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INTRODUCTION

Laboratory exercises are an integral part of a course of chemistry.
To perform them profitably, the student should first study the subjects
listed in small print at the beginning of each exercise. The questions
included enable him to make certain that such preparation for each
. exercise has been sufficiently thorough. It is especially important
to solve the problems included, which are based on the subject-matter
of the exercise. Atomic weights approximated to one decimal should
be used in solving the problems,

All laboratory work should be done by students individually.
The student should be familiar with the laboratory routine, and
he should follow it unswervingly.

From the very first exercise thought should be given to the time-
saving factor. The student should endeavour to organise his work in
such a way that during lengthy operations not requiring his undi-
vided attention (filtration, evaporation, calcination, etc.) he could
perform other experiments.

Reagents should always be taken in the quantities indicated. The
stoppers of reagent bottles should be promptly replaced, and the bot-
tles should be put back where they belong. A reagent taken in excess
should never be poured back into the boftle. Used reagents should be
poured down the drain; in the case of fuming reagents, however,
this should be a drain fitted with a ventilated hood, while spent rea-
gents of considerable value should be collected in special vessels.

No work requiring a ventilated hood should be done without it, on an
unhooded laboratory table.

The results of all the experiments conducted should be recorded in
a notebook, a margin being left for the instructor’s comments. All
records should be clear and concise. The conditions in which the expe-
riment is conducted should be specified, and the phenomena observed
described. The chemical process should be expressed by proper equa-
tions, and a sketch or diagram of the apparatus used should be added
if necessary.

Exhaustive written answers should be given to all the questions
put in the exercises.

All calculations should be done by means of a table of logarithms
or slide rule. If the treatment of the experimental data involves
atomic weights, their values should be approximated to two decimals.
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The results of an experiment should be entered in the student’s

notebook before a new experiment is begun.
On completing a laboratory exercise, the student should submit

his notebook with the results of all the experiments to the instructor.
Before leaving the laboratory, the student should put his workplace

in order and wash his hands.
The instructor should be informed at onceof any accident in the lah-

oratory.

THE STUDENT’S LABORATORY EQUIPMENT

Each workplace should have laid on: gas, hot and cold water, elec-
tricity (a. c. and d. c.), suction, and a drain. In addition, each stu-

dent should be provided with the following objects:

C — test-tube rack; D — wire gauze with
asbestos centre; E — test-tube holder; F — brushes for cleaning utensils.

A — burner; B — ringstand;



Exercise 1

HEATING AND WEIGHING

LABORATORY WORK

Apparatus and malerials: gas burner; crucible tongs; 5-7cm of nichrome wire
about 1 mm in diameter; porcelain crucible cover; watch glasses, weighing bottles,
and crucibles; glass tube about 20 cm in length and 5-6 cm in diameter; test tubes;
pins; matches; sheets of paper 10X 10 cm; potassium bromide; anhydrous sodium
sulphate, and an object for test weighing.

Heating

Many chemical processes can be accelerated by heating. This is
effected by electric appliances (furnaces and heaters) or burners
(spirit, petrol, and gas), depending upon the laboratory equipment
and the nature of the process studied.

1. Gas Burner. Take the burner shown in Fig. 1 apart: unscrew
the gas tube (2) from the base (1); unscrew the disk (3) from the lower,

7

Fig. 1. Gas burner (Teclu burner) 4

1 — base; 2 — tube; 3 — disk regulating flow of air; / &
4 — valve regulating supply of gas.

wider part of the tube, which is called the gas-mixing chamber.
Examine each part and ascertain the purpose of the disk and of the

valve (4).
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Reassemble the burner* and draw a diagram cf it in your note-
book, designating the names of all the parts.

Fig. 2. Crucible tongs

Connect the burner to a gas-supply tap by means of rubber tub-
ing; screw in the disk close to the chamber; turn on the gas by turn-
ing the cock 90°, and light the burner.

Now turn the valve slowly and observe the changes in the size of
the flame. What purpose does the valve serve?

By means of a pair of crucible tongs (Fig. 2) take a porcelain cru-
cible cnver and introduce it into the flame. What is formed on the
surface of the cover? How is such a flame
called? Is the burning of the gas in such a

flame complete? **

Turn the disk slowly, observing the changes
in the flame, until a sharply defined inner
cone appears within it. Introduce a clean por-

celain crucible cover into the middle of the
outer cone. Is any carbon black formed now?
How is such a flame called? What does the
disk serve for?

Other types of gas burners are sometimes
used in the laboratory too (Fig. 3).

2. Flame Flash-back. By turning the valve
smoothly reduce the height of the flame to
about 2 c¢m, after which turn the disk until it
is fully released from the tube. The flame has

Fig. 3. Gas burner now flashed back, i. e., combustion takes place

(Bunsen) with ring within the burner (verify this!). This causes
1 — base; 2— tube; 3—ring  the flame over the {ube either to disappear
regulating flow of air. or to become elongated and luminous, combus-

tion being often accompanied by a whistling
sound. If the burner is made of a copper alloy, the flame may after
a time acquire a green tinge.

When the flame flashes back, it means that the burning of the gas

is incomplete, with the result that the air in the laboratory becomes

* Screw the disk on so that its smooth side faces upwards.
** Hot objects should be placed on asbestos millboard or on a ceramic plate.
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poisoned. Moreover, since combustion takes place inside the tube, the
latter becomes very hot, which may cause the rubber tubing feeding
the gas to the burner to catch fire.

When a flame flash-back occurs, turn off the gas, allow the burner
to cool (beware of burning your hands!), and then light it again in
accordance with the rules
(see p. 12),

Why is a flash-back of the
flame undesirable?

3. Gas-poisoning Hazard.
The gas used in the laboratory
(which is the same gas as that
used in industry and for house-
hold needs) is chiefly coke-
oven gas, either pure or mixed
with natural gas. Coke-oven
gas is prepared by the gasifica-
tion of coal, while natural gas
is obtained by tapping natu-
ral deposits (in the U.S.S.R.
there are big deposits at
Saratov on the Volga, Dasha-  Fig. 4. Structure of gas burner flame
va in the Ukraine, and else-
where). These gases have the following average composition
(in %):

H, |CH. C.HeCxHy| co H,O0 | N, CO; 0,

-
o
o

Coke-oven gas 57 23 2

Natural gas (Sara- —_— 95.2 1.3 —
tov)

S
L W
e
[\
I

The carbon monoxide contained in coke-oven gas is highly poison-
ous. A mere0.3% of it in the air can cause fatal poisoning in 12-15 min-
utes. For this reason always keep an eye on gas burners. Before leav-
ing the laboratory, make sure the gas is turned off.

4. Flame Structure. Quickly introduce a sheet of paper for 2-3 sec-
onds into the lower part of the small nonluminous flame (broken
line in Fig. 4 A). Observe the appearance of a ring of charring. Intro-
duce a glass tube into the flame, as shown in the figure, and light
the gas at its upper end. Lift the tube slowly, and note the position
of its lower end when the burning at the upper end ceases. Put out the
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burner by turning off the gas, and insert a match, attached to a pin,
into the tube of the burner (Fig. 4 B). Now turn on the gas and light
the flame. Does the match ignite? Lifting the pin by the tongs, move
the match into the upper cone of the flame. What happens now?
What conclusions can be drawn about the burning of the gas in the
inner and the outer cone on the basis of these experiments?

5. Flame Temperature. Draw a diagram of the burner flame in
your notebook. Mark all the points and corresponding temperatures
shown in Fig. 4 C. Introduce a nichrome wire, whose end has been
joined to a glass tube, into the various zones of the flame, and observe
the colour of the heated wire. Depending upon the temperature to
which it is heated, the wire acquires the following colours:

dark red at 500° orange at 1100°
red at 700° white at 1500°

In the diagram mark the points corresponding to the experimental-
ly observed temperatures of 700 and 1100°.

Put 1 g of powdered potassium bromide (m. p. 728°) into a dry fest
tube and heat it for some time in the hottest zone of the flame. Does
the salt melt? Now conduct a similar experiment with 1 g of anhy-
drous sodium sulphate (m. p. 884°). Does this salt melt? On the basis
of these experiments state the average temperature achievedin prac-
tice when heating objects with a gas burner.

Rules for using a gas burner

1. Drive in the diskclose to the wide part of the gas tube.

2. Turn on the gas and light the burner.

3. Screw out the disk slowly until a sharply defined inner cone
appears in the flame.

Weighing

Weighing is one of the most important operations in quantitatively
estimating the results of a chemical process, as well as in determining
the numerical values of certain characteristics of a substance (its
equivalent, its atomic and molecular weights, etc.). The reliability
of the quantitative assessment of the data of a chemical experiment
depends to a considerable extent upon the accuracy of weighing.
Three types of balances are used by the student in the laboratory of
inorganic chemistry: the technical balance (for rough weighing),
the chemical balance (for weighing to 0.01 g), and the analytical bal-
ance (for weighing to 0.0001 g).

1. Chemical Balance. The chemical balance (Fig. 5) is mounted on
an uncovered base with special screws for adjusting the balance accord-
ing to the plumb weight attached to the pillar (1). After adjustment
according to the plumb weight the balance should not be shifted.
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Fig. 5. Chemical balance and weights

5 — graduated scale; 6 — plumb

| — pillar; 2 — catch; 3 — pans; 4 — pointer;
— beam; 9 — screws for balancing

weight; 7— screws for levelling the balance; 8
empty pans.

Before weighing, the balance should be checked. By shifting the
catch (2) smoothly to the right, the balance is made operational: the
beam is lowered so that the edge of its central prism rests upon its
support and begins to swing together with the pans (3) suspended
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from side prisms of the beam. If the pointer (4) now swings back and
forth across the graduated scale (5) an equal number of divisions away
from the middle line each way (or one or two divisions more in one
direction than in the other), the balance may be considered adjusted
correctly. After the balance has been checked, the beam should be
arrested; thisis done by moving the catch back into the non-operation-
al position.

Fig. 6. Vessels for weighing
I — watch glass; 11 and 111 — weighing bottles; IV — crucible.

2. Rules for Weighing. The objects that are being weighed and the
weights may be placed on the balance pans or removed from them only
after the balance has been arrested.

Solids are weighed on watch glasses, in weighing bottles, crucibles,
or on sheets of clean paper, whereas liquids are weighed in weighing
bottles (Fig. 6) and beakers only.

Hot crucibles or casseroles
should, before weighing, be cooled
in desiccators to room temper-
ature (for about 15 minutes). A
desiccator (Fig. 7) is a thick-
walled glass vessel with a ground-
in lid; placed in the bottom
part is a substance capable of
absorbing water vapour (see p.27).

The object to be weighed should

: be placed on the left-hand pan
Fig. 7. Desiccator and porcelain plate  of the balance; a weight approxi-
' mately equal to theweight of the
object should then be placed by means of forceps on the right pan. If
the weight is too big, it should be replaced with another of the next
lower denomination, and so on until the object is counterbalanced by
the weights (the pointer should swing an equal number of divisions
to the right and left of the middle line on the scale). The weights
should now be added up; this is done by adding up the grams, de-
cigrams, and centigrams separately. The weight of the object to 00lg
should then be recorded by the student in his notebook.
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A 100 g set of weights is decimally constituted (this system was pro-
posed by D. Mendeleyev):

Grams . . .. . .. 50 20 20 10
} 5 2 2 1
Fractions of a gram 0.5 0.2 0.2 0.1
} 0.05 0.02 0.02 0.01

The weights of such a set can be combined to make up any weight
ranging from 0.01 to 111.10 g (with an accuracy to 0.01 g).

All weighing for one and the same experiment should be done on
the same balance and with the same set of weights.

After the weighing, the weights should be replaced in their respec-
tive nests in the box with the aid of forceps. After operations the bal-
ance and the weights should always be left in. order.

3. Absolute and Relative Error. The absolute error 4- e in weight
determination is the difference between the true weight W and the expe-
rimentally obtained weight w: .

£e= W —w

In ‘practice it is more customary to calculate the relative error ex-
pressed in per cent. This is theratio of the absolute error to the true
weight multiplied by one hundred:

W —uw
14

4. Weighing an Object. Obtain an object for test weighing from
the laboratory assistant and weigh it to an accuracy of 0.01 g. Re-
cord the result in your notebook as follows:

Name of object Weight, g

Plastic disk No. 17. . . . . . l 8.74

Check the weight of the object together with the laboratory assistant
and, in the event of a discrepancy, calculate the relative error.

