the moment when opalescence becomes visible. 
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This interval is taken as the reaction time (τ). The 
reciprocal of τ is proportional to the reaction rate (V); its unit 
of measurement is s-1. Next, for brevity, this value will be 
called the reaction rate. 

When performing the work, three experiments are 
carried out.  

The first experiment is carried out at different 
concentrations of sodium thiosulfate, while the concentration 
of sulfuric acid is taken to be the same for all measurements 
in this series. This experiment reveals the dependence of the 
reaction rate on the concentration of sodium thiosulfate. 

In the second experiment, the variable is the 
concentration of sulfuric acid, while the concentration of 
sodium thiosulfate is kept constant. In this experiment, the 
reaction rate is determined depending on the concentration of 
sulfuric acid. 

By combining the measured dependences of the 
reaction rate on the concentrations of sodium thiosulfate and 
sulfuric acid, an equation is obtained that relates the reaction 
rate to both variable concentrations of the reactants. This will 
be the equation of the mass action law or the kinetic equation 
for the reaction: 

 
The unknown quantities to be determined are the 

exponents n1 and n2 i.e. kinetic order of the reaction with 
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respect to sodium thiosulfate and sulfuric acid. Their 
establishment is the goal of the first two experiments. 
 

Progress of the work: 
Experiment 1. Determination of the partial kinetic order 
for sodium thiosulfate 
 
Progress of the experiment: 

1. Prepare five different concentrations of sodium 
thiosulfate solutions in five separate tubes. Pour 2 drops of 
Na2S2O3 solution into the first test tube from the dropper, in 
the second - four, in the third - six, in the fourth - eight and in 
the fifth - ten drops of the solution. After that, bring the 
volume of the solution in each tube to 12 drops by adding 
water: add 10 drops of water to the first tube, 8 to the second, 
6 to the third, 4 to the fourth and 2 to the fifth. If now to take 
the concentration of the most diluted solution (the first) 
conventionally per unit, then the following will have a 
concentration of two, three, four and five. 

2. In prepared test tubes with Na2S2O3 solutions, carry 
out reactions with sulfuric acid. To do this, add one drop of 
sulfuric acid to each of them. Each time, using a stop watch, 
determine the reaction time - the achievement of the same 
opalescence intensity. 

 
3. Calculate the reaction rate values and fill in the 

table: 
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Experimen
t number 

Number  
of sodium 
thiosulfate 

drops 

Number 
of water 

drops 
 

Concentra
tion of 
sodium 

thiosulfate
, C 

Reactio
n time, τ 

Reaction 
rate, 

V = 
1
/
τ
 

1 2 10 1   
2 4 8 2   
3 6 6 3   
4 8 4 4   
5 10 2 5   

 
4. Construct a graph of the dependence of the reaction 

rate on the concentration of sodium thiosulfate Na2S2O3 
solution, according to the form of which to establish the 
partial kinetic order of the reaction with respect to sodium 
thiosulfate. 
 
Experiment 2. Determination of the activation energy 

In the third experiment, the activation energy of the 
reaction between sodium thiosulfate and sulfuric acid is 
determined. For this, the time of its course is measured at 
three different temperatures, but at the same concentrations of 
reagents. 

1. Prepare equal volumes of Na2S2O3 solution of the 
same concentration in three test tubes. It is recommended in 
each test tube to add ten drops of distilled water to two drops 
of sodium thiosulfate solution taken from the reagent rack. 
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2. In the first test tube, the reaction is carried out at 
room temperature. To do this, place the test tube for 3-5 min 
in a thermostat at room temperature before starting the 
reaction, so that the solution in the test tube assumes the 
temperature of the thermostat. Cylindrical vessel with water 
is used as a thermostat; the temperature of the water in the 
thermostat is controlled by a thermometer. After  the 
temperature is established, one drop of sulfuric acid is added 
to the test tube and the reaction time is measured. 

3. The temperature of the thermostat is increased (by 
adding hot water) by ten degrees. The second test tube with 
Na2S2O3 is thermostated for 5 minutes at a new temperature 
and in it the reaction is carried out in the same way with one 
drop of sulfuric acid. In the same way, the reaction time in 
the third test tube is measured with an interval of ten degrees. 
The data is entered into the table: 
  Tube number 1 2 3 
  Temperature, ° С    
  Temperature, K    
Reaction time τ, s    

  Reaction rate,  
  V = 1/τ 4. 

   

 
4. For each pair of two temperatures calculate the 

value of the activation energy. After that, based on the three 
obtained values of the activation energy, calculate its average 
value. The activation energy is calculated by the formula: 
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5. Determine the experimental error by comparing the 

found value of the activation energy with that known from 
the literature (35 kJ/mol). 

 6. Describe the experiment and draw a conclusion. 
 
            Work 5. Chemical equilibrium 

 
Most chemical reactions do not go to the end. The reactions 
that can occur in both forward and reverse direction at the 
same time are called reversible chemical reactions. 

  
Figure 2. Variation of the concentration of substances 
over time 
 
In reversible chemical reactions, the concentrations of the 
reactants decrease over time, while the viscosities of the 
products increase (Figure 2). The rate of a chemical reaction 
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is proportional to the concentration of the substances 
involved in the reaction. 
At first, the rate of the forward reaction is maximal, while the 
rate of the reverse reaction is zero. As the reaction progresses 
rapidly over time, the concentration of the initial materials 
decreases and the density of the products increases. As a 
result, over time, the speed of the forward reaction decreases, 
and the speed of the reverse reaction increases. After some 
time, their speeds will be equal. This state of the reaction is 
called the chemical equilibrium state. Chemical equilibrium 
is dynamic. In the case of chemical equilibrium, the 
equilibrium concentrations (or partial pressures) of the 
reactants and the products do not change over time. 
Equilibrium concentrations of substances are shown in square 
brackets. For example, [H2], [NH3] and so on. 
 
Reagents and devices: 
Experiment 1 - ferric chloride, ammonium thiocyanate 
NH4SCN, ammonium chloride, stand, microspatula, test 
tubes 
Experiment 2 - phenolphthalein, ammonia, ammonium 
chloride, test tubes, microspatula, 

                                  
Progress of the work: 

Experiment 1. Influence of the concentration of 
interacting substances on equilibrium shift 

Add 5-7 drops of a solution of ferric chloride and 
ammonium thiocyanate NH4SCN to four test tubes. One tube 
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with the solution set aside and store it as a standard for 
comparing the results of the experiment. Add the following 
reagents to the remaining three tubes: into the first - five to 
six drops of iron (III) chloride; in the second - the same 
amount of drops of ammonium thiocyanate; in the third - one 
microspatula of crystals of ammonium chloride. Stir the 
contents of the tubes with a glass rod. Compare the color 
intensity of the obtained solutions with the color intensity of 
the standard. 

In the report: a) write the equation of the reversible 
ion-exchange reaction of FeCl

3
 with NH

4
SCN; b) record your 

observations on the change in the color intensity of solutions 
in three test tubes in comparison with the color intensity of 
the standard; c) indicate in which direction the reaction 
equilibrium is shifted in each of the studied cases and 
whether it corresponds to Le Chatelier's principle; d) write an 
expression for the equilibrium constant of this reversible 
reaction. 

Experiment 2. Shift of equilibrium in ammonia solution 
Pour one third of distilled water, 5 drops of 

phenolphthalein and 2-3 drops of ammonia solution into two 
test tubes. Note the color of the solutions. Set aside one tube 
for comparison, and add 3-4 microspatulas of ammonium 
chloride to the other one and stir the solution. How and why 
did the color intensity change? Write a scheme of equilibrium 
in an aqueous solution of ammonia and explain its shift when 
adding crystalline ammonium chloride. 
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Experiment 3. Influence of the solution environment on 
the shift of the equilibrium of the transition of chromate 
to dichromate 

Chromium in the hexavalent state forms two anions: 
chromate ion CrO42- - and dichromate ion Cr2O72-. Their 
existence is determined by the presence of an alkaline (pH > 
7) or acidic (pH < 7) environment. 