1. Anobject weighed on a chemical balance has been counterbal-
anced exactly by two weights: 20 and 2 g. How should the exact weight
of the object be written down?

2. The weight of an object weighed on a chemical balance is writ-
ten down as 11.270 g. Is this correct?

3. Two weights—1 and 10 g—were used on a chemical balance.
For which of them is the relative error of weighing larger and why?
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Exercise 2

SOLUTION, FILTRATION, AND HYDROMETRY

SUBJECTS FOR STUDY

Mechanical mixtures and chemical compounds; laws of definite proportions, mul-
tiple proportions, and weight equivalents, which govern the composition of chemical

compounds; compounds of constant and variable composition, and percentage and
molar concentration of solutions.

In conducting chemical experiments, it is often necessary to dis-
solve substances, filter liquids, wash precipitates, and determine the
concentration of solutions by means of a hydrometer.

Fig. 8. Mortars for grinding

I — glass; 11 — porcelain; 171 — metal.

1. Dissolving Solids. Substances in the form of large crystals are
sometimes ground to a powder prior to dissolving. The grinding is
done in porcelain, glass, agate, or metal mortars (Fig. 8). When grind-
ing! caustic alkalis or highly poisonous substances, the face should
be protected by a mask with a respirator; the hands, by rubber gloves.
Highly poisonous substances should be ground in a ventilated hood.

Approximate volumes of solvents are determined in measuring
cylinders or glasses (Fig. 9) and expressed in millilitres (ml).

The substance to be dissolved and the solvent are placed in a beaker
(or flask) and mixed with a glass rod. In most cases it is advisable to
heat the solution (Fig. 10) in order to speed up the process. Aqueous
solutions are prepared with distilled water.

2. Filtration. Substances which have not dissolved in the solution
are separated from it by filtration.

Various porous materials, such as filter paper, cotton wool, cloth,
porous plates of glass or porcelain, finely divided charcoal and asbes-
tos, and glass wool, can serve as filters. The material most commonly
used in the laboratory is filter paper, which is employed for making
two types of filters: ordinary and folded.
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. To make an ordinary filter (Fig. 11), a square sheet of filter paper
(A) is folded in half twice (B, C). The ends of the filter are then cut
neatly by scissors, as shown by the broken line in Fig. 11 (D).
The filter is finally opened up into a cone (E).

Fig. 9. Measuring vessels Fig. 10. Dissolving sol-
ids in water

I"— measuring glass; /I — measuring
cylinders.

To make a folded filter, at first follow the same procedure (4-D);
then unfold the filter (£) and fold each segment in half {wice towards
cach other (G-1); now turn the filter over (/) and, after it has been fold-
ed twice more (K, L), it may be opened up to assume its final shape
‘M). In this casc it is more convenient to trim the ends after folding.

The trimming should be done in such a way that the top of the
ilter is 3-5 cm below the upper rim of the funnel.

The ordinary filter should be fitted into the funnel, held in posi-
tion with a finger, and moistened with distilled water, which is al-
lowed to drip away.Chemical funnels should form a60° cone; the ordi-
nary filter in this case fits snugly into the funnel. If the angle is big-
ser or smaller than 60°, air gaps form between the wall of the funnel
and the filter, and this slows down filtration (Fig. 12). The stem of
the funnel should be filled with liquid during filtration; the presence
of air bubbles in it likewise delays filtration. .

The speed of filtration depends upon temperature, since with a rise
in temperature there isa decrease of the internal friction of the lig-
uid in the filter pores (for example, the internal friction of water

2 795
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at 100° is nearly 85% lower than at 0°). If possible, liquids should
therefore always be filtered hot.

It is customary to use ordinary filters wherever the precipitate has
to be retained for further operations, since it is easier to remove the
precipitate from such a filter. If, on the other hand, the solution only

Y VIV

Fig. 11, Making filters

Fig. 12. Funnels for filtration

is needed for subsequent operations, afolded filter is used; filtration
in this case proceeds faster, owing to a greater filtering area.

Two filtration techniques are in common use: either the liquid is
transferred to the filter with the precipitate or the liquid is poured
off from the precipitate into the filter (decantation). In the former
case, the liquid is stirred with the precipitate and poured into the
filter down a glass rod (Fig. 13); the filter should be filled to such an
extent that the level of the liquid is 2-3 mm below the filter rim.
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In the latter case, the liquid is poured
off carefully down a rod into the filter
without disturbing the precipitate.

To prevent splashing, the stem of the
funnel should rest against the side of
the receiving vessel. When the entire
liquid has been filtered, the precipitate
should be washed.

3. Washing the Precipitate. The precip-
itate transferred to the filter is washed
by means of a wash bottle (Fig. 14),
which is a flat-bottom flask with a stop-
per that has two bent tubes passing
through it. If air is blown orally into
the shorter tube, the water in the flask
will be forced by the pressure to issue
in a thin stream from the other tube.
The filter loaded with the precipitate is
filled with the washing liquid (in most
cases, cold or hot water), which is allowed
to drain through the paper. This wash-
ing is repeated two or three times, a new
portion of water not being poured into
the filter until the previous portion has
drained away. The last drops of the fil-
trate arecollected in a test tube and tested
with reagents to make sure that the
soluble impurities have been washed out
from the precipitate.

When the precipitateis left in the beak-
er, it is washed by decantation. For this
purpose the washing liquid is poured
into the beaker, stirred with a rod, and,
after the precipitate has settled, trans-
ferred to the filter down a rod. After 2-3
washings, the wash water is tested for
impurities.

4. Concentration of Solutions. The
concentration of the dissolved substance
(solute) is determined by the amount
of it contained in a definite weight or
volume of the solution.

Fig. 13. Filtration

Fig. 14. Wash bottle

Percentage concentration is expressed by the number of weight units
of the solute in 100 weight units of the solution.
Molar concentration (M) is expressed by the number of mols of the

solute in 1 litre of the solution.

pLJ
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Other units expressing the concentra-
' tion of solutions are defined in Exer-
m~ cise 10.

5. Determining the Concentration of
] Solutions by the Relative Density *.

I‘uL; The relative density of solutions changes

]L: with their concentration; for this reason
1 the concentration of a substance in solu-
2 tion can be determined by its relative
!.;j density, use being made of suitable ref-

JEE crence tables. Relative density is affect-
; ed by temperature and should there-

T fore be determined at the temperatures

] specified in the tables (or else allowance

"o should be made for variation from the
Z‘""ﬁ‘:{f*"‘m standard temperature indicated).

Iy The symbol y3’ in reference books

i means** that therelative density has been

71 determined at 20° and referred to the

weight of water at 4°, the temperature of

. . its maximum density. Relative density
,-Fr;gc'yll?,;ci(;st,'ﬁ?, °§(‘,‘,¥1‘1{ng clef  tan be determined by means of a pycno-
reading the hydrometer scale meter, by hydrostatic weighing, etc. For

technical purposes the relative densityis
in most cases determined by a hydrometer.

The hydrometer (Fig. 15) is a hollow glass float with a graduated
upper part and a weighted (usually with lead shot) lower part. The
weight keeps the instrument in a vertical position when it is im-
mersed in aliquid. The hydrometer iscalibrated for a definite tempera-
ture, which is indicated on the scale. The divisions of the scale corre-
spond to relative densities. By means of a set of hydrometers the
relative density of a liquid can quickly be determined.

For this purpose the test solution, first heated or cooled to the tem-
perature indicated in the tables of relative densities, is pouredinto a
250-300 ml dry narrow cylinder. The hydrometer (clean and dry) is
then lowered into the cylinder with the solution so that it should not
touch the walls of the vessel. The reading of the hydrometer scale
is taken according to the lowest point of the level of the liquid in the
cylinder. The scale is read downwards with an accuracy of 4+ 0.003.

In Fig. 15 the hydrometer reading corresponds to a relative density
of 1.124. It may happen that the table of relative densities does not

* The ratio of the weight of 1 ml of a solution to the weight of 1 ml of water at the
temperature of its maximum density (4°) used to be called specific gravity.

** Some reference books use the symbol d%°.
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- give the value 1.124, but gives close values, as in the case of a solution
of sulphuric acid:

Relative density Concentration (%)
1.120 17.01
1.130 18.31

In such cases the percentage concentration is found by the method of
interpolation, i. e., by determining an intermediate quantity accord-
ing to two known extreme quantities. The following procedure is
used:

1. The respective differences are found for the two consecutive val-
ues of relative densities and of concentrations taken from the table:

1.130 . . .. .. 18.319%
1,120 . . . ... 17.01%
0.010 . . . . .. 1.30%

2. The difference is found between the hydrometrically determined
value and the smaller of the two table values:

1.124—1.120 = 0.004

The proportion is set up:

0.010« « « o ... 1.30%

0.004. .. .... X
1.30.0.004

X = —0.000 = 0.52%

3. The quantity obtained is added to the smaller of the two concen-
tration values taken from the table:

17.01 + 0.52 = 17.53

QUESTIONS

1. What is meant by the analysis and synthesis of a substance?
Give three examples each of analysis and synthesis. What are these
processes used for?

2. Give examples of compounds of constant composition and of
variable composition; explain the difference between them.

3. What conclusions can be drawn from the law of multiple propor-
tions?

4. In what cases are ordinary filters used, and in what cases are
folded filters used?

5. What is decantation?
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6. Give the equations of the reactions that serve to check wash wa-
ter for sulphates and chlorides.

7. Could a hydrometer be calibrated in such a way that the divi-
sions of its scale would correspond to the percentage content of a sub-
stance in a solution instead of corresponding to relative densities?

Problems*

1. Three samples consisting of sulphur and iron were found, upon analysis, to have
the following respective percentage compositions:

I I 11
Fe . 63.6 60 46.6
S .. 36.4 40 53.4

Which of these correspond in composition to chemical compounds?

2. Three compounds of chromium and oxygen contain 76.5, 68.4, and 52% of
chromium respectively. Show by calculations that these proportions of the elements
in the compounds conform to one of the basic laws of chemistry.

3. A copper oxide contains 79.9% of copper and 20.1% of oxygen. How much cop-
per can be obtained from 15.9 g of the oxide?

4, When a metal is burned, 2.07 g of it combines with 2.4 g of oxygen. What
amount of hydrogen can be obtained from water if 1.38 g of this metal reacts with
the water?

5. In the formation of zinc sulphide, 32.1 g of sulphur is used up for every 65.4
g of metallic zinc. How much of which substance will be left over if 30 g of zinc and
30 g of suiphur are taken for the reaction?

6. Determine the molar concentration of a-17.1% solution of nitric acid which
has a relative density of L.1.

7. A laboratory prepared 4.7 kg of a 7.6% solution of soda. How much soda and
how much water were used?

8. What amount of table salt containing 98.5% NaCl is needed to prepare 5,000
kg of an 8% solution?

9. Calculate the percentage concentration of sodium hydroxide in the solution
if 3.4 kg of caustic soda (commercial sodium hydroxide) which analyses 97.2% NaOH
was dissolved in 8.6 kg of water.

10. The relative density of a KOH solution at 15° is 1.054.With the aid of Table
VII calculate the percentage concentration of the solution.

LABORATORY WORK

Apparatus and materials: test-tube rack and test tubes; 250 ml measuring cylin-
der; 300 m! narrow measuring cylinder for determining relative density; 200 ml beak-
er; 250 ml flat-bottom flask; wash bottle; funnel 7 cm in diameter; glass rod; hy-
drometer with a 1.0-1.2 relative density scale; thermometer for 100°; spatula; scissors;
sheets of paper 8 X 8 cm; filter paper; mixture of table salt and sand; 0.1 N solution
of silver nitrate, and 0.1 N solution of nitric acid.

* Atomic and molecular weights approximated to one decimal should be used
in solving the problems throughout all the exercises.
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Preparation of sand and table salt mixture. The sand for the mixture is first washed
with water and dried; the salt is ground in a mortar to a'powder and mixed thorough-
ly with the sand. Several mixtures with different NaCl contents are needed.

Determining the Percentage Content of NaCl in a Mixture. Weigh
about 20 g of a sand and table salt mixture to an accuracy of 0.01 g.
The mixture should be weighed on a watch glass or in a weighing bottle
weighed in advance on a chemical balance. It should be placed on
the watch glass or in the weighing bottle with a spatula (Fig. 16).
The weighed mixture should be poured into a beaker, and 100 ml of
distilled water, measured in a cylinder, should be added. The beaker
with the liquid should then be heated to boiling point, the contents
being stirred with a glass rod.

Prepare a folded filter, placeit in a funnel, moisten it with distilled
water, and filter the solution, collecting the filtrate in a beaker or
a flask. During filtration heat the water inthe
wash bottle to boiling point. After the whole
of the liquid has been filtered, pour 10-12 ml
of hot water into the beaker, shake it, allow
the precipitate to settle, and transfer the solu-
tion to the filter. Wash the filter thrice with
hot distilled water, collecting the last 2-3 ml
of the filtrate in a test tube (the average-
sized test tube has a volume of 15 ml). Add
2-4 drops of nitric acid solution and as many
drops of silver nitratetotheliquidin the test
tube (write the equation of the reaction). If no
precipitate is formed and the liquid does not
become cloudy, the washing may be consid-
ered completed; otherwise it should be contin-
ued.

Now add the wash water to the solution, ] |
transfer the solution to a measuring cylinder,  Fig.16. Spatulas
and cool it to 20°. By adding water, bring the
volume of the solution up to 250 ml. Then transfer the solution to
a narrow cylinder and stir it thoroughly. Lower a dry hydrometer
into the solution slowly and take a reading, first becoming familiar
with the calibration of the hydrometer and the value of a single di-
vision on its scale. Take the average of 3-4 readings *. After the rela-
tive density determination, the hydrometer should be rinsed with
clean water, dried, and put away in its case. )

On the basis of the relative density of the solution, determine its
percentage concentration, making use of TableI (p. 329). If the table

* For example, the average of three readings will be:

1.024 1.027 1.026
average: 1.026
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“

does not list the exact value of the relative density obtained, find-
the quantity sought from the two closest values given in the table
(a smaller and a bigger) by the method of interpolation.

Record the results of the experiment i your notebook as follows:

. . Percenlage concentra-
Weight of Volume of Relalive density | tjon (from table or |Quantity of salt in

i i i according to d interpola- | solution in
mixture in g |solution mn ml hydromeler at 20° foun b};iég)c pola g

To determine the quantity of salt in the solution, it is necessary to
calculate the weight of the solution in g from its volume and relative
density, the quantity sought finally being established from the per-
centage concentration.

Knowing the weight of the salt and the weight of the mixture, cal-
culate the NaCl content in the initial mixture to 0.1%.

From the percentage concentration of the NaCl solution and its
relative density calculate the molar concentration.

Exercise 3

DETERMINING THE MOLECULAR WEIGHT
OF A GAS (VAPOUR)

SUBJECTS FOR STUDY

Equation of state of a gas; reducing the volume of a gas to N. T. P.; Avogadro’s
Law and conclusions from it; gram-molecule; gas constant and Mendeleyev-Clapeyron
Equation; density of gases and the density of one gas in terms of another; re-
lation between the density of a gas (vapour) and its molecular weight; partial pressure.

1. The Molecular Weight and Density of a Gas. Molecular weight
is a number indicating how many times heavier a molecule of a given
substance is than 1/12 of a carbon atom.

A gram-molecule (mol) is the quantity of a substance equal in grams
to its molecular weight.

A gram-molecule of any substance in the gaseous or vaporous state
under normal conditions (N. T. P.*) occupies a volurne of 22.4 litres.

The volume of a gas is reduced to N. T. P. by the equation of state

of a gas:
- (1
poT

* An abbreviation for normal temperature and pressure (i. e., 0°C and 760 mm

Hg). Another abbreviation used to express this in British and American literature
is S. T. P. (standard temperature and pressure).— Tr,

Uy =
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The conversion from the international hundred-degree scale ("C)
to the absolute scale (°K) is effected by the formula:

T=273-+t

where T is the temperature in °K, while £ is the temperature in “C.

The ratio U;,p . {rom the equation of state of a gas is constant for one

0
gram-molecule of any gas. 1tiscalled the universal gas constant and is
denoted by the letter R. Its value and dimension depend upon the

system of units chosen:

22.4.
R = 2 — FA 0.082 1-atm/deg
, 27
22,400-760
R = _’{)7,_37‘.1 — 62,369 ml-mmj/deg
0 =

The value and dimension of R should always be in keeping with the
dimensions adopted for pressure and volume.
By substituting the gas constant into equation (I), we obtain the

Mendeleyev-Clapeyron Equation:
pv=RT (IT)

If n mols of the gaseous substance are taken, the Mendeleyev-
Clapeyron Equation assumes the form:

pv = nRT (I1T)

But 7, the number of mols of the gas, is equal to the ratio of m, the
weight of the gas in grams, to M, the weight of a gram-molecule:

. m
=
When this expression for n is substituted into equation (III), we

obtain

pu = —’A%RT
from which
mRT
M= 0 %)

This formula makes it possible to calculate the molecular weight
of a gas provided the weight m of a certain volume v of it is known,
as well as its pressure p and temperature 7.

If we know the density of the gas (absolute density) D, i. e., the
weight in g of 1 litre of the gas at N. T. P., the molecular weight M
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can be calculated by means of the formula:

It is more convenient, however, in cetermining molecular weight,
to make use of the density of one gaseous substance in terms of another.

The density D of one gas in terins of another is the ratio of the weight
of one to the weight of an equal volume of the second at the same tem-
perature and pressure,

The molecular weight of a gaseous substance is equal to its density
in ferms of another gas multiplied by the latter’s molecular weight:

Ma= Mg-D (V1)

Example. Calculate the molecular weight of a gas if equal volumes of it and of
chlorine under the same conditions weigh 0.240 and 1.065 g respectively.
First, it is necessary to determine the density of the gas in terms of chlorine:

0.240

1.065 — 0.225

D¢ =

Since the molecular weight of chlorine is 70.9, the molecular weight of the gas
M =170,9.0,225 = 15,95 =~ 16

The density of a gas is usually determined in terms of hydrogen
or air. The molecular weight of hydrogen is 2.016. Air is 14.38 times
heavier than hydrogen, and its mean molecular weight is 28.99. The
formulae for determining molecular weight are therefore:

M = 2016DH zQDH
M = 28.99D 4;r =~ 29D g;r

The above formulae make it possible to calculate the molecular
weights of gaseous substances and those liquid and solid substances
that are vaporised at low temperatures without chemical decomposi-
tion.

The molecular weight is an important characteristic of a pure sub-
stance. Impurities alter the density of a gas (vapour) and lead to
errors in molecular weight determination.

Accordingly, all the necessary steps should be taken, in experimen-
tally determining the molecular weight of a gas, to remove possible
impurities from the gas. Chemically pure products should be used in
determining the molecular weights of highly volatile liquids and so-
lids.

2. Gas Purification. Gaseous impurities are removed by passing
a gas through certain substances (often in the form of solutions) that
react chemically with the impurity, but not with the principal gas.
If, for instance, it is necessary to remove CO, from a mixture of CO
and CO,, the mixture is passed through a solution of an alkali or a car-
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bonate of an alkali metal. The carbon dioxide in such cases reacts
according to one of the following equations:

9KOH -+ CO, = K,CO, 4- H,0
K4COj -+ H,0 - CO, = 2KHCO,

The CO, admixture is in this way removed from the carbon mono-
xide.

Water vapour is removed from gases by passing it through bot-
tles containing dehydrating agents (concentrated sulphuric acid, cal-
cium chloride, zinc chloride, alkalis, phosphorus pentoxide, etc.).
Dehydrating agents are not equally effective: phosphorus pentoxide
and magnesium perchlorate are the best (Table 1).

Table 1
Effectiveness of Dehydrating Agents in Drying Air

. Residual

Residual :

Dechydrating agent hue;qlidui?y Dchydrating agent hé‘gmé(;;ty

of gas in mg/! in mg/l

PaOs . . . .. .. ... 2.10-5 NaOH (molten) . . . . . 0.16
Mg(ClOg)2 . . . . . . .. 5-10¢ CaO . ... . ... ... 0.20
KOH (molten) . .. . . . 0.002 H2SO4 (95.6%) . . . . . 0.30
HoSOs . . .0 0 0 0 0 0.003 CaCle (molten) . . . . . . 0.36
CaSOq . . .. . . .. .. 0.004 CuSOs4 . . . .« v o o .. 1.40

Gases cannot be dried by means of substances that react with them.
For instance, ammonia cannot be dried by sulphuric acid, or hydrogen
chloride by calcium oxide, to mention only two such cases. The types
of apparatus used for drying gases are shown in Fig. 17.

3. Partial Pressure. The pressure of each component of a mixture
of gases is called the partial pressure of that gas. If a gas is collected
over waler, there will be a mixture of the gas and of water vapour over
its surface; the degree to which the water vapour saturates the gas will
depend upon the temperature.

(a) If the water in the cylinder in which the gas has been collected
and in the vessel into which the cylinder has been lowered is af the
same level (Fig. 18, I), the sum of the gas pressure p’ and the water
vapour pressure h equals the atmospheric pressure p:

p'+h=p

To determine the gas pressure proper, i. e.,its partial pressure, the
partial pressure of the water vapour has to be subtracted from the
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total pressure:
p'=p—h

When the volume of a gas collected over water isteduced toN. T. P.,
the difference p—#h should be substituted for p in the equation of state,
which, accordingly, becomes:

Fig. 17. Types of apparatus for drying gases
1, 11, and I1]-—bottles with dehydrating agents; IV — drying tower; V — U-tube.

The pressure of the water vapour, which is commonly called the
aqueous vapour fension, depends upon the temperature (Table 2).

Table 2
Aqueous Vapour Tension £ (in mm Hg) at Temperature £ (°C)

t h t h t h t h
10 9.2 16 13.6 22 19.8 28 28.3
11 9.8 17 14.5 23 21.1 29 30.0
12 10.5 18 15.5 24 22.4 30 31.8
13 11.2 19 16.5 25 23.8 40 55.3
14 12.0 20 17.5 26 25.2 50 92.5
15 12.8 21 18.6 27 26.7 100 760.0

(b) If the water in the cylinder and in the vessel is af different
levels (Fig. 18, 1), the atmospheric pressure is balanced by the sum of
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.the gas pressure p’, the aqueous vapour tension #, and the pressure
of the column of water p (the latter, converted to pressure in mm Hg,
equals the height of the column in mm divided by the density of mer-
cury, i. e., by 13.6 g/cm®):

, P
Pthtpg=nr
The partial pressure of the gas can then be expressed:

, Py
p =P—‘<h+m“>

: ;
G Polh
+
| | 7

1 4 [= AV iz ,/'
I ¥/

Fig. 18. Determin ng the pressure of a gas collected over water

The equation for reducing the volume of a gas to N. T. P. then becomes:

D
— - )
v[p (l' 13.6 JT"

U =
0 poT

This equation is used in experiments in which it is not possible to
bring the water in the cylinder and in the vessel to the same level.

If the gas is collected over some liquid other than water (a salt
solution), it is necessary to use the value of & for that solution.

QUESTIONS

1. How should the formula for the molecular weight of a gas be
written if its density is determined in terms of nitrogen or carbon
dioxide?

2. Which is the heavier: dry carbon dioxide or an equal volume of
the gas containing water vapour, other conditions being identical?
How can the same question be decided for methane (dry and contain-
ing water vapour)?

3. Knowing the volume of a gas at N. T. P., but not its den-
sity, how can we establish its weight?
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4. By means of the corollaries to Avogadro’s Law determine the
weight of an atom of nitrogen and the weight of a molecule of chlo-

rine dioxide.
5. Which of the substances listed in Table 1 can be used to remove

water vapour from carbon dioxide?
6. What is the partial pressure of carbon monoxide collected in

a cylinder over water at 17° and 752 mm Hg if the water in the cylin-
der and in the vessel is at the same level (use the data in Table 2)?

Problems

1. Equal volumes of chlorine and of nitric oxide weigh 3.16 and 1.34 g respec-
tively. Calculate the molecular weight of nitric oxide from its density in terms of chlo-
rine, knowing that the molecular weight of the latter is 70.9.

2. One litre of a gaseous substance at N. T. P. weighs0.76 g. A litre of air and
a litre of hydrogen under the same conditions weigh 1.293 and 0.09 g, respectively.
Calculate the molecular weight of the gas by three different methods.