Add 3 drops of potassium chromate solution (K2CrO4) 
to two test tubes and add a few drops of sulfuric acid solution 
until the color of the solution changes. Leave one tube for 
comparison, and add an alkali solution to the other until the 
color of the solution changes. 

Repeat the experiment, taking potassium dichromate 
K2Cr2O7 in two test tubes as the starting material. Leave one 
tube for comparison, and add an alkali solution to the other 
until the color of the solution changes. 

                    

 
Make a conclusion about the influence of the 

environment on the formation of chromates and dichromates. 
 

 
Work 6. Preparation and determination of the 

concentration of the solution 
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Molar concentration (c) is the ratio of the number of 
moles () of the solute to the volume of the solution (Vsol.).  
                                                  νsub. 

c=―–––––– 
Vsol.

 

The unit of molar concentration is mol/l. It is usually 
abbreviated with the letter M. For example, 1 liter of 2 M 
NaOH solution contains 2 moles of NaOH. It is convenient to 
use molar concentration when work with liquid solutions. 
Because measuring the volume of liquid is easier than 
determining its mass. Special measuring containers, such as 
pipettes, burettes, measuring flasks, etc. are used for 
measuring the volume of liquids.  

However, when using molar concentration, it should be 
taken into account that the volume of the solution depends on 
the temperature. Therefore, it is convenient to use molar 
concentration in experiments where temperature change 
happens.  

Molar concentration (cm) is the number of moles of 
solute in 1 kg of solvent. 

cm=ν/m 
 
m - the mass of the solvent (kg).  
The mass does not depend on temperature and pressure, so 
the concentration of the solutions prepared in the same 
concentrations but different temperatures is the same. The 
unit of molar density is mol/kg.  
There is the following relationship between the molar 
concentration and the mass fraction for a given solution of a 
substance: 

c=10ρω/M 
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ρ - density of the solution (g/cm
3
); M - molar mass of 

solvent; ω - is the mass fraction. 
 
Titre (T) is the mass in grams of the substance in 1 ml of 
solution:  

T=m/V 
The unit of titre (titer in US) of the solute is g/ml.  
Normal concentration - indicates the amount of gram-
equivalents of a substance in one liter of solution. This 
method of expression of solids is suitable for calculations 
using the law of equivalences in the presence of a soluble 
substance in any reaction.  
For example, 0.1N sodium hydroxide solution is a solution 
containing 0.1 N equivalent of NaOH per liter. 

cN=m/E⋅V 
Here, m - the mass of the solute (grams); E - the equivalent of 
the substance; V is the volume of the solution (liters).  
The equivalent for different substances is calculated as 
follows: 
 E (oxide)=M/n⋅2  
n - the number of oxygen atoms.  
 
E (alkali)=M/n  
n - the acidity of the base.  
 
E (acid)=M/n  
n - the alkalinity of the acid.  
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E (salt)=M/n⋅k  
n - the number of metal atoms, k - the valence of the metal.  
 
If the reactants are in solution, it is convenient to use the law 
of equivalents:  

cN1∙V1= cN2∙V2 
cN and V are the normalities and volumes of the solutions, 

respectively. 
 
Reagents and devices: 
Experiment 1 - Technical scales; weighing glass; volumetric 
flask. 
Experiment 2 - Burette; volumetric flask. 

                                   
Progress of the work: 

Experiment 1. Preparation of a solution of a given 
concentration from the crystalline substance 

1. Get task from your teacher. 
2. Calculate the mass of the crystalline substance 

required to prepare the solution. Check the 
calculations with your teacher. 

3. Using a weighing bottle, measure the calculated 
mass of the crystalline substance on a technical 
balance. 
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4. After weighing, add some distilled water to the 
weighing bottle and completely dissolve the 
crystalline substance. 

5. Carefully transfer the resulting solution into a 
volumetric flask. Rinse the weighing bottle two to 
three times with small portions of distilled water 
and drain into a volumetric flask. 

6. Bring the solution level in the volumetric flask to 
the mark with distilled water, then mix the 
solution thoroughly. 

 
Experiment 2. Preparation of a solution from a more 
concentrated solution.       

Progress of the work: 
1. Get task from your teacher. 
2. Calculate the volume of the concentrated solution 

required to prepare the solution. Check the 
calculations with your instructor. 

3. Rinse the burette several times with tap water, rinse 
with distilled water and the concentrated solution 
provided to prepare the diluted solution. 

4. Fill the burette with concentrated solution, remove 
air from the burette nose, then set the solution level 
in the burette to strictly zero division. 

5. Fill the volumetric flask with distilled water to 
about half its volume. Place the nose of the burette 
in the neck of the volumetric flask and measure out 
the calculated volume of the concentrated solution. 
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6. Remove the volumetric flask from under the 
burette, bring the solution level in the volumetric 
flask to the mark with distilled water and mix the 
solution thoroughly. 

 
Work 7. Buffer solutions 

 Almost all physiological processes occur in 
media that have a constancy of the concentration of 
hydrogen ions for a given process (constancy of the 
pH of the medium). Deviation of the pH value in the 
direction of decrease or increase causes a violation of 
the physiological process or even a complete 
cessation of it. Thus, blood in the normal state of the 
body has a pH equal to 7.3 (slightly alkaline reaction). 
A change in the pH of the blood leads to the death of 
the body. Acidic metabolic products continuously 
enter the blood, in particular carbon dioxide, however, 
despite this, it has a stable pH. This is due to the fact 
that in the blood, as in other tissues of the body, there 
are regulators that maintain the constancy of the 
concentration of hydrogen ions. One of these 
regulators is name buffer solutions or mixtures that 
represent a mixture of a weak acid with an alkaline 
salt thereof, for example, a solution of acetic acid with 
its sodium salt, or a weak base with its salt of a strong 
acid. An example of the latter solution is a mixture of 
ammonium hydroxide solutions with ammonium 
chloride. 
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Buffer solutions maintain the constancy of the 
concentration of hydrogen ions within the limits 
defined for each solution when small amounts of 
acids or alkalis are added to them, as well as the 
dilution of these solutions. 

The purpose of the work. Explore some of the 
properties of buffer mixtures. 
Accessories for work. Test tube tripod; seven test 
tubes; two graduated pipettes for 2 ml; 0.1 n. and 1 n. 
CH3COOH solutions; 0.1 n. CH3COOH solutions 0.1 
n. and 0.01 n. HC1 solutions; 0.1 n NaOH solution; 
physiological solution (0.9% NaC1); universal 
indicator; methyl orange; color table for the universal 
indicator. 
 
 
Description of works. A. Preparation of buffer 
mixtures. 
Experience. In seven identical test tubes, graduated 
pipettes or burettes are poured with help solutions of 
0.1 n. sodium acetate in the quantities indicated in the 
table. 
 
Test questions 
1. Calculate the pH of a buffer solution containing 

10 ml of 0.1 n. acetic acid and 5 ml of 0.2 n. 
sodium acetate solution. 
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2. Determine the amount of 0.2 n. acetic acid 
solution to be added to 40 ml of 0.1 n. sodium 
acetate solution to obtain a buffer solution with a 
pH value of 4.4. 

3. Calculate the pH of a buffer solution containing 
60 mL of 0.05 n of NH4C1 solution and 40 mL of 
0.1 n of NH3 solution. 

4. How the pH and buffer capacity of the solution 
will change with an equal increase in the 
concentration of salt and acid. 