3. A gaseous substance at 770 mm Hg and 27° occupies a volume of 3.0 ml and
weighs 0.5 g. Calculate its molecular weight.

4. Given the molecular weights of oxygen and nitrogen, calculate the mean mo-
lecular weight of air on the assumption that it consists of 24% of oxygen and 76% of
nitrogen by weight.

5. Calculate the mean molecular weight of a gaseous mixture consisting of 60%
of carbon monoxide and 40% of hydrogen by weight, knowing that their molecular
weights are 28 and 2 respectively.

6. Calculate the molecular weight of a gas and its density in terms of air if 0.62
litre of the gas weighs 1.24 g at 21° and 750 mm Hg.

7. Calculate the molecular weight of a substance and the density of its vapour in
terms of nitrogen if 355 ml of the substance in the vaporous state weighs 1.llg at 20
and 770 mm Hg.

8. The density of liquid chlorine is 1.5 g/cm3. How many litres of gaseous chlo-
rine can be obtained from 80 ml of liquid chlorine?

9. What is the weight of 410 ml of acetylene collected at a temperature of 17°
and a pressure of 740 mm Hg if it is known that its molecular weight is 26?

10. Calculate the weight of the oxygen in a 5 X 2.6 X 2 m air-filled chamber con-
taining 21% by volume of oxygen if the temperature in the chamber is 17° and
the pressure is 752 mm 1lg.

LABORATORY WORK

Apparatus and materials: Kipp gas generator for preparing carbon dioxide or
oxygen (with two wash bottles for gases); thelapparatus shown in Fig. 21; bottles with
water; 250 to 500 ml measuring cylinders; room thermometer; dry 250 ml {lat bottom
flask with stopper and rubber band; barometer; glass ampoules; marble in lumps;
manganese dioxide catalyst; 1:6 hydrochloric acid; concentrated sulphuric acid;
3% hydrogen peroxide solution; saturated solution of sodium bicarbonate; chloro-
form; carbon tetrachloride, and a metal ruler.

Preparation of manganese dioxide catalyst. Add water to a mixture of 150 g of ce-
ment and 70 g of granular manganese dioxide until it acquires a thick doughy con-
sistency. Then divide the mass into big lumps and leave them to dry overnight.

1. Kipp Gas Generator. Gases are often prepared by means of the
Kipp gas generator, an apparatus consisting of three glass bulbs,
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usually of spherical shape (Fig. 19). Two of the bulbs are intercon-
nected. In the bottom one there is an outlet with a stopper, through
which the spent liquid is drained. The middle bulb also has an outlet
with a stopper, through which a glass tube with a tap has been passed.
Inserted into the top opening of this bulb is a funnel ground to fit
the opening; the funnel widens upwards into a bulb, while its lower
tip reaches the bottom of the generator.

Fig. 19. Arrangement for preparing and purifying carbon dioxide

Toprepare carbon dioxide, lumps of marble are placed into the mid-
dle bulb, while hydrochloric acid is poured into the top one. When the
tap is opened, acid runs down the funnel into the bottom bulb and
rises into the middle bulb to come in contact with the marble. When
the tap is shut, the gas which is formed forces the acid out of the middle
bulb and into the upper one through the bottom one; this brings the
reaction to a halt.

The Kipp apparatus can be used to generate several other gases.
For example, it can be used to prepare oxygen from a 3% solution
of hydrogen peroxide, which decomposes to evolve oxygen under
the catalytic action of manganese dioxide.

2. Determining the Molecular Weight of Carbon Dioxide. Weigh
a dry stoppered flask with air on a chemical balance (weight w,).
The stopper should be inserted into the neck of the flask to a definite
point marked by a rubber band. Now lower into the flask a glass tube
attached to the Kipp gas generator producing carbon dioxide (Fig. 19).
The gas is first washed and dried by being passed through two wash
bottles for gases with a solution of sodium bicarbonate and concentrat-
ed sulphuric acid respectively. Remove the clip (Fig. 20) from the
rubber tubing. Open the tap of the Kipp gas generator and allow car-
bon dioxide to issue from it slowly for 7-8 minutes. Then stopper up
the flask to the marking and weigh it (w,). Pass carbon dioxide into
the flask again for 3-4 minutes, after which weigh it once more (w,).
If the latter two weighings produce identical results or results that do
not differ by more than 0.01 g, the filling of the flask may be consid-
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ered completed. Otherwise repeat thefilling procedure, until a constant .
weight of the flask is achieved. This done, record the temperature and
the pressure by referring to a room thermometer and barometer.

To measure the volume of the flask, fill it to the marking with water
at room temperature (why?); then pour the water into a measuring

Fig. 20. Metal clips

I —screw clip; [7 — spring clip.

cylinder, determine its volume, and record the results of the experi-
ment.

Results of experiment

Weight of flask | Weight of flask Volume of Temperature Pressure
with air and with CO, and flask in ml t in °C p in mm Hg
stopper stopper
W= Wo==
Wg=—

By means of the equation of stale of a gas reduce the volume of
the gas in the flask to N. T. P. (vy).

Knowing that at N. T. P. 1 litre of air weighs 1.293 g, calculate
the weight of the air in the flask (w,).

The difference w;—w, will be the weight of the empty flask with the
stopper (w5).

The difference w,—w; will be the weight of the carbon dioxidein the
flask (ws). From the weights w; and w, calculate the density of carbon
dioxide in terms of air and the molecular weight of carbon dioxide
(to the second decimal). Calculate the absolute error and the relative
error of the experiment.

Make a sketch of the Kipp gas generator, explaining the principle
of its operation.

Write the equation of the reaction of carbon dioxide preparation.
Why is the CO, produced by the Kipp generator first washed with
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a sodium bicarbonate solution and then with sulphuric acid? What
does bringing something to a constant weight mean? What experi-
mental data are necessary to calculate the molecular weight of a gas?

3. Determining the Molecular Weight of Oxygen. Conduct this
experiment in the same way as the previous one. The oxygen needed
for the experiment is produced in the
Kipp generator and then dried by pas- M
sage through a wash bottle for gases -
filled with concentrated sulphuric acid. -

From the experimental data calcu- ‘ 2|
late the molecular weight of oxygen (1o :
the second decimal) and determine the
absolute and the relative error.

How is it possible to find out whether
the air has been fully expelled from the
flask?

I the flask had becn filled with un-
dried oxygen, would thefigure obtained
for the mmolecular weight be bigger or
smaller than the true value?

4. Determining the Molecular
Weight of Volatile Substances. A
weighed quantity of a volatile substance
(chloroform, acetone, carbon tetrachlo-
ride, ether, etc.) is healed to convert
it into a vapour; the vapour ecxpels
irom the apparatus an equal volume of
air, which is measuredin a eudiomeler.
From the known weight of the substance
and its volume in the vaporous state,
reducedto N. T. P., it is possible {o cal-
culale the molecular weight of the
volatile substance.

The apparatus employed for the de-
termination (Fig. 21) consists of a .
tube (1), a bulb {ube vaporiser (2), a Fig- 21. Apparatus for dlftermm.
side arm (3), a vessel (4), and a eudio- ing molecular weig t
meter (5). e Ul 2 oulb tube vaporiser 4

Pour 70-80 ml of water intothe bulb  ter; 6 —rod for supporting ampoule.
tube vaporiser and heat it to boiling
point. The air expanding in the tube is forced out through the side
arm and bubbles through the water in the vessel.

Weigh a glass ampoule (Fig. 224), heat its bulb slightly in the
flame of a burner, and immerse the open capillary into the liquid
whose molecular weight is to be determined. The cooling of the ampoule
causes the liquid to be sucked up into it (Fig. 22B). When the

3—795
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liquid has risen 5 mm above the tapered part of the ampoule, with-
draw the ampoule from the jar and turn it over. Now weigh the ampoule
with the liquid. There should be no more than about 0.20-0.30 g
of the liquid. If there is more, turn the ampoule over and, by tapping
your finger on the capillary tube, remove the excess liquid. Then
weigh the ampoule again. Heat the capillary carefully on a small
flame of a burner until it softens (Fig. 22C), draw it out quickly,
and seal it (Fig. 22D).

Fig. 22. Filling and sealing ampoules

Lower the ampoule, capillary downwards, into the upper part of
tube 1, so that il rests on rod 6, and stopper up tube / tightly.

When no more air bubbles issue from tube 3, place it under the
eudiometer (make certain there are no more air bubbles!) and care-
fully pull rod 6. This causes the ampoule to fall to the bottom and the
thin capillary to break. The substance inside the ampoule is vaporised
and displaces its own volume of air, which ascends the eudiometer.

When the escape of air from tube 3 ceases, it is removed from the
water vessel. The volume of the displaced air and the distance from
the level of the water in the vessel to the level of the water in the cyl-
inder are measured (by means of mm ruler). These data, as well as the
temperature ¢ and barometric pressure p at which the experiment is
conducted, are recorded. The value of 4, the aqueous vapour tension,
is found in Table 2 (p. 28).

From the experimental data calculate the molecular weight of the
substance. Compare the value found with the value derived from the
formula of the substance. Determine the relative error.

Note. If the experiment has to be repeated, air should be passed through
tube I to remove the remaining vapour (consult instructor),
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Results of experiment

Ampoule weight

Weight of |Volume of :
with sub- substance | vapour in| ¢ in °C plnHrgnm h llljlgmm i P
stance in g |[empPty in g ing ml n mm

Exercise 1

LABORATORY TECHNIQUES

SUBJECTS FOR STUDY

1. Selection and Treatment of Stoppers. The materials used for
stoppers are the bark of the cork oak (these stoppers are simply
called corks), rubber, and glass.

Corks should be selected in such a way that the diameter of {he ta-
pered end is slightly bigger than that of the vessel neck or tube. The
cork chosen should be carefully squeezed along
the circumference in a cork press (Fig. 23);
after this it should fit the vessel neck tightly
(not more than one-half to two-thirds of the
cork being inserted).

Corks are bored by means of special cork
borers (Fig. 24) or hand drilling machine
(Fig. 25). In selecting the bore, it isnecessary

Fig. 23. Cork press ‘ Fig. 24. Set of
cork borers

to choose one with adiameter somewhat smaller than the diameter of
the tube which is to be passed through the cork, or else the joint
will not be airtight. The boring should be done from the tapered. end

3*
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of the cork, which should be held in the left hand (Fig. 26). The borer
held in the right hand, should be centred and thegl t%rne()i to and fro,
a slight pressure being applied to the cork. When the borer has passeci
through half the cork, it should be carefully withdrawn; the boring
should then beresumed from the wide ena of the cork. The borer should
always be perpendicular to the end of the cork. When the boring is
finished, the bits of cork left inside the hole should be pushed out by
means of a ramrod. If the borers become blunted, they should be sharp-
ened (consult the laboratory assistant).

R ==

Fig: 25. Hand drilling machine Fig. 27. Position of hands when
inserting tube into stopper

When boring rubber stoppers, it is advisable to put a drop of alkali
solution or glycerol on the stopper at the point of application of the
borer; this acts as a lubricant and facilitates boring.

Wihien the boring is done by means of a hand drilling machine, the
bit should be fastened in a vertical position by a special nut and
centred on the tapered end of the stopper®*. A hole is then drilled in
the stopper by turning the wheel.

When inserting a glass tube in the hole drilled, moisten the end of
the tube with water. If the tube is bent, do not hold it at the bend,
since the tube can break and cut your hand. The tube should be held
as shown in Fig. 27.

2. Processing Glass Tubes. To prepare simple laboratory apparatus,
it is enough to be proficient in cutting and drawing out glass tubes,
rounding off the ends, and making capillaries. Tubes of small diame-

* To avoid blunting the drill, place a wide cork or a thin wooden plank under-
neath the stopper.
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ter are cut in the following manner: a file or special knife is used to
make a deep scratch at the place where it is required to cut the tube;
the tube is then taken in both hands in such a way that the thumbnails
are over the scratch; by bending and at the same time stretching the
tube, it is broken at the scratch (Fig. 28).

Tubes are best bent over a gas burner with a dovetail nozzle (Fig. 29).
This produces an extended flame which covers the required length

Fig. 28. Position of hands when breaking Fig. 29. Dovetail nozzle
scratched glass tube

of tube. While continuously rotated, the tube should be heated until
it softens; it is then held at one end and allowed to bend under its
own weight. The use of a dovetail nozzle is essential when working

1

A

Fig. 30. Bent glass tubes
A — correctly bent; B and C — incorrectly bent.

with a nonluminous flame. The nozzle slit through which the gas
issues should be even; uneven heating may produce incorrectly bent
tubes (Fig. 30).

Tube ends are rounded off on a nonluminous flame until they become
smooth. When the burner flame becomes yellow, this is a sure sign
that edge melting has begun.

To draw out a tube, first heat it slightly over a flame, then intro-
duce its middle part into the outer cone of the flame, and, while rotating
it between the thumb and index finger, heat it until it softens. Now
remove the tube from the flame and stretch it slowly outwards in both
directions until it is of the required diameter.

Capillaries are drawn out in the same way except that the glasg

should be made softer and the stretching done somewhat faster (but
not in a jerk!).



38 Exercise 4

QUESTIONS

1. What advantage has a rubber stopper over a cork?

2. What conditions have to be observed in boring stoppers?

3. Why is it advisable to use a dovetail nozzle when bending glass
tubes?

4. Why is it advisable to blacken the heated part of a tube over
a smoking flame after treating it in a nonluminous flame?

5. How should a bent tube be inserted in the hole of a stopper?

LABORATORY WORK

Apparatus and materials: set of cork borers; knife for scratching tubes; round
file; burner nozzle; scissors; 750 ml wide mouth reagent bottle; test tube with a hole
in the bottom;- straight funnel; refractory bulb tube; glass tube 5-6 mm in diameter;
corks and rubber stoppers; rubber tubing 5 mm in diameter, and asbestos millboard.

1. Laboratory Apparatus Components. Assemble the apparatus
shown in Fig. 31.

g

Fig. 31. Apparatus for reducing cupric oxide

{ — bottle; 2 — funnel; 3 — test tube; 4 — wash bottle for gases; 5 — bulb tube;
6 — gas-delivery tube.

The apparatus consists of a bottle (1) with a stopper through which
a funnel (2) and a test tube (3) with a hole in the bottom have been
passed. The test tube has a rubber stopper with a bent tube passed
through it. This is connected by short lengths of rubber tubing with
a wash bottle for gases (4) and a bulb tube (5). The latter is con-
nected to a short length of glass tube (6) bent at a right angle.
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To assemble the apparatus, it is necessary to prepare two glass
tubes bent at a right angle and to select stoppers for the bottle
(cork) and for the test tube (rubber).

2. Selection of Stoppers. Bore two holes in a cork: one for the funnel
and the other for the test tube, selecting the borers accordingly.
If the diameter of the biggest borer is smaller than that of the test
tube, widen the hole in the cork by means of a round file. The hole
should enable the test tube to be moved easily up and down. In the
centre of the rubber stopper bore a hole equal in diameter to the glass
tube chosen.

3. Preparation of Tubes. Cut two lengths of glass tube of about
15 cm each and one 30 cm length. Round off their ends and bend the
short tubes at right angles™. Do not place the heated glass tubes direct-
ly on the table: place them on asbestos millboard.

4. Assembly of Apparatus. Insert one of the bent tubes in the rub-
ber stopper so that its end should not protrude from the tapered end
of the stopper. ,

Make certain that the apparatus assembled according to Fig. 31
is airtight. For this purpose pour water into bottle / so that it is half
full, lower test tube 3 into it, and blow air orally into tube 6; if the
air bubbles through the water, the apparatus is airtight.

Show the apparatus to the instructor. If it is approved, take it
apart and put the parts away for the next exercise.

5. Making of Capillaries. Make four capillaries from a glass tube. For
this purpose, cut a 15-17 cm length of tube and draw out a capillary
tube of 1.5 mm diameter from it. Mark it off carefully into 45 mm
lengths and break it at the scratches.

This done, seal the capillaries at one end and show them to the
instructor. If the capillaries are found satisfactory, put them away
for Exercise 7.

Exercise 5

DETERMINING THE CHEMICAL FORMULA
OF A SUBSTANCE

SUBJECTS FOR STUDY

Analysis of compounds; calculation of percentage compositions; atoms and atom.
ic weights; determination of atomic weights; Dulong and Petit’s rule and Canniz-
zaro’s method; derivation of empirical formulae; true formulae of substances; qual-
itative and quantitative meaning of chemical symbols and formulae; equations of
reactions, and stoichiometry.

* The straight tube and the capillaries will be needed for the first experiment in
Exercise 7.
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1. Atomic Weight. This is the most important characteristic of
an element. The atormic weight is a number indicating how many times
an atorm of a given element is heavier than 1[12 of a carbon atom. Approx-
imate values of atomic weights (for the heavier elements) can be de-
termined on the basis of Dulong and Petit’s rule: the product of the
specific heat of a simple substance in the solid state by the atomic weight
of the element at average temperatures equals about 6.2. The specific
heat can be determined from the thermal balance equation. If a cer-
tain mass m, of a substance with a temperature ¢, and specific heat ¢,
is placed in water whose mass is m, and temperature ¢, (f, < ¢,),
the temperatures level out to #;. If we assume the specific heat of water
to be 1, we get:

mycy (8 — 1) =my- 1 (t;—1y)

whence:
ma (f3 — t3)

6 = my (8 — t3)

Example. 100 g of metallic vanadium is heated to 52° and then immersed in 120
g of water (at 16.8°). The water is thereby heated to 20°. Calculate the atomic weight
of vanadium.

By substituting the figures given into the thermal balance equation, we obtain:

120-3.2
100-¢ (52—20) == 120-1 (20—16.8) or ¢ = 100.35" =0.12

The atomic weight (A) will then be:

6.2
A—O—~-—51.7

[\.

(the exact atomic weight of vanadium is 50.942).

To determine the atomic weight of an element according to Canniz-
zaro’s method, we must take several volatile compounds of that ele-
ment and, by analysis, establish their percentage composition and
molecular weight. By then setting up a proportion, we find the weight
of the element per molecular weight of its compound. After this has
been done for several compounds, the least of the weights is assumed
to be the atomic weight.

Example. Determine the atomic weight of phosphorus from the following data con-
cerning its compounds.

Molecular Phosphorus

weight content in 9%
Phosphorus hydride . . . 34 91.2
Phosphorus trichloride . . 137.5 22,5

Phosphorus hydride (liquid) 66 94.0
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A proportion is set up for phosphorus hydride:
100 parts by weight contain 91.2 parts by weight of phosphorus
34 parts by weight contain x; parts by weight of phosphorus

34 91.2

n=""mo =3

From similar proportions for the other two compounds we obtain:

137.5-22.5 N 66-94.0 9
Ya= "5 = 1 and x3 =100 = 6

The smallest of the obtained values (i. e., 31) is assumed to be the atomic weight
of phosphorus.

Approximate atomic weights can be calculated from Mendeleyev’s
Periodic Table as the arithmetic mean of the atomic weights of the
neighbouring elements (to the left and right, as well as above and
below the given element).

Example. Calculate the atomic weight of vanadium from the atomic weights of
the neighbouring elements: phosphorus, arsenic, titanium, and chromium.
We find the arithmetic mean of the four atomic weights.

30.98 - 74.91 4 47.90 - 52.01
v + ‘/i‘ 5201 o s

(the exact atomic weight of vanadium is 50.942).

Atomic weights approximated to the first decimal can be found by
the method of determining equivalents. Modern physical methods
(mass spectrography) makeit possible to determine the relative masses
of atoms with an accuracy to the third and even the fourth decimal.

2. Chemical Formulae. The tiniest particle of a complex substance
which retains all its chemical properties is called a molecule. Chem-
ical formulae are conventional designations of the molecules of sub-
stances. By means of formulae we express the qualitative and quanti-
tative composition of molecules. For instance, the formula N:H,
indicates that a substance consists of nitrogen and hydrogen. This is
its qualitative composition. Without knowing the values of x and y,
we cannot say what the substance is. It might be NH;, NgH, or N,H 4.
To find the formula of the substance, we must determine the number
of atoms in the molecule, or, in this particular case, determine the
values of x and y.

(a) The simplest (empirical) formulae give the relative numbers
of atoms in the molecule.

To write the empirical formula of a substance, we must know its
composition by weight and the atomic weights of its constituent
elements.

Example. Find the empirical formula of a substance consisting of 87.5% of nitro-

gen and 12.5% of hydrogen, knowing that the approximate atomic weights of these
elements are 14 and 1, respectively.
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We denote the formula as N .H  and find the ratio of the number of atoms of one .
element to the number of atoms of the other:

87.5 , 12,5
x:y=-ﬁ-.-————625 125=1:2

This means that the molecule of the substance contains twice as many hydrogen
atoms as nitrogen atoms. Its empirical formula is therefore NHas.

(b) The true, or molecular, formula gives not the relative, but the
actual number of atoms in the molecule. To arrive at the molecular
formula of a compound, we must know not only its percentage compo-
sition and the atomic weights of the constituent elements, but also
the molecular weight. In the case of some substances the empmcal
formula and the molecular formula coincide.

Example. Find the molecular formula of the substance from the data of the pre-
vious example and the additional information that the density of its vapour in terms
of air D, = LL

We first find the empirical formula of the substance, as in the previous example.
Since the ratio x : y = 1: 2, the molecular formula can be NHa, or NzHg, or NsHa,

etc.
From the formula M =29D, , we find the molecular weight M = 31.9=32.

If we assume that the empirical formula NHa is the molecular formula, the molec-
ular weight adds up to 14«-2-1=16. We know, however, that the molecular weight
is double that figure. Consequently, the molecule contains twice as many atoms.
The substance must therefore have the formula NoHg and be hydrazine.

To find the formula of a simple substance, one must know its molec-
ular weight and the atomic weights of its constituent elements.

Example. Determine the composition of a molecule of white phosphorus, knowing
that its atomic weight is 30.98 and its absolute vapour pressure is 5.53 g/l.
First, we must calculate the molecular weight:

M =22.4D, =22.4.5.53~123.9

The number of atoms in the molecule is found from the ratio 123.9:30.98=4.
The composition of the molecule is therefore expressed be the formula Pa.

From the chemical formula of a gaseous substance we can find some
of its quantitative characteristics: the percentage composition, the
molecular weight, the density in terms of any other gas, and the abso-
lute weight of the molecule.

Chemical formulae also make it possible to calculate the quanti-
ties (by weight and by volume) of the reactants and resultants of
a reaction from its equation. All such calculations involving the
use of chemical formulae and equations are called stoichiometric.
The term sfoichiometric amounts means amounts corresponding to the
equation of the reaction.

3. Nomenclature of Inorganic Compounds. The following principles
{orm the basis of the international nomenclature of sal/ts in chemical

iterature.
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The names of salts are formed from the name of the metal used
adjectivally and followed by the name of the electronegative ion or
anion *. Metals which form more than one oxide and give rise to cor-
responding series of salts have the different series distinguished by
an inflecting suffix to the name of the metal. The suffix ous is used
to indicate the lower and the suffix ic to indicate the higher condition
of oxidation, asin the copper compounds—cuprous chloride (CuCl)
and cupric chloride (CuCl,). The name of the electronegative ion or
anion is derived from the name of the element which forms it. In the
case of salts of acids containing no oxygen, the name of the electro-
negative element is inflected by the suffix ide. In the case of salts of
oxygen-containing acids, the termination ife is used for the lower
valence of the element forming the acid, while the termination ate
is used for the higher valence. Examples: CaS—calcium sulphide;
CaSOg—calcium sulphite; CaSO,—calcium sulphate; Cu,SO,—
cuprous sulphate, and CuSO,—cupric sulphate.

For acid salts the name of the radical is inflected by the prefix
hydro (or bi). Examples: NaHS—sodium hydrosulphide; NaHSOg—
sodium hydrosulphite (bisulphite), and NaHSO,—sodium hydro-
gen sulphate (bisulphate).

For basic salts the name of the radical is inflected by the prefix
hydroxy (salts containing the hydroxyl) or oxy (salts containing oxy-
gen). Examples: Bi(OH),NO,—bismuth hydroxynitrate (subnitrate)
and BiONO,—bismuth oxynitrate (bismuthyl nitrate).

QUESTIONS

1. Why has the oxygen unit for measuring atomic weights been
given up in favour of the carbon unit?

2. For which elements do the atomic weights found according to
Dulong and Petit’s rule differ considerably from the real values?

3. From the formula of ammonia deriveits quantitative character-
istics (molecular weight, absolute density and relative density
in terms of air, and percentage composition).