B. Properties of buffer solutions 
The purpose of the work: to learn how to prepare buffer 
solutions; to investigate the dependence of the pH of the 
buffer solution on the concentrations of the components of 
the buffer system. 
Devices and equipment: a set of test tubes in a tripod; burettes 
with a capacity of 25 ml; pipettes with a capacity of 1 ml; 
glass sticks; droppers with solutions; eye pipettes. 
Reagents: 0.1 M and 0.01 M hydrochloric acid; 0.1 M 
solutions of acetic acid, sodium hydroxide, sodium acetate; 
sodium chloride solution 0.9%; litmoid solution in ethanol. 
Progress 
1. Preparation of buffer solutions with different pH values. 
a. Calculate the volumes of initial solutions for the 
preparation of buffer mixtures with a volume of 10 ml with 
the ratio of concentrations of CH3COONa and CH3COOH: in 
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test tube No. 1 - 1: 9, in test tube No. 2 - 1: 1, in test tube No. 
3 - 9: 1. 
b. The volumes of solutions of acetic acid and sodium acetate 
should be measured in test tubes using a burette; mix the 
contents of the test tubes thoroughly with a glass stick. 
c. Prepare a series of buffer solutions with the same salt-to-
acid ratio, but with a lower total concentration of 
components. To do this, use a pipette to select 1 ml of 
previously prepared solutions and add 8 ml of distilled water 
to each. Mix the contents (in test tubes No. 1 and 4, No. 2 and 
5, No. 3 and 6 there are solutions with the same ratio of salt 
and acid concentrations, but the solutions in test tubes No. 4 - 
6 are diluted compared to those in test tubes No. 1 - 3.) 
d. In all test tubes, add 2 drops of a litmoid solution, mix the 
contents of the test tubes. On a white background, compare 
the color of the solutions. 
5. The results of observations and calculations should be 
included in the table: 
 
Test tube 
number 

C(CH3COONa): 
С(СН3СООН) 

pH Color of buffer 
solution after adding 
a litmoid 

1    
2    
3    
4    
5    
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6    
 
2. Study of the effect of small amounts of strong acids and 
bases on the pH of the buffer solution. 
a. In test tubes No. 1, 2, prepare 10 ml of buffer solution with 
a ratio of sodium acetate and acetic acid concentrations of 2: 
3, pre-calculated volumes of solutions measured with 
burettes. 
b. In test tubes No. 3 and 4, select 10 ml of physiological 
solution (0.9% sodium chloride solution) with a pipette. 
c. To all solutions, add 5 drops of the litmoid solution and 
mix the contents of the test tubes. If necessary, the color of 
physiological solutions is evened out by adding hydrochloric 
acid to test tubes No. 3 and 4 dropwise 0.01 M. After each 
addition of a drop of acid, stir the solution with a glass stick. 
d. In test tubes No. 1 and 3, add 5 drops of 0.1 M of sodium 
hydroxide solution, in No. 2 and 4 - 5 drops of 0.1 M of 
hydrochloric acid. Mix all solutions. 
The results of observations should be included in the table: 
№ Tubes 
 

Solution Color of solution 
after the 
addition 
of a 
litmoid 

after 
adding a 
litmoid 
and 5 
drops of 
0.1 M 
HC1 

after 
adding a 
litmoid 
and 5 
drops of 
0.1 M 
NaOH 

1 Buffer    
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2 Buffer    
3 Physiological    
4 Physiological    
 
Security questions 
1. To 50 ml of 0.3 M of hydrochloric acid, 120 ml of 0.125 M 
of ammonia solution was added. Calculate the amount of 
ammonia that needs to be added to the resulting solution to 
get a pH = 9. Answer: 8.63 mmol. 
2. To 50 ml of 0.3 M ammonia solution was added in the first 
case 75 ml of 0.2 M hydrochloric acid, in the second - 50 ml 
of 0.5 M of hydrochloric acid. Calculate the pH of the 
resulting solutions. 
Answer: 5.08; 1,00. 
3. Calculate the pH of the solution obtained by mixing 5 ml 
of 0.2 M of sodium dihydrogen phosphate solution and 10 ml 
of 0.02 M of sodium hydroxide solution. Answer: 6.61. 
 

Work 8. Hydrolysis of salts. 
 
According to the type of hydrolysis, salts are divided into 
four groups: 1. Salts formed from strong alkali and strong 
acid (NaCl, CaCl2, KNO3, Na2SO4, Ba(NO3)2, etc.). Due to 
the small charge and size of cations and anions of these salts, 
their ability to polarize water molecules is very low. 
Therefore, the interaction of these types of ions with water is 
practically non-existent. Thus, salts formed from strong bases 
and strong acids are not hydrolyzed. In this case, the 
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dissociation balance of water is not disturbed and the solution 
of this type of salts is neutral (pH = 7). 
2. Salts formed from strong alkali and weak acids (Na2CO3, 

KCN, Na2S, K2SiO3, Ba(CH3COO)2, etc.). The hydrolysis of 
this type of salts occurs by the formation of a weak acid due 
to the anion, and the medium in the solution becomes alkaline 
(pH> 7). For example, 

 
3. Salts formed from weak alkali and strong acids (NH4Cl, 
ZnCl2, FeSO4, Fe2(SO4)3, Al(NO3)3, etc.). The hydrolysis 
of this type of salts occurs due to cation with the formation of 
a weak alkali, and the environment in the solution becomes 
acidic (pH <7). 

 
4. Salts formed from weak alkali and weak acids (NH4CN, 
(CH3COO)3Al, Cr2S3, etc.). Hydrolysis of these types of salts 

occurs due to both cation and anion, forming a weak alkali 
and a weak acid, for example:   
 

 
The environment in a solution of this type of salts depends on 
the strength of the acid and alkali formed. If the dissociation 
constant of the alkali is high, the environment is alkaline, and 
if the dissociation constant of the acid is high, it is acidic. 
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Reagents and devices: 
Experiment 1 - KCl, Al

2
(SO

4
)
3
, Pb(NO

3
)

2
, Na

2
CO

3
, 

indicator paper 
Experiment 2 - iron (II) sulfate, FeSO4 and FeCl3, 
microspatula, indicator paper 
Experiment 3 - Na2SO3 and Na2CO3, indicator paper 
Experiment 4 - iron (III) chloride, indicator paper, test tubes 

   
   Progress of the work: 

Experiment 1. Determination of the environment of 
solutions of various salts 

Apply one drop of KCl, Al
2
(SO

4
)

3
, Pb(NO

3
)

2
, 

Na
2
CO

3
solutions on a strip of universal indicator paper. 

When does hydrolysis take place? Determine the pH of the 
solutions, register the results of the experiment in the form of 
a table: 
No. Salt 

formula 
 

Indicator 
color 

 

pH Medium 
 

Hydrolysis 
equation                      

in 
molecular                 
and ionic 

form 
1 KCl     
2 Al(SO4)3     
3 Pb(NO3)2     
4 Na2CO3     
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Experiment 2.  Study of the influence of the charge of the 
cation on the completeness of hydrolysis by cation 

Dissolve one microspatula of iron (II) sulfate in 10–15 
drops of water. Using a universal indicator paper, compare 
the pH of the FeSO4 and FeCl3 solutions (a solution of this 
salt is available in the tripod). Which of the two salts is more 
hydrolyzed and why? Write the molecular and ionic 
equations for the hydrolysis    of these salts in the first stage. 
 
Experiment 3. Comparison of hydrolysability by anion 

Using a universal indicator paper compare the pH of 
Na2SO3 and Na2CO3 solutions. In the report write the 
molecular and ionic-molecular equations of hydrolysis. 
According to the pH value indicate which of the two 
solutions has more: a) the degree of hydrolysis; b) 
concentration of OH- ions. Which anion has the highest 
polarizability? 
 
Experiment 4. Study of the influence of the conditions of 
hydrolysis for the completeness of its course 

1. Influence of concentration. Place 2-3 drops of a 
concentrated solution of iron (III) chloride in a test tube. 
Determine solution medium (pH) using indicator paper. 
Dilute the solution in the test tube with water, increasing the 
volume by 3–4 times and determine the pH of the diluted 
solution. Write the hydrolysis equations for the first and 
second stages in molecular and ionic form. Make a 
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conclusion about the effect of salt concentration on the 
completeness of its hydrolysis. 