4. How are absolute weights of atoms and molecules calculated?
Calculate the absolute weights of the copper atom and the phosphorus
hydride molecule.

5. What is the qualitative and quantitative meaning of the equa-
tions:

2KOH -+ H,SO, = 2H,0 4 K,SO, (weight units)
4NH3 + 502 b 4NO + 6H200apour (VOlume units)

* The names of some anions (acid radicals) are given on the inside back cover
of the book.
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6. Explain why Fe,Og4 is called ferric oxide, while FeO is called
ferrous oxide. Explain why H3AsO, is called arsenic acid, while
H,;AsO; is called arsenous acid.

7. Name the following salts: ;

Mg,N,, Mg(NO,),, Mg(NO,),, Na,HAsO,, NH,VO,, and AIOHCI,

Problems

1. Calculate the atomic weight of carbon from the following data:

Molecular Carbon content

weight in ¢
Carbon dioxide . . .. . . 44 27.3
Ethyl alcohol . . . . . . 46 52.2
Acetone . . . . . . . .. 58 61.2
Benzene . . .. . . . .. 78 92.3

2. Calculate the atomic weight of chlorine from the following data:

Molecular Chlorine

weight content in %
Hydrogen chloride . . . . 36.5 97.3
Potassium chloride . . . 74.6 47.6
Silicon chloride . . . . . 170.1 83.5
Chloroform . . . . . . . 119.5 89.1

3. A piece of metal weighing 40 g was heated to 79.2° and immersed in 80 g of wa-
ter at a temperature of 17.1°, the water thereby being heated to 20°.Calculate the atom-
ic weight of the metal on the basis of Dulong and Petit’s rule.

4. Vanadium consists of two stable isotopes: 0.23% of V3 and 99.77% of V5L,
Calculate the mean atomic weight of vanadium.

5. Determine the formula of a substance containing 64.87% of C, 21.62% of O,
and 13.51% of H, if the density of its vapour in terms of air is 2.56.

6. Determine the formula of a substance containing 24.24% of C, 4.05% of H,
and 71.71% of Cl if its density in terms of air is 3.42.

7. The burning of a substance containing carbon, hydrogen, and chlorine yields
0.22 g of COz and 0.09 g of water. When an identical amount of the same substance
was analysed for chlorine content, 1.44 g of silver chloride was obtained. The vapour
density of the compound in terms of hydrogen was found to be 42.5. Determine the
formula of the substance.

8. The formula of a substance is PsH,. Determine its percentage composition, its
density in terms of hydrogen and in terms of air, and its absolute density.

9. How much will the pressure in an oxygen-filled vessel diminish if 8.7% by vol-
ume of the oxygen is converted to ozone?

10. How much zinc will be dissolved in 1.5 kg of 35% hydrochloric acid, and
what will be the volume of hydrogen evolved (p =770 mm, ¢ =17°)?

LABORATORY WORK

Apparatus and materials: the parts of the arrangement shown in Fig. 31; desic-
cator with sulphuric acid; test tubes and rack; copper or iron wire 1.5-2 mm in diam-
eter; absorbent cotton-wool; dilute (1 : 6) sulphuric acid; granulated zinc, and cal-
cined granulated cupric oxide.
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Note. The cupric oxide should be calcined thoroughly in an open crucible, cooled
in a desiccator, and put in a jar with a ground-in lid.

Determining the Formula of Cupric Oxide *. Assemble the appa-
ratus shown in Fig. 31, using the parts prepared in Exercise 4.

Weigh the bulb tube (5) and place about 1 g of granular cupric
oxide inits bulb (if powdcred cupric oxide clings to the inner surface
of the tube, remove it with a wad of cotton-wool attached to a wire).
Then weigh the tube again to 0.01 g and connect it up with the rest
of the apparatus, as shown in Fig. 31, making sure that the tube is
properly inclined.

Now place 15-20 lumps of zinc in the test tube and pour enough
sulphuric acid into the bottle through the funnel to immerse one-
third of the test tube into the acid. Lower the test tube into the acid.
Upon coming in contact with the acid, the zinc begins to react with
it, and the hydrogen cvolved gradually forces the air out of the appara-
tus. Water vapour is removed from the hydrogen by passing the latter
through a wash bottle containing sulphuric acid (see Fig. 31).

To make certain that all the air has been forced out of the apparatus,
a test tube is placed over the end of the delivery tube (6). This test
tube should be removed every 2 minutes and, without being turned over,
held over the flame of a burner. Pure hydrogen burns quietly,
whereas hydrogen mixed with air produces a slight explosion. If the
evolution of hydrogen subsides, more acid should be added through
the funnel.

After the air has been forced out, heat the bulb of the tube careful-
ly, continuing reduction until the cupric oxide becomes red (the cce
lour of metallic copper). If drops of water should form at the end of
the bulb tube, heat that part of the tube slightly. Then remove the
burner and allow the tube to cool with hydrogen flowing through it
until room {emperature is achieved (why?). Remove the test tube con-
taining the zinc from the acid, disengage the tube with the copper in
it, and, after cooling it for 10 minutes in a desiccator, weigh it (w,).
Attach the tube to the rest of the apparatus again, continue the reduc-
tion, and, after cooling, weigh the tube once more (w,).

If the weighls w, and w, are equal or differ by not more than 0.01 g,
reduction may be considered completed. Otherwise, the process of
reduction should be continued until a constant weight is reached.

From the data obtained calculate the percentage composition of
cupric oxide and establish its empirical formula.

Write the equations for the reactions by which hydrogen was pro-
duced and the cupric oxide reduced.

* The formulae of lead oxide, bismuth oxide, etc., can also be determined. The
oxides of lead and bismuth are reduced to a drop of molten silvery metal.
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Calculate the volume of hydrogen (reduced to N. T. P.) used up
to reduce the amount of cupric oxide taken and the amount of zinc
and sulphuric acid (24%) consumed.

Why should not the bulb tube be heated from the start of the expe-
riment? '

Why must the hydrogen entering the bulb tube be dried?

Why is the tube cooled with hydrogen flowing through it?

Why must reduction be repeated?

Exercise 6

DETERMINING CHEMICAL EQUIVALENTS

SUBJECTS FOR STUDY

The concept of chemical equivalents; hydrogen equivalents; relationship between
equivalent, valence, and atomic weight; derivation of atomic weight from equiva-
lent; equivalent of a compound; valence; determination of valence; formation of
molecules, and electrovalent and covalent bonds.

Chemical Equivalents. A chemical equivalent is the weight of a sub-
stance which will replace or combine with 8 parts by weight of oxygen
or 1.008 parts by weight of hydrogen. The quantity of a substance
equal in grams (milligrams) to its equivalent is called a gram-equiva-
lent (milligram-equivalent).

Substances react in equivalent amounts. If we know the equivalent
and valence of an element, we can determine its atomic weight, as
these quantities are linked by the following relationship:

atomic weight=equivalent x valence *

Experimentally the equivalent of an element can be found chemi-
cally: by estimating the amount of hydrogen, oxygen, or other ele-
ment of known chemical equivalent added or replaced by the given
element.

Chemical equivalents can also be determined electrochemically on
the basis of Faraday’s Law, whereby the passage of 96,496 coulombs
of electricity through an electrolyte solution always deposits one gram-
equivalent of a substance on the electrodes.

The guiding principle in calculating the chemical equivalents of
acids, bases, and salts from their formulae is the principle that the
chemical equivalent of an acid is equal to its molecular weight divided
by the basicity of the acid, i.e., by the number of hydrogen atoms
contained in the acid molecule and capable of being replaced by a met-
al. Similarly, the equivalent of a base is equal to its molecular weight
divided by the valence of the metal or the number of hydroxyl groups

* This relationship is inapplicable to inert gases.
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. in the molecule. The equivalent of a salt is equal to its molecular weight
divided by the product of the number of atoms of the metal in the
salt molecule by the valence of the metal.

Examples:

98
HsPOq — mol. weight 98, equivalent 3 = 32.7
74
Ca (OH); —mol. weight 74, equivalent —- =37
342
Als (SO4)s — mol. weight 342, equivalent 53 =57

If we know in what amounts HCI and AgNOs interact and the equivalent of HCI,
we can experimentally determine the equivalent of AgNOs. Thus, if a parts by weight
of HCl react with b parts of AgNOs, we can, knowing that the equivalent of HCl =
= 36.5, calculate the equivalent of AgNOs= x from the proportion:

a—b 4 3650
36.5 —x T a
QUESTIONS

1. Calculate the exchange equivalents of the following substances
from their formulae:

SiH, Fe,O4 Na,PO,

2. Write the equation for the burning of SiH, and calculate the
substance’s equivalent. Compare this with the exchange equivalent

and explain the discrepancy.
3. Determine the valence of As, P, N, and S in the compounds:

H,As,0; K,HPO, A1 (NO;), ZnSO,
4. Write the structural formulae of the following compounds:

CLO;  HMnO, AI(NO);  NaB,O,  Ca;(PO,),
Na,HPO,  Bi(OH),NO,

5. Give diagrams for the furmation of the ionic molecule K,S and
the atomic molecule SiH,. Explain the mechanism giving rise to elec-
trovalent and covalent bonds.

Problems

1. When LIl g of a metal was dissolved in acid, 404.2 ml of hydrogen (measured
.at 19° and 770 mm) was evolved. Calculate the equivalent of the metal and its atomic
weight, knowing that the metal is bivalent.

2. Calculate the equivalent of a metal if 3.4 g of its iodide contains 1.9 g of iodine,

whose equivalent is 126.9.
3. Calculate the equivalent of a metal if 0.347 g of it releases 180 ml of hydrogen

(at 15° and 748 mm) from water.
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4. Silver nitrate is used to precipitate 1.49 g of potassium chloride, which con-
tains 52.36% of potassium.The weight of the silver chloride obtained is 2.868 g. Cal-
culate the equivalent of silver if the equivalent of potassium is 39.

5. Find the equivalent of phosphoric acid if 1.68 g of potassium hydroxide, whose
equivalent is 56, is used up to neutralise 9.8 g of its 10% solution.

6. The heating of 4.3 g of a melal oxide yielded 580 ml of oxygen (at 17° and
850 mm). Calculate the equivalent of the metal, knowing that | litre of oxygen
weighs 1.43 g at N. T. P.

7. Calculate the equivalent of CaCOs, knowing that 20 g of 7.3% hydrochloric
acid dissolves 2 g of it.

8. The reduction of 1.305 g of manganese dioxide by aluminium yields 0.825 g
of manganese. Calculate the equivalent of the latter.

9. The heating of 0.954 g of a metal in oxygen yields 1.194 g of its oxide. Calcu-
late the atomic weight of the metal, knowing it to be bivalent.

10. Calculate the atomic weight of a metal if 5.6 litres of oxygen (measured at N.
T. P.) was used up in burning up 30.67 g of it. The specific heat of the metal is known
to be 0.033.

LABORATORY WORK

Apparatus and materials: the arrangement shown in Fig. 33; drying cabinet;
10-25 ml measuring cylinder; 100 ml beaker; wash bottle; burette; funnel for burette;
porcelain casserole; weighing bottle; watch glass; forceps; room thermometer; desic-
cator; barometer; marble in lumps; N solution (titrated) of hydrochloric acid; 1:3
hydrochloric acid; 1:1 nitric acid; metallic sodium;
weighed amounts of the metals—zinc, magnesium,
manganese, and aluminium; magnesium ribbon; ethyl
alcohol; phenolphthalein solution, and filter paper
(strips).

Note. The metals in the form of ribbon or shav-
ings should be weighed on an analytical balance to
0.001 g. The amount of zinc should range from 0.030
to 0.040 g; the amounts of magnesium and aluminium,
from 0.010 t0 0.014 g; the amount of manganese should
be 0.026 g. Each weighed amount should be wrapped
in paper, and the weight written on it.
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= 1. Determining the Chemical Equivalent
= of Calcium Carbonate. Weigh a clean 100
= ml beaker on a chemical balance (weight
— w,). Put several lumps of clean marble in
B it, and weigh it again (w,). The marble
- = should weigh 2.50-3.00 g.

|
~

Now measure 15 ml of a normal (N) so-
lution of hydrochloric acid (a normal solu-
tion colntai;ls 1 gradm-e%uivalent of a substa{m?