2. Influence of temperature. Pour a solution of iron 
(III) chloride into a test tube 1/3 of its volume and boil it for 
several minutes on an spirit lamp. What is being observed? 
Why does the solution become cloudy when boiled? 

In the report describe the experiment and record the 
hydrolysis equations in molecular and ionic form for all 
stages, bearing in mind that the second and third stages of 
hydrolysis are possible when heated. 

According to experiment 4 make a general conclusion 
about the effect of the salt solution concentration and 
temperature on the completeness of the salt hydrolysis. 

 
Work 9. Obtaining and research of properties of acids 

and bases 
Reagents and devices: 
Experiment 1 - sodium acetate, sulfuric acid, test tubes 
Experiment 2 - sulfate (or aluminum chloride) solution, 2N 
alkali solution, test tubes 
Experiment 3 - hydrochloric or sulfuric acid solution, alkali 
solution 
Experiment 4 - sodium hydroxide, phenolphthalein, 
hydrochloric acid, methyl orange 

                                 
 Progress of the work: 

Experiment 1. Obtaining acid by reacting a salt with a 
strong acid. 
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Place a small amount of crystalline sodium acetate in 
a test tube and add 3-4 ml of sulfuric acid to it. Mix the 
contents of the tube thoroughly. One of the reaction products 
can be identified by smell. Write the reaction equation. 
 
Experiment 2. Obtaining an insoluble base by the 
interaction of salt with alkali 

Put 6-8 drops of sulfate (or aluminum chloride) 
solution in a test tube and add dropwise 2N alkali solution (or 
diluted aluminum hydroxide solution) until a precipitate 
appears. Write the reaction equation. Save the sediment for 
the next experiment. 
 
Experiment 3. The reaction of amphoteric bases with 
acids and alkalis 

Shake the contents of the test tube from the previous 
experiment and pour it together with the sediment into two 
test tubes. Add a diluted solution of hydrochloric or sulfuric 
acid to the first tube, and a concentrated alkali solution to the 
second. Write the reaction equations. 
 
Experiment 4. Reaction of neutralization 

As a result of the reactions of alkalis with acids, the 
solution medium becomes neutral, therefore these reactions 
are called neutralization reactions. Regardless of the 
composition of the interacting alkalis and acids, all 
neutralization reactions are expressed by the same ionic 
equation: 
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H+ + OH- = H2O 
Neutralization reactions are fixed by changing the 

color of the indicators. Fill the tube with ten drops of sodium 
hydroxide solution and add one drop of phenolphthalein 
indicator. Then add hydrochloric acid dropwise until the 
color of the solution changes. The experiment repeat several 
times, replacing phenolphthalein first with methyl orange, 
and then with other available indicators. In the report write 
the equation of the reaction in molecular and ionic form, 
draw and fill in the table for the color of indicators in various 
media. 

 
Indicator 

name 
Indicator color in different 

environments 
in acidic in neutral in alkaline 

    
    
    

 
 

Work 10. OXIDATION-REDUCTION REACTIONS 
 
 Oxidation-reduction reactions (Redox reactions) are the 
reactions that occur when the oxidation state of the elements 
in a reagent changes.  
Oxidation state is the conditional charge of an atom, 
considering the chemical bond in the compound as the ionic 
bond. 
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 To determine the oxidation state of atoms in chemical 
compounds, it is necessary to know the following rules:  
1. The oxidation state of atoms in simple substances is 
zero. For example, in N2, P4, Fe, the oxidation state of 
nitrogen, phosphorus and iron atoms is zero.  
2. Metals always show a positive oxidation state.  
3. Hydrogen shows an oxidation state of +1 in most 
compounds except for metal hydrides (NaH, CaH2, etc.) and 
silane (SiH4), and -1 in hydrides. 
 4. The oxidation state of oxygen in most compounds is -2. 
There are some exceptions. It is -1 in oxygen peroxides 
(H2O2, Na2O2, CaO2), and -1/2, +2, +1 in KO2, OF2, O2F2, 

respectively.  
5. The oxidation state of a monoatomic ion is equal to its 

charge. For example, the oxidation states of Ca
2+

, Fe
3+

, and 

S
2– 

particles are +2, +3, and -2, respectively.  
The oxidation state of the same atom can be both positive and 
negative. For example, the oxidation state of nitrogen in N2, 

N2O, NO, NO2, NO2
-
, NO3

-
, NH4

+ particles is 0, +1, +2, +4, 

+3, +5, -3 respectively. 
Oxidation is the loss of 
electrons, which increases 
the oxidation state of the 
element.        

 Oxidizer (oxidant, 
oxidizing agent) – binds 
electrons and reduces itself. 
Reduction is the  gain of 
electrons, which reduces the   
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oxidation state of the 
element.               

Reducer (reductant, 
reducing agent)- gives 
electrons and oxidisez itself. 
 

 
 The number of electrons donated by the reductant is equal 
to the number of electrons donated by the oxidant.  
The element becomes a reducing agent at the minimum 
oxidation state in the compound, and oxidizing agent at the 

maximum oxidation state. For example, Fe
3+ 

is oxidant in 
FeCl3 and N

3- 
reductant in NH3. 

The element exhibits both oxidizing and reducing properties 
at intermediate oxidation states. For example, in SO2, the 
sulfur atom can be both oxidizing and reducing. Two 
methods are used to design oxidation-reduction reactions - 
electron balance and electron-ion balance. The electron-ion 
method is more suitable for reactions in aqueous solutions. 
This method is used when there is an actual ion (MnO4

2-
, 

SO4
2-

, Cr2O7
2-

) or a molecule (H2S, SO2, H2O2) in the 
solution. In this case, solvent molecules (H2O) or medium 

ions (H
+
, OH

–
) may be involved in the oxidation-reduction 

process. 
 
Reagents and devices: 
Experiment 1 - chromium (III) hydroxide or chromium salts, 
porcelain cup, matches 
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Experiment 2 - hydrogen peroxide, sulfuric acid, potassium 
iodide, potassium permanganate test tubes 
Experiment 3 - potassium permanganate, H2SO4, test tubes, 
microspatula, sodium sulfite, KOH or NaOH 
Experiment 4 - K2Cr2O7, iron (III) sulfate, sulfuric acid, 
glass rod, test tubes, microspatula 

        
               Progress of the work: 

Experiment 1. Thermal decomposition of ammonium 
dichromate 

Dark green chromium oxide Cr2O3 is obtained by 
decomposition of chromium (III) hydroxide or chromium-
containing salts. It is used as a pigment, catalyst, polishing 
material, and is introduced into glass for coloring. Place 
crystalline ammonium dichromate in a porcelain cup with a 
small slide and insert a burning match into the center of the 
slide. Observe the decomposition of salt, which is slow at 
first and then accelerates. Reaction scheme: 

   (NH4)2 Cr2 O7 → Cr2O3 + N2↑ + 4H2O↑ 
Describe the experiment and indicate what natural 

phenomenon it resembles on a reduced scale. Rewrite the 
reaction scheme, draw up electronic schemes for oxidation 
and reduction for it, determine the stoichiometric coefficients 
in front of substances and the type of reaction. 
 
Experiment 2. Redox duality of hydrogen peroxide 

1. Н2О2 is an oxidizing agent. Put 5–6 drops of 
hydrogen peroxide solution in a test tube, acidify the solution 
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with 3 drops of sulfuric acid and add one drop of potassium 
iodide solution. Observe the appearance of a raspberry color. 
What product does it indicate the formation of? Write the 
reaction equation. Determine the coefficients in it by the 
method of half-reactions. Specify oxidizing and reducing 
agents. 

 2. H2O2 is a reducing agent. Put 5–6 drops of 
potassium permanganate solution in a test tube, acidify the 
solution with 5 drops of sulfuric acid and add one drop of 
hydrogen peroxide solution. Observe the release of a gaseous 
product (what). Write the equation of the reaction, taking into 
account that the products of its course are oxygen, manganese 
(II) sulfate, potassium sulfate and water. Determine the 
coefficients in it by the method of half-reactions. Specify 
oxidizing and reducing agents. Repeat the experiment 
replacing potassium permanganate with potassium 
dichromate. 

 3. Disproportionation of hydrogen peroxide. Place 5-
6 drops of hydrogen peroxide solution and as much drops of 
water in a test tube. Add a few crystals of solid MnO2. What 
is being observed? Write the reaction equation. Specify the 
oxidizing and reducing agents and the type of reaction. 
 
Experiment 3. Influence of the environment on the 
oxidizing properties of potassium permanganate 

Permanganate-ion MnO4 is a strong oxidizing agent. 
Depending on the environment, permanganate ion reduction 
occurs differently. 
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1. Reduction of MnO4 in an acidic environment. Place 
3-4 drops of potassium permanganate in a test tube, add 5-10 
drops of H2SO4, and then add one microspatula of crystalline 
sodium sulfite. What is observed in this case? Write the 
reaction equation yourself, taking into account that the 
products are manganese (II) sulfate, sodium sulfate, 
potassium sulfate and water. What type is this redox 
reaction? Determine the coefficients in it by the method of 
half-reactions. 

2. Reduction of MnO4 - in a neutral environment. The 
experiment is carried out similarly to that described in point 
1, but instead of sulfuric acid add water (5–8 drops) to the 
test tube, and then one microspatula of crystalline sodium 
sulfite. A brown precipitate of manganese (IV) oxide forms 
in the solution, and sodium sulfite is oxidized to sodium 
sulfate. Write the reaction equation yourself and find the 
coefficients by the half-reaction method. 

3. Oxidizing properties of MnO4 in a highly alkaline 
environment. The procedure for the experiment is similar to 
experiment 1: add 10 drops of concentrated alkali KOH to the 
solution of potassium permanganate, then add one 
microspatula of crystalline sodium sulfite. Reaction scheme: 
      KMnO4 + Na2SO3 + KOH → K2MnO4 + Na2SO4 + H2O  

Note: If alkali NaOH is added, then sodium 
manganate and potassium manganate are formed 
simultaneously as products. In the report describe the 
experiment, note the color of potassium manganate, give the 
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reaction equation and select the coefficients in it by the half-
reaction method. 

 4. Oxidizing properties of MnO4 in a weakly alkaline 
environment. When a dilute alkali solution is used as a 
medium and the subsequent action of sodium sulfite the 
reaction proceeds according to the scheme described in 
experiment 2. Only at the very first moment can a green color 
of the solution be observed due to the formation of potassium 
manganate (as in experiment 3): 

KMnO4 + Na2SO3 + NaOH → K2MnO4 + Na2MnO4 + 
Na2SO4 + H2O 

But soon the color of the solution begins to change, 
since the manganate-ion formed in neutral and weakly 
alkaline media is unstable: 

K2MnO4 + H2O → MnO2 + KMnO4 + KOH, 
so that the final product of the reduction of the 
permanganate-ion in weakly alkaline solutions, as in neutral 
solutions is MnO2. Find the coefficients in the schemes of 
oxidation-reduction reaction reactions by the half-reaction 
method. What types of redox reactions do they belong to? 

In what environment permanganate-ion is recovered 
maximally, and in what - minimally? 
 
Experiment 4. Oxidizing properties of potassium 
dichromate 

Place 2-3 drops of potassium dichromate K2Cr2O7 in a 
test tube, add 7-8 drops of sulfuric acid, add one microspatula 
of crystalline iron (II) sulfate to the acidified solution, stir 
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with a glass rod. Observe the color change as the reaction 
proceeds. Record the reaction scheme, considering that the 
products are chromium (III) sulfate, iron (III) sulfate, 
potassium sulfate and water. Determine the type of redox 
reaction, select the coefficients by the methods of electronic 
balance and half-reactions. 

 
Work 11. STUDY OF THE PROPERTIES OF METALS 

OF THE I AND II GROUPS 
 

 Atoms of s-metals store one or two electrons in the 
outer electron shell: ns1 or ns2. The oxidation state of their 
ions is +1 and +2. As the number of elements increases, the 
atomic radius increases and the ionization energy decreases, 
simple substances form a crystal lattice with a weak metal 
bond.  
The melting point, hardness and durability of all s-elements 
except beryllium are not high. The density of these metals is 
0.58–3.76 g/cm3. All s-elements are strong reducing agents. 
Their standard electrode potential is less than -2V. 
The activity of the reaction of s-metals with water increases 
with increasing sequence number by group. Due to their high 
activity, alkaline and alkaline-earth metals cannot be stored in 
the air. They are kept under kerosene, Vaseline or paraffin in 
a closed manner. All s-elements are dissolved in water to 
form alkaline oxides. Magnesium oxide is sparingly soluble 
in water, its hydroxide Mg(OH)2 has alkalinity. Beryllium 
oxide is an amphoteric. 
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When interacting with halogens, s-metals form halides that 
are well soluble in water. Nitrates of these metals are also 
well soluble in water. Sulfates and carbonates of I group 
metals are less soluble than carbonates and sulfates of II 
group elements. 
Reagents and devices: 
Experiment 1 - magnesium salt, alkali, hydrochloric acid, 
ammonium chloride, test tubes 
Experiment 2 - calcium, strontium and barium carbonates, 
soda, hydrochloric acid, test tubes, calcium, strontium and 
barium sulfates, 2 N. hydrochloric acid, sodium sulfate, test 
tubes calcium oxalates, strontium and barium, ammonium 
oxalate, test tubes, hydrochloric acid 
Experiment 3 - compounds of lithium, sodium, potassium, 
calcium, strontium, barium, ethyl alcohol, porcelain crucible, 
microspatula 

                                            
       Progress of the work: 

Experiment 1 - Obtaining magnesium hydroxide and its 
interaction with acid and ammonium salts 

In two test tubes obtain magnesium hydroxide by the 
action of an alkali solution on a solution of a magnesium salt. 
Add 2 N hydrochloric acid to one tube dropwise until the 
precipitate is completely dissolved. In another test tube add 2 
N ammonium chloride solution dropwise also until the 
precipitate is completely dissolved. Describe the experiment 
in the report. Write the equations for the reactions of 
obtaining Mg(OH)2 and its interaction with HCl and NH4Cl. 
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Explain why magnesium hydroxide interacts with acid and 
ammonium chloride. 
 
 
Experiment 2. Properties of insoluble salts of calcium, 
strontium, barium 

1. Carbonates of calcium, strontium, barium. Obtain 
precipitates of calcium, strontium and barium carbonates in 
three test tubes by interaction of solutions of the 
corresponding salts with a soda solution. Affect on the 
obtained carbonates with 2 N solution of hydrochloric acid, 
adding it drop by drop. In the report write the equations of 
reactions in molecular and ionic form, explain their course. 
Indicate the practical significance of this experiment. 

2. Sulfates of calcium, strontium, barium. Obtain 
precipitates of calcium, strontium and barium sulfates in three 
test tubes by interaction of solutions of the corresponding 
salts with sodium sulfate solution. Affect on the obtained 
sulfates with 2N hydrochloric acid. Is the course of reactions 
observed in this case? Write the equations for the formation 
of sulfates in the report and explain why they do not interact 
with hydrochloric acid. Indicate the practical significance of 
this experiment. 