: in a litre). To do this, first pour 3-4 ml o
li‘f'ff}?é fgﬁfﬁfi’e ?Qg‘dif;” the acid solution into the burette through a
funnel to wash the inner walls of the burette;

pour the solution out through the stop-cock.

Repeat this procedure with the same

amount ol the solution. Then fill the burette with the solution in
such a way that there are no air bubbles left in the tip of the burette
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(consult the instructor) and that the level of the liquid is slightly above
the zero mark (remove the funnel from the burette). Burette readings
may differ depending upon the position of the observer’s eye in re-
lation to the meniscus (Fig. 32). The eye should therefore always be
on a level with the lower meniscus of the liquid (Fig. 32 B). Open
the stop-cock gently to drain the extra acid, bringing the lower me-
niscus down to the zero graduation (Fig. 32). Now place the beaker
with the weighed marble under the tip of the burette and, opening
the stop-cock carefully once more, pour acid into the beaker until the
lower meniscus descends to the mark 15.

The reaction which takes place in the beaker involves the evolution
of the gas CO,. Write the equation of the reaction. When the evolu-
tion of the gas bubbles slows down considerably, heat the beaker to
60-70°. Bubble formation will at first be speeded; when it stops, the
reaction may be considered completed. Now pour the solution formed
out of the beaker and wash the remaining lumps of marble twice with
distilled water by the method of decantation. Dry the beaker with
the remainder of the marble in a drying cabinet and, after cooling it
in a desiccator, weigh it (w3).

Record the results of the experiment as follows:

; Weight of the d
Weight of the beaker in g matble in g Aci
A {
with marble m‘:,%tigttg
before after |feact in g lit amount
empty reaction | reaction normality |¢4ken in ml

before exp.|aiter exp.

w1 w3 w3 Wo— W1 Wg— W1 Wr— W3y

From the experimental data calculate the chemical equivalent of
calcium carbonate.

2. Determining the Hydrogen Equivalent of a Metal. The apparatus
for the determination (Fig. 33) consists of two long tubes that are at-
tached vertically toastand and communicate by means of rubber tub-
ing. One of the tubes is graduated (a burette); connected to it by
a stopper is a test tube with a slight bulge in the upper part. The
second tube is open at the top. The tubes are filled with water.

Before beginning the experiment, make sure that the apparatus is
airtight. This is done by the following procedure. When the appara-
tus has been assembled, raise and lower the tube that is open at the
top; the level of the water in the other tube should neither rise nor drop
much, but should only fluctuate slightly. If this is not the case,
insert the stoppers more tightly. Once the apparatus has been proved
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airtight, adjust the level of water in the tubes at the same height and
attach the tubes ta the stand in this position. Record the level in the
graduated tube with an accuracy to 0.05 ml (according to the lower me-

niscus).

Now pour.3-4 ml of dilute (1 : 3)* hydrochloric acid into the test
tube by means of a funnel, taking care not to wet the bulge in the
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Fig. 33. Apparatus for equivalent
determination

upper part of the test tube} (if
this should be wetted, dry it with
filter paper). Now obtain a
weighed amount of metal from the
laboratory assistant, and record
its weight in your notebook. Lift
the test tube into the position
shown by the broken line in
Fig. 33 and carefully transfer the
weighed metal into the bulge of
the test tube, taking care that
none of it should fall into the
acid. Stopper up the test tube
tightly again while it is still in
this inclined position, and then
shake it, allowing the metal to
fall into the acid. The pressure of
the hydrogen formed by jthe in-
teraction of the metal and the
acid forces the liquid out of the
burette into the other tube.
When the reaction ends, allow
the test tube to cool and then
bring the water in the tubes to the
same level by lowering the tube

open at the top. Record the new position of the level in the graduat-
ed tube. Record the readings of the thermometer and the barometer.

Results of experiment

Conditions of experiment

Position of level in burette

Amount of in m Volume of
. hydrogen in
metal in g t ¢
temigergcure pressure in mm| before exp. | after exp. m

* This designation means that the dilute acid was obtained by mixing one vol-
ume of concentrated acid with three volumes of water.
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From the data of the experiment, calculate the equivalent of the
metal. In the calculation, take into consideration the aqueous vapour
tension (Table 2, p. 28), as the gas was collected over water. Will
the equivalent of the metal be bigger or smaller if: (1) the metal con-
tains impurities insoluble in acid; (2) no allowance is made for the
aqueous vapour tension?

3. Determining the Oxygen Equivalent of a Metal. Weigh a dry
porcelain casserole. Then weigh 0.18-0.22 g of magnesium ribbon irn
it. Subsequent operations should be conducted in a ventilated hood.
Pour dilute (1 : 1) nitric acid in small portions (2-3 ml) into the cas-
serole until the whole of the metal dissolves. When this has taken
place, put the casserole on a wire gauze with an asbestos centre and
evaporate slowly (without splashing) until there is no water left. Then
heat the casserole with the dry salt, causing it first to melt and then
to decompose, with the evolution of a brown gas and the formation
of white magnesium oxide. Following this, cool the casserole in a des-
iccator and weigh it. To make sure that the salt has all been decom-
posed, repeat the calcination and weighing. If the results of two con-
secutive weighings are identical or differ by 0.01 g, decomposition is
complete. From the weights of the metal and the resulting oxide, cal-
culate the oxygen equivalent of the metal and the relative error of
the determination.

Submit a report on the experiment with the results obtained for
the equivalent and a brief description of the method to the instructor.

4. Determining the Chemical Equivalent of Chlorine from the Equiv-
alent of Sodium. Weigh a dry porcelain casserole, pour 15 ml
of ethyl alcohol into it, and cover it with a watch glass. Weigh a dry
weighing bottle. Obtain a lump of dry metallic sodium from the lab-
oratory assistant, place it quickly into the weighing bottle, close
‘t)hgobottle tightly, and weigh it again (the sodium should weigh about

.20 g).

Now transfer the weighed sodium with forceps to the casserole and
cover it atonce with the watch glass. Write the equation for the inter-
action of the sodium with the alcohol. When the reaction ends, wash
the splashes of the solution from the surface of the watch glass back
into the casserole, using a small amount of water from a wash bottle
for this operation. Add 1-2 drops of phenolphthalein to the solution.
What is the colour of the solution now? Write the equation for the
reaction of sodium ethylate with water.

Pour M HCl into a dry burette and add it to the solution in the cas-
serole until the crimson colouration disappears. Place the casserole
on a wire gauze with an asbestos centre and evaporate the solution
over a small flame until there is no water left in the casserole. Cool
the casserole in a desiccator for 7-10 minutes and weigh it. What is
the substance obtained? Write the equation for the reaction that pro-
duced it.
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From the weights of the sodium chloride and the sodium, knowing
the chemical equivalent of sodium, calculate the chemical equivalent
of chlorine and the relative error of the determination.

Exercise 7

DETERMINING THE PURITY OF A SUBSTANCE
SUBJECTS FOR STUDY

Pure substances and their dproper’ties; isolating individual substances from mix-
tures; purifying substances and determining the degree of their purity; grades of
purity (commercially pure, analytical reagent, and chemically pure), and standard
requirements with respect to chemical products.

Every pure substance has certain characteristic physical proper-
ties: colour, taste, odour, density, melting point and boiling point,
hardness, viscosity, etc.

When we say that water is a colourless, odourless, and tasteless
liquid that boils at 100° C, freezes at 0° C, has a density of 1 g/cm?®
at 4° C, etc., we are referring to pure water without any impurities,
i. e., to the individual substance.

However, despite the exceptional progress made by reagent chem-
istry, it should not be thought that what is termed a “pure substance”
does not contain minute impurities of other substances.

In the U.S.S.R. chemical products are manufactured in accord-
ance with technical standards known as GOST (which is the Russian
abbreviation for U.S.S.R. State Standard); these standards specify
exact requirements with respect to the quality of such products as
chemical reagents.

For instance, the following are the maximum permissible impurities, according
to GOST, in the different reagent grades of sodium hydroxide.

Maximum Permissible Impurities (in %)

Chemically Analytical Pure
pure reagent

Chlorides . . . . . . . .. .. ... 0.005 0.01 0.025
Sulphates . . . . . . ... ... .. 0.005 0.01 0.03
Phosphates . . . . . . . . . .. .. 0.003 0.005 0.01
Silica . . .. ... ... ... 0.01 0.02 0.1
Heavy metals. ... . . . .. ... . 0,003 0.003 0.003
Calcium . . .. . . ... ... ... 0.012 0.024 0.06
Sodium carbonate . . . . . . . . .. 1 2 4
Iron............ ... 0.0005 0.001 0.002
Substances precipitated by ammonia

(Alzo:;, Fezoa) .......... 0.01 0.02 0.1

Total nitrogen (nitrates, nitrites, am-
monia, ete.) . .. .. ..o L. 0.001 0.001 0.001
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Factory-made products are analysed at the factory laboratory;
on the basis of the analysis and the relevant GOST, they are graded
“«chemically pure”, “analytical reagent”, <«pure”, or “commercially
pure”. The product is then packed and labelled accordingly.

The “chemically pure” substances are the purest. The amounts of
impurities in them are so negligible that they can be detected only
by special analytical techniques. Products marked “analytical re-
agent” may contain impurities in amounts that cannot prevent the use
of these substances in chemical analysis.

Products marked “pure” contain greater amounts of impurities than
products labelled “chemically pure” or “analytical reagents”. The
“commercially pure” products usually contain the most impurities.
They are cheaper and are used for industrial purposes.

Of great practical importance is the development of techniques for
isolating pure substances from natural materials and from industrial
products or waste, as well as for testing the purity of substances.

Purity Testing Techniques. The purity of a substance of known com-
position can be tested either by physical methods (determination of
density, melting point, boiling point, etc.) or by methods of chemical
analysis (by treating a weighed amount of the substance with a reagent).
In the lalter case (quantitative analysis) the composition of the sub-
stance being tested is determined from the quantity (by weight or
by volume) of the resultant substance or from the expenditure of the
reagent. The detection of impurities may sometimes be confined to
qualitative analysis, i. c., to employing reactions that in the case of
a certain impurity yield products easily distinguishable by visible
signs (the formation of a precipitate, a change in colour, etc.); the
quantity of the impurity is not estimated in this case.

Below we shall consider some of the methods used in assessing the
quality of a substance, namely, the determination of the melting and
boiling points of a substance, the quantitative estimate of a substance
according to the volume of a gas evolved when the product being
tested is decomposed by reagents, and the qualitative analysis of a
chemical product according to standards.

(@) The melting point of a substance is one of its most important
characteristics; by means of this characteristic we can determine the
purity of a solid crystalline * substance. The melting point is the tem-
perature at which a solid substance, in conditions of equilibrium,
passes into the liquid state.

In the case of a pure crystalline substance the temperature range
from the moment melting begins (the appearance of a liquid phase)
to its comlpetion usually does not exceed 0.5°. Substances contain-
ing impurities, on the other hand, do not have a sharply defined
melting point; they usually melt over a range of several degrees.

* Amorphous substances do not have a distinct melting point.
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Melting point determinations are carried out as follows. A finely °
ground powder of the substance being tested is packed tightly in
a 2-3 mm layer into a capillary. Two capillaries are filled in this way.
A capillary is then attached to a thermometer by a rubber band
(Fig. 34A4). The thermometer, fitted into the hole of a stopper, is
then put into a dry test tube, which serves as something like an “air
sleeve” to prevent overheating. The test tube is lowered into a beaker,
flask, or special vessel (Fig. 34B and C) filled with water, paraffin
butter, or concentrated sulphuric acid, depending upon the melting
point of the substance. The beaker or flask is placed on the ring of
a stand and heated slowly.

Fig. 34. Types of apparatus for meiting and boiling point determination

Before beginning to melt, the substance usually shrinks, becoming
disengaged from the walls of the capillary; after that a drop of liquid
appears at the very bottom of the capillary. That is the moment to
note the melting point on the thermometer.

The first capillary is used for a rough estimate. Let us assume that
the melting point in this case was found to lie in the 75-80° range.
The second capillary is then fixed in position and the heating con-
ducted to 65° after that the flame of the burner isreduced so that the
temperature does not rise faster than 1° a minute. The liquid in the
beaker is mixed with a stirrer. The temperature is now noted at which
the substance begins to melt.

In the case of some substances, which decompose as they melt, the
melting point cannot be regarded as a reliable indication of purity
and is used only as an auxiliary characteristic.