 3. Calcium, strontium, barium oxalates. Obtain 
precipitates of calcium, strontium and barium oxalates in 
three test tubes by interaction of solutions of the 
corresponding salts with a solution of ammonium oxalate. 
Test the effect of hydrochloric acid on oxalate precipitation. 
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Write in the report the equations for the reactions of oxalate 
formation and their dissolution in hydrochloric acid. 
 
Experiment 3. Coloring the flame with salts of alkali and 
alkaline earth metals 

The experiment is carried out in a fume hood. Place 
half a microspatula of lithium, sodium, potassium, calcium, 
strontium, barium compounds in six porcelain crucibles. Pour 
the salts to half of the crucible volume with ethyl alcohol, stir 
to dissolve the compounds in alcohol and set fire to them. 
Observe the color of the flame, which is especially noticeable 
at the end of the combustion. In the report describe the 
experiment and indicate its practical significance. 

 
Work 12. INVESTIGATION OF THE PROPERTIES OF 

D-ELEMENTS 
 Most d-elements have two s-electrons in the outer 

layer of the atom and 1 to 10 d-electrons in the outer layer 
[(n−1)d1−10ns2]. IB group [(n−1)d10ns1], some VIB group 
elements (Cr ... 3d54s1, Mo ... 4d55s1) and VIIIB group 
elements (Ru ... 4d75s1, Rh ... 4d85s1, Pt ... 5d96s1) are 
exceptions (the gap of an s-electron to the d-half level). The 
outer s-half level of palladium is empty (Pd ... 4d105s0). d-
Elements are called transition metals. d-electrons are formed 
in these elements.  

Physical properties. The physical properties of d-
elements are affected by the number of unpaired d-electrons 
located at the previous level from the outside, forming a 
localized bond. Higher melting temperatures are observed in 
VB and VIB group elements with 3-4 single d-electrons. 
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These metals are characterized by high atomization energy 
(the process of gasification of the metal).  

Significant reductions in melting temperature and 
atomization energy are observed in manganese and 
technesium, which are due to their electronic structure (five 
atomic orbitals of the d-half-level are filled with electrons). 
Metals with one electron in the outer s-half level (Cr, Mo and 
especially Cu, Ag, Au) are characterized by high electrical 
conductivity. Group IIIB elements with one d-electron are 
close to neighboring alkali-earth metals in their properties.  

 
Chemical properties. All d-elements are reducing. 

More potent reducing agents are IIIB group elements, as well 
as zinc and cadmium. It is thermodynamically probable that 
all d-elements except the platinum subgroup and the IB group 
are soluble in acids with the release of hydrogen. However, a 
protective oxide layer forms on the surface of most d-
elements, which inactivates them and protects them from 
corrosion. Group IVB-VIB group elements are more prone to 
passivity. IIIB and IIB elements (except for mercury) react 
easily with liquid acids, and some with water, for example 
lanthanum.  
Almost all d-elements show a variable oxidation state in the 
compounds. Most d-elements have two s-electrons in their 
outer electron shell, so they show an oxidation state of +2. 
The maximum oxidation state of elements that do not retain 
d-electron pairs in their orbitals (IIIB-VIIB) corresponds to 
the group number. High oxidation states are not characteristic 
for VIIIB group elements with electron pairs in their d-
orbitals. Ruthenium and osmium are exceptions, and these 
elements can show an oxidation state of +8. Oxidation-
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reduction reactions are typical for most d-elements due to the 
variable oxidation state. 
Reagents and devices: 
Experiment 1 - Mohr's salt (NH4)2SO4·FeSO4·6H2O, alkali, 
microspatula, test tubes of cobalt (II) salts, 3% solution of 
H2O2, nickel (II) salts, bromine water 
Experiment 2 - copper, hydrochloric acid, sulfuric acid, 
nitric acid 

 
              Progress of the work: 

Experiment 1. Obtaining and research of properties of 
iron (II), cobalt (II) and nickel (II) hydroxides 

1. Iron (II) hydroxide. Solutions of iron (II) salts are 
never prepared in advance, since they are easily oxidized by 
atmospheric oxygen. Therefore, the experiments use the most 
stable crystalline double salt - Mohr's salt 
(NH4)2SO4·FeSO4·6H2O or its solution, which is prepared 
immediately before the experiment (one microspatula of 
Mohr's salt is poured into a test tube and dissolved in 6-8 
drops of water). In the reaction equations instead of the Mohr 
salt formula, one can use the iron (II) sulfate formula. In a 
test tube with 6 drops of Mohr's salt solution add 2 N alkali 
solution until Fe(OH)2 precipitates. Pay attention to the color 
of the hydroxide obtained. Stir the resulting precipitate by a 
glass rod, observe a gradual transition of color to brown due to 
oxidation of iron (II) hydroxide to iron (III) hydroxide, the 
formula of which should be written in the form of FeO(OH), 
because the iron cation (+3) has a strong polarizing effect, 
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which results in the following reactions occurring at the 
moment of Fe(OH)3 formation: 

                         Fe(OH)3 = FeO(OH) + H2O 
Write in the report the reaction equations: a) the 

formation of iron (II) hydroxide; b) its oxidation into iron 
(III) hydroxide under the effect of air oxygen and water; c) 
conversion of  Fe (OH)3 into hydroxide of iron (III) oxide. 

2. Cobalt (II) hydroxide. Add 6 drops of cobalt (II) 
salt solution to two test tubes and add alkali solution 
dropwise. This reaction takes place in a stepwise manner. 
First a blue precipitate of the basic salt of CoOHCl appears, 
which then turns pink, indicating the formation of cobalt (II) 
hydroxide. Stir the sediment in one test tube by a glass rod 
and leave in air, and add 2-3 drops of 3% hydrogen peroxide 
solution to the other. In which test tube is the oxidation of 
cobalt (II) hydroxide observed? In the report describe the 
experiment and write the reaction equations. 

3. Nickel (II) hydroxide. Place 6 drops of nickel (II) 
salt solution in three test tubes and add alkali solution 
dropwise until Ni (OH)2 precipitates. Mark the color of the 
sediment. In the first test tube, mix the sediment by a glass 
rod and leave in air, add 2-3 drops of 3% H2O2 solution in the 
second, and 1 drop of bromine water in the third. When does 
oxidation of Ni(OH)2 occur? In the report describe the 
experiment and write the reaction equations. According to 
experiment 2 make a general conclusion about the change in 
the reducing properties of compounds in the series Fe(OH)2 – 
Co(OH)2 – Ni(OH)2. 
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Experiment 2.    Interaction of copper with acids 

Investigate the interaction of copper with 
hydrochloric, diluted sulfuric, diluted nitric acids and with 
concentrated sulfuric and nitric acids. Write in the report the 
reaction equations, select the coefficients using the half-
reaction method. Explain the different composition of the 
products of the interaction of copper with diluted and 
concentrated sulfuric, with diluted and concentrated nitric 
acids. 
 

Work 13. BASIC CLASSES OF INORGANIC 
SUBSTANCES 

 
 Carbon compounds (other than carbon oxides, 

carbides, carbonic acid and its salts) are organic substances. 
Organic substances include both natural and artificial 
compounds.  

The number (more than 25 million) and diversity of 
organic matter is high. The great diversity of organic matter 
is due to the formation of covalent bonds between carbon 
atoms. Due to the high durability of the carbon-carbon bond, 
a chain consisting of a large number of carbon atoms is 
formed. Carbon chains can be open or closed (cyclic).  

The diversity of organic compounds is also related to 
isomerism. Isomers are substances that have the same 
composition and molecular weight but different structures 
and arrangement of atoms in space.  
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Another feature of organic compounds is that they form 
homologous series. Substances belonging to the homologous 
series differ from each other as much as the −CH2− group. 
The homologous sequence of saturated hydrocarbons is 
characterized by the formula CnH2n+2. In the homologous 
sequence, with the increase in the number of −CH2– groups, 
there is a regular change in the physical properties of the 
compounds.  

Most organic compounds are characterized by reactions 
that occur at low rates under normal conditions. This is due to 
the high durability of the covalent bond formed by carbon-
carbon and carbon with other atoms. Due to its 
electronegativity, carbon occupies an intermediate position 
among typical oxidizers and reductants. The difference 
between the electronegativity of carbon and many atoms is 
not large. Therefore, bonds in organic compounds are less 
polar. Electrolytic dissociation is not typical for most organic 
compounds.  

The melting point of organic compounds is low (less 
than 100-200oC). At high temperatures, they burn to form 
carbon dioxide and water. 
Reagents and devices: 
Experiment 1.  - zinc granules, hydrochloric acid, test tubes, 
matches 
Experiment 2. - KClO3, Berthollet's salt and manganese (IV) 
oxide, micro-spatula, test tubes 

 
Progress of the work: 

Experiment 1. Obtaining and properties of hydrogen 
 



 
 
 
 

77 

Hydrogen is a component of acids, bases, acidic and 
basic salts and the most common substance on Earth - water. 
It is used as a reducing agent in the production of metals and 
in many organic syntheses. In the near future, hydrogen will 
be used as a fuel instead of gasoline, kerosene, fuel oil, gas 
and coal, since no harmful impurities are formed during its 
combustion. Hydrogen is obtained in industry by conversion 
of methane, by electrolysis of water, and in laboratories - 
from acids when they interact with metals. 

Place 2-3 zinc granules in a test tube and add 
hydrochloric acid to 1/3 of the test tube volume. Collect the 
evolved hydrogen for 3-4 min in a wider tube turned upside 
down. Without turning the test tube over, bring a burning 
match to it. Hydrogen ignites with a slight "pa" sound. 

In the report write the equation for the reaction of zinc 
with hydrochloric acid, indicate the oxidizing agent and the 
reducing agent, draw up electronic circuits for oxidation and 
reduction. Explain why the evolved hydrogen must be 
collected by holding the tube with the opening facing down. 
Indicate which metals, besides zinc, can be used to obtain 
hydrogen from hydrochloric acid. 

 
Experiment 2. Obtaining and properties of oxygen 

 
Oxygen is the most widespread chemical element on 

Earth: about half (47% by mass) of the Earth's crust is 
oxygen. Life is impossible without oxygen, since it supports 
the respiration of humans and animals. With its help, fuel is 
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burned, receiving heat and electricity. Oxygen is contained in 
the air and in chemical compounds - water, oxides, 
hydroxides, salts, organic substances. For industrial purposes, 
oxygen is obtained by rectification of liquid air, and in 
laboratories - from substances that when heated, decompose 
with its release (KMnO

4
, KClO

3
, BaO

2
). 

Place two micro-spatulas of potassium chlorate 
KClO3 (Berthollet's salt) in a dry test tube, dip a smoldering 
splinter into it. Heat the test tube on an spirit lamp. After 
some time from the beginning of heating, a smoldering 
splinter flares up. Repeat the experiment with a mixture of 
Berthollet's salt and manganese (IV) oxide, mixed in a ratio 
of approximately 4:1 by volume  of powders. 

In the report, record the decomposition equation for 
KClO3 and explain why the glowing speck flares up. Explain 
why in the second experiment the time from the start of 
heating the test tube to the flash of a splinter is shorter than in 
the first. What role does manganese (IV) oxide play in the 
second experiment? 
 

Work 14.  Establishing of the crystal hydrate formula  
 
Reagents and devices: 
Experiment 1 - gypsum CaSO

4
·2Н

2
О, copper sulfate 

CuSO
4
·5H

2
O, porcelain crucible, sand bath, desiccator 

 
Progress of the work: 
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Experiment 1. Determination of the amount (mol) of 
water in crystalline hydrate - copper sulfate 

Crystalline hydrates are called crystalline substances 
that include water molecules, for example, gypsum 
CaSO

4
·2Н

2
О, copper sulfate CuSO

4
·5H

2
O, etc. Crystalline 

hydrates when heated lose crystallization water, passing into 
anhydrous salts. Using this, it is possible to determine the 
water content in the crystalline hydrate, and then knowing the 
formula of anhydrous salt, calculate the number of water 
molecules attached to one molecule of anhydrous salt.  

 

   
Fig.5 Desiccator and sand bath 

 
          
 Progress of the work: 
1. Weigh an empty porcelain crucible correct to 0.01 

g. Pour 0.5–1 g of copper sulfate into a weighed crucible. 
Weigh the crucible with crystalline hydrate again. 
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2. Place the crucible in a heated sand bath for 20–30 
minutes. 

3. Transfer the crucible to a desiccator with tongs and 
cool. 

4. Weigh the cooled crucible. 
5. Repeat heating the crucible, cool it again in a 

desiccator and weigh it.                If the weight has changed 
by no more than 0.01 g, stop heating. Based on the results of 
the last weighing, fill in the table of test results: 

 
Empty 

crucible 
mass, g 

Crucib
le mass 

with 
crystall

ine 
hydrat

e, g 

Mass 
of 

crystal 
hydrat

e, g 

Crucibl
e mass 
with 

substan
ce after 
calcinati

on, g 

Mass of 
anhydrous 

salt, g 

Mass 
of 

water
, g 
 

      

      

      

 
 
 

Тable 3 
Normal electrode potentials at 25°C 
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Electrode Normal electrode 
potentials 

Reaction on the 
electrode 

Li+, Li  —3,045 Li++e=Li 
К+, К   —2,925 К++e=K 
Na+, Na  —2,714 Na++e=Na 
Zn2+, Zn  —0,763 Zn2++2e=Zn 
Fe2+, Fe  —0,440 Fe2+ +2e = Fe 
Cd2+, Cd   —0,403 Cd2+ + 2e=Cd 
T1+, Tl(Hg)  —0,336 T1++e=T1 
Sn2+, Sn  —0,136 Sn2+ + 2e=Sn 
Pb2+, Pb  —0,126 Pb2++2e=Pb 
(H+, H2) Pt  +0,000 H++e=1/2 H2 
Cu2+, Cu  +0,337 Cu2++2e=Cu 
(I-, I) Pt   +0,536 ½ l2+e=l- 
Ag+, Ag  +0,799 Ag++e=Ag 
Hg2+, Hg  +0,789 Hg2+ + 2e=2Hg 
(Br-, Br2) Pt  +1,065 ½ Br2+e = Br- 
(C1-, Cl2) Pt  + 1,359 ½ Cl2+e=Cl- 
Saturated calomel electrode +0,2415 — 
Normal calomel electrode +0,2805 — 
Decinormal calomel electrode +0,3338  
(Cr3+, Cr2+) Pt —0;407 Сr3++e=Сr2+ 
(Ti4+, Ti3+) Pt +0,04 Ti4++e=Ti3+ 
(Sn4+, Sn2+) Pt  +0,13 Sn4+ + 2e=Sn2+ 
(Fe3+, Fe2+) Pt  +0,771 Fe3++e=Fe2+ 
(Hg2+, Hg+) Pt +0,920 Hg2++e=1/2 Hg2+ 
(Tl3+, Tl2+) Pt   +1,252 Tl3++2e=Tl+ 
(Ce4+, Ce3 +) Pt + 1,55 Ce4++e=Ce3+ 
(Co3+, Co2+) Pt + 1,817 Co3+ +e=Co2 + 
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Тable 4 

Equivalent electrical conductivity of some salts at t = 18 
°C 
 

Solution 
normality 

Electode 
KCl NaCl AgNO3 

0 130,00 108,99 
115,80 

0,0001  129,07 108,10 115,01 
0,0002  128,77 107,82 114,56 
0,0005  128,11 107,18 133,89 
0,001  127,34 106,49  113,15  
0,002  126,31 105,55 112,08 
0,005 124,41 103,78 110,04 
0,01 122,43  101,95 107,81 

0,02 119,96  99,62 - 
0,05  115,75  95,71 99,51  

0,1 112,03  92,02 94,33 

0,2  107,96 87,73 - 
0,5 102,41 80,94 77,8 
1 98,27  74,35 67,8 
2 92,6  64,8 - 
3 88,3 56,5  - 
5 - 42,7  - 
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Таble 5 
                    pH values of various buffer mixtures 
 

Concentration ratio 
СН3СООН NaH2PO4 
NH4OH 
CH3COONa’ 
Na2HPO4’ NH4C1 

Buffer mixtures 
acetate phosphoric ammonium 

9:1 
 

3,72 
 

5,91 
 

10,28 
 

8:2 
 

4,05 
 

6,24 
 

9,95 
 

7:3 
 

4,27 
 

6,47 
 

9,73 
 

6:4 
 

4,45 
 

6,64 
 

9,55 
 

5:5 
 

4,63 6,81 
 

9,37 
 

4:6 
 

4,80 6,98 
 

9,20 
 

3:7 
 

4,99 7,17 
 

9,01 
 

2:8 
 

5,23 7,38 
 

8,77 

1:9 
 

5,57 7,73 8,43 

 
 

Таble 6 Activity of some electrolytes (at 25 °C) 
Electrolyte Molar concentration of solution  (mol/l) 

0,01 M 0,1 M 1,0 M 2,0 M 3,0 M 

AgNO3 
 0,90 0,72 0,40 0,28 0,23 
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ВаС12 
Zn 0,72 0,49 0,39 — — 
Ca(NO3)2 
 0,71 0,48 0,35 0,35 0,37 
CdCl2 
  0,53 0,22 0,06 л— — 
CuSO4 

 0,40 0,16 0,05 — / — 
НСl 

 0,90 0,80 0,81 1,02 1,32 
HNO3 
 0,91 0,79 0,73 0,79 0,91 
H2SO4 
 0,54 0,27 0,13 0,12 0,14 
KC1 
 0,90 0,78 0,61 0,58 0,57 
KOH 
 

0,90 0,80 0,76 
— — 

MgSO4  
 0,40 0,18 0,06 0,06 0,06 
NH4Cl 
 0,88 0,74 0,57 - — 
NaCl  
 0,92 0,80 0,65 0,66 0,70 
Pb(NO3)2  
 0,69 0,37 0,11 — — 
ZnCl2  
 0,71 0,50 0,33 — — 
ZnSO4. 
 

0,39 0,15 0,05 0,04 0,04 

 
 

Таble 7 
Ionic conductivities (ion mobility) at 18 °C 

 
Ion Conductivity Ion Conductivity 
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H+ 315,0 OH- 174,0 
Na+ 42,6 С1- 66,3 
К+ 63,7 Вr- 68,2 
NH+ 63,6 NO- 62,6  
Ag+ 53,2 CH3COO- 35,0  
½ Са2 + 50,4 ½ SO4- 68,7 
 
 
Таble 8 
Electrolytic dissociation constants of some weak acids and 
bases at 25 °C 
 

Acids and bases Formula Dissociation 
constants 

Acids 

Non-organic 
   

 
 

Boric acid Н3ВО3 5,8-Ю-10. 
sulphurous Kı  H2SO3 1,7-10-* 
  К2  
  

6,8-10-8 
 

Hydrogen sulfide 
 Kı  HaS* 8,7 10-8 
      к2 
  

3,6-10-13 
 

Coal Кг Н2СО3 4.10-7- 
   к2 Н2СО3 5,6-10-11 
Organic 
  

 

benzoic СвН6СООН1 6,3-10-5 
Valerian norms СН3(СН2)3СООН2 1,5.10-5 
Oil norms СН3(СН2)2СООН 1,5.10-5 
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Dairy  СН3СН(ОН)СООН 1,4 10-4 
Formic нсоон** 1,8.10-4 
Acetic СН3СООН 1,8-10-5 
sorrel Kı  (СООН)2-2Н2О 6,0-10-2 
                    К2  6,0.10-5 

Foundations 
ammonium hydroxide NH4OH 1,8.10-5 
Aniline  CeH5NH2  4.10-10 
Urea  СО (NH2)2 1,5-10-14 
ethylamine CH3CH2NH2 5,6-10-4 

 
1 at 20 °C. 
2 at 18 °C. 
 
 
Таble 9 

Surface tension of water 
Теmperature, 

°C 

Surface 

tension, n/m 

Теmperatura; 

°C 

Surface 

tension, n/m 

0 0,07549 35 0,07029 

5 0,07475 40 0,06954 

10 0,07401 45 0,0686 

15 0,07326 50 0,0678 

20 0,07253 60 0,0660 

25 0,07178 70 .0,0642 

30 0,07103 80 0,0623  

 
 

Таble 13 
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pH values corresponding to different concentrations 
acids and alkalis at 16 °C 

 

N
or

m
al

 so
lu

tio
n 

1 

H
yd

ro
ch

lo
ric

 a
ci

d 

Su
lp

hu
ric

 a
ci

d 

A
ce

tic
 a

ci
d 

La
ct

ic
 a

ci
d 

Le
m

on
 a

ci
d 

ca
us

tic
 p

ot
as

h 

So
di

um
 

hy
dr

ox
id

e 

A
m

m
on

ia
 

0,001 3,00 2,70 3,89 3,51 3,22 11,00 11,00 10,11 
0,002 2,70 2,42 3,74 3,34 3,05 11,30 11,30 10,26 
0,003 2,52 2,27 3,64 3,25 2,92 11,48 11,48 10,34 
0,004 2,40 2,15 3,58 3,18 2,85 11,60 11,60 10,42 
0,005 2,30 2,07 3,52 3,12 2,77 11,70 11,70 10,46 
0,006 2,22 2,00 3,49 3,08 2,74 11,78 11,78 10,51 
0,007 2,15 1,94 3,46 3,05 2,70 11,85 11,85 10,54 
0,008 2,10 1,88 3,42 3,01 2,66 11,90 11,90 10,57/Э 
0,009 2,05 1,84 3,40 2,98 2,64 11,95 11,95 10,59 
0,01 2,00 1,80 3,38 2,96 2,60 12,00 12,00 10,62 
0,02 1,70 1,54 3,22 2,80 2,43 12,30 12,30 10,77 
0,03 1,54 1,38 3,14 2,70 2,33 12,48 12,46 10,86 
0,04 1,41 1,28 3,08 2,63 2,26 12,59 12,58 10,93 
0,05 1,32 1,19 3,02 2,58 2,20 12,69 12,68  10,97 
0,06 1,24 1,12 2,99 2,54 2,16 12,76 12,76 11,01 
0,07 1,17 1,06 2,96 2,52 2,12 12,83 12,82 11,05 
0,08 1,12 Г, 00 2,92 2,48 2,09 12,89 12,88 11,08 
0,09 1,07 0,96 2,90 2,47 2,07 12,93 12,92 11,10 
0,1 1,02  0,92 2,89 2,43 2,04 12,98 12,97 11,12 
0,2 0,74 0,64 2,74 2,27 1,92 13,26 13,26 11,27 
0,3 0,57 0,47 2,68 2,18 1,85 13,43 13,42 11,36 
0,4 0,45 0,36 2,62 2,14 1,80 13,55 13,53 11,43 
0,5 0,36 0,27 2,55 2,10 1,74 13,64 13,62 11,48 
0,6 0,28 0,20 2,52 2,05 1,72 13,71 13,69 11,52 
0,7 0,23 0,14 2,50 2,01 1,68 13,77 13,75 11,54 
0,8 0,18 0,09 2,47 1,98 1,64 13,83 13,80 11,58 
0,9 0,13 0,04 2,44 1,97 1,60 13,87 13,84 11,61 
1,0 0,10 0,01 2,43 1,96 1,57 13,91 13,88 11,62 
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