Melting point determinations are also carried out in a special vessel
of refractory glass, such as shown in Fig. 34C. The small flame of
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the burner is applied to that part of the vessel which is covered with
asbestos cord (between the broken lines in the figure). The heated
layer of liquid moves counterclockwise in the vessel. Thanks to ideal
conditions for the thermal movement of the liquid and for its mixing,
melting point determinations can be carried out in such a vessel with
a high degree of accuracy.

(b) The boiling point is another important characteristic of a chem-
ically pure liquid substance. This is the temperature at which the
vapour pressure of the liquid becomes equal to the atmospheric pres-
sure (i. e., 760 mm Hg).

The boiling point of a small quantity of a liquid can be determined
in the apparatus shown in Fig. 34D. Pour 3-4 ml of the liquid into
a dry test tube and throw a small lump of pumice or pieces of capil-
laries, sealed at one end, into the test tube so that the liquid should
boil without bumping. Into a stopper with a slit (Fig. 34E) insert
a thermometer in such a way that its lower end is 3 cm above the lev-
el of the liquid. The liquid in the test tube is then heated over a small
flame until drops of condensing liquid begin to trickle continually
from the end of the thermometer. This temperature is noted, after
which the test tube is cooled and the determination repeated.

(c) Determining the Purity of a Substance by the Chemical- Method
According to theVolumeof Gas Evolved. The substance to be tested is
treated with a reagent whose interaction with the substance causes
a gas to be evolved. The gas generated is collected over water, and its
-volume measured. The purity of the initial substance is determined
from the volume of the gas, reduced to N.T.P., and the equation of
the reaction.

If the gas evolved dissolves in water, it is collected over mercury,
toluene, salt solutions, etc.

Example. Determine the degree of purity of calcite (CaCQs) if 1 g of it, when treat-
ed with acid, yields 244 ml of carbon dioxide measured at 20° and 750 mm.
First, the volume of the gas should be reduced to N.T.P.:

244.750-273

%=""7g0.203 = 2% ml

From the equation of the reaction
CaCO3 4 2HC1 = H0 + CO: -+ CaCly
100 g , 22.4 1it

it follows that 1 g of calcite should yield 224 ml of COs.
From a comparison of the volumes it is easy to see that the product tested i
100% purity.

(d) Determining Concentration and the Qualitative An
a Substance According to Standards. The technique of d
‘the concentration of a solution by the relative density, 6
a hydrometer, has been described in detail in Exercisg’2.
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be pointed out that the relative densities of aqueous solutions are usual-
ly greater than unity, while the relative densities of solutions of
gaseous substances of low molecular weight (e. g., ammonia solution)
are less than unity.

Qualitative reactions to determine the presence of impurities are
conducted according to respective standards. To determine the pres-
ence of an impurity, a solution of the substance under test is treated
with acharacteristicreagent, i. e., a substance which reacts specifical-
ly with that impurity (forming a precipitate, generating a gas, or
altering the colour of the solution).

Example. Ammonium nitrate which is chemically pure in accordance with the
proper standard should not, in a solution of definite concentration, exhibit an acid
reaction more pronounced than a certain permissible limit. To test whether a sample
conforms to standard requirements, 5 g of it, weighed to 0.01 g, is dissolved in 50 ml
of freshly boiled and cooled distilled water. A drop of 2% alcoholic solution of the
indicator methyl-red is then added, which causes a red colouration to appear. If
the colour turns to yellow upon the addition of not more than 2 ml of 0.01 M NaCH,
the chemical conforms to standard requirements.

QUESTIONS

1. In what temperature range ought a chemically pure substance
melt?

2. At what rate should heating be conducted in melting point de-
terminations?

3. The testing of a substance by the method of chemical decompo-
sition produces gaseous ammonia. Name a liquid over which the
ammonia can be collected.

4. By means of what reaction is it possible to establish the presence
of chlorides as an impurity in sulphuric acid?

Problems

1. Determine the degree of purity of calcium hydride (CaHy) if the interaction of
7.6 g of it with water at 17° and 740 mm yields 8.75 1 it of hydrogen.

2. The decomposition of 1.1 g of malachite yields 111.3 ml of carbon dioxide,
measured at N.T.P. Determine the degree of purity of the malachite, which has
the formula Cug(OH)2COs.

3. It has been established by analysis that 32.2 g of sodium hydroxide contains
an amount of sodium carbonate equivalent to 24 ml of M HCI. Defermine the degree
of purity of the sodium hydroxide.

4. Determine the degree of purity of tellurium if the burning of 12.76 g of it to
tellurium dioxide requires 2.3 1it of oxygen, measured at 17° and 780 mm.

5. Determine the percentage content of impurities in pyrite if the burning of 15t
of FeS; yields 5,376 cu m of sulphur dioxide (reduced to N. T. P.). The equation for
the burning process is:

4FeSa 4 110g = 2Fe205 - 8503

6. Determine the degree of purity of marble if 109.4g of it upon decomposition
yields 25 lit of carbon dioxide, measured at 15° and 780 mm..
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. 7. Determine the carbon content in coal if 205.8 g of the coal at N.T.P. yields
l.cu m of a gas that contains 2% of CH,, 29% of CO, and 2% of COs.

8. An alloy used in the manufacture of nibs contains—in addition to iron, tung-
sten, chromium, and nickel—the metal rhenium. The amount of rhenium in 26.5
of the alloy is such that treatment with the proper reagents converts it to 0.72g o
perrhenic acid HReO,. Determine the percentage content of rhenium in the alloy.

9. The decomposition of 2.88 g of aluminium carbide by hot water:

Al(Cs +- 12H30 = 4A1 (OH)s + 3CH,

yields 1.23 lit of methane, collected at 20° and 770 mm. Determine the degree of
purity of the aluminium carbide.

10. It has been established by analysis that 50 g of metallic thallium contains
3.5 milligram-equivalents of calcium, 5.4 milligram-equivalents of magnesium,
and 6.1 milligram-equivalents of aluminium. Express the contents of the impurities
in percentages.

LABORATORY WORK

Apparatus and materials: the arrangement shown in Fig. 34B and D and in Fig.
35; test tubes and rack; 250 ml measuring cylinder; 10 m! measuring cylinder; 200 ml
beaker with stirrer; funnel; thermometer with 100° range; room thermometer;
barometer; hydrometer with 0.8-1.0 relative density range; rubber bands for at-
taching capillaries to thermometer; powdered sodium thiosulphate; set of substances
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Fig. 35. Apparatus for purity determination

for melting point determinations; carbon tetrachloride; saturated solution of sodi-
um chloride; 1 : 3 sulphuric acid; 0.5 N solution of cupric sulphate; zinc dust; 25%
solution of ammonia; 10% solution of barium chloride; 2N solution of hydrochloric
acid; 10% solution of acetic acid; 0.01 N solution of iodine; starch solution; hydro-
gen sulphide solution; lime water; red and blue litmus paper; cigarette paper; ruler
with mm calibration, and weighed amounts of calcium carbide.

Note. The amounts of calcium carbide should weigh from 0.20 to 0.24 g. The
hydrogen sulphide solution should preferably be prerared for each exercise, since it
is easily oxidised by the oxygen of the air. The hydrogen sulphide prepared for
this purpose in the Kipp gas generator should first be washed in a wash bottle for
gases. Cloudy hydrogen sulphide solution should not be used.



58 Exercise 7

1. Determination of Melting Point. (a) Two of the capillaries pre-
ared in advance (Exercise4) should be packed tightly with a 2-3 mm
ayer of finely ground sodium thiosulphate. This is done in the fol-
lowing manner. Some sodium thiosulphate powder is placed on a
watch glass or on glossy paper. The open end of a capillary is then
thrust into the powder, so that 5-6 mm of its length is filled with
it. Following this, the capillary is dropped, sealed end first, into a
30 cm glass tube placed vertically on the table. When the capillary
strikes the table, the substance moves towards its sealed end. By
repeating this 5-6 times, the capillary is packed tightly. This done,
the capillary is attached by a rubber band to a thermometer, and the
thermometer is lowered into a beaker with water (Fig. 34).

By heating the first capillary, we now determine the approxi-
mate melting point of the substance. The second cappilary is then
heated to a temperature 10° below the found approximate melting
point; from there on heating is continued so that the tempera-
ture rises at a rate of 1° a minute until the first drop of the molten
substance forms. The temperature at which this takes place is the melt-
ing point.

11

Determination
exact

1
approximate

Melting point in °C ‘ ,

(b) Determine the melting point of an unknown substance received
from the instructor. Record the results obtained in the above table
and check them with the instructor.

2. Determination of Boiling Point. Fill the test tube in the appara-
tus shown in Fig. 34D with carbon tetrachloride to the level illustrat-
ed and carry out three determinations of its boiling point in accord-
ance with the procedure described in the introduction to the exercise
(see Para. b).

Determination I ' 11 | 111

Boiling point in °C ‘ I

Average value £°=
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3. Determining the Purity of Calcium Carbide. Calcium carbide
reacts readily with water:

CaC, -+ 2H,0 = Ca (OH), + C,H,

The acetylene evolved is collected over a saturated solution of so-
dium chloride in water (since acetylene is slightly soluble in water),
and its volume is measured. From this volume and the weight of the
calcium carbide taken, it is easy to determine the degree of purity of
the CaC,.

The apparatus (Fig. 35) consists of a long-necked flask with a stop-
per, through which a delivery tube has been passed, a measuring cylin-
der, and a vessel.

Pour a saturated solution of sodium chloride into the beaker until
it is half full and into the cylinder until it is quite full. Cover the
cylinder with a glass plate and place it upside down in the beaker.
Make certain that the apparatus is airtight.

Now pour 10 ml of distilled water into the flask, trying not to wet
the walls of its neck. Obtain a weighed amount of calcium carbide from
the laboratory assistant and record its weight. Place the calcium car-
bide inside the neck of the flask, which is in a horizontal position
(shown by broken line in Fig. 35), stopper up the flask quickly, place
the end of the delivery tube under the cylinder, and let the lumps of
calcium carbide slip into the water. The acetylene evolved is collected
in the cylinder.

When the reaction terminates, remove the delivery tube from the
vessel; by means of a ruler measure the distance from the level of
the liquid in the vessel to its level in the cylinder (height pw in Fig. 35);
determine the volume of acetylene. Record the temperature and the

pressure.
Table 8

Vapour Pressure # (mm Hg) over Saturated Solution of Sodium Chloride at
Temperature ¢ (°C)

t h t h 4 h t h

11 7.4 16 10.3 21 14.1 26 19.0
12 7.9 17 11.0 22 15.0 27 20.2
13 8.5 18 11.7 23 15.9 28 21.4
14 9.1 19 12.4 24 16.9 29 22,6
15 9.7 20 13.2 25 17.9 30 24.0

From Table 3 find the vapour pressure & of the solution for the given
temperature ¢.
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Results of experiment

Weight of Volume of the : P, in mm
CaC, in g |acetylenein m1| Pw '#mm bang °C h in mm Hg

Calculations:

(a) On the basis of the equation of state of a gas, reduce the volume
of the acetylene to N.T.P., bearing in mind that the pressure of the
acetylene

Py
p:pbarﬁ(h+m>

(b) From the equation of the reaction calculate the volume o
acetylene obtained from the given amount of calcium carbide (100%
when treated with water.

(c) From the data of Paragraphs a and b calculate the percentage
content of CaC, in the calcium carbide.

4. Determination of Zinc Dust Purity. This experiment, like the
previous one, is conducted in the apparatus shown in Fig. 35. The
vessel and the cylinder are filled with water, and 10 ml of 1 : 3 H,SO,
and 3 drops of a dilute solution of cupric sulphate are poured into
the flask; 0.24-0.28 g of zinc dust is weighed in a packet of cigarette
paper and placed inside the neck of the flask in the paper.

Record the results as in Experiment 3. From the experimental data
determine the purity of the zinc dust.

5. Testing a Solution of Ammonia (Ammonia Spirit).

Excerpt from GOST 786-41:

“Ammonia Spirit, Medical.

“A transparent, colourless solution containing not less than 24%
of ammonia (NH,).

“It should pass tests for the absence of:

“(a) sulphates, in accordance with Para. 12.

“(b) carbonates, in accordance with Para. 13.

“(c) sulphides, in accordance with Para. 14, and

“(d) salts of the heavy metals, in accordance with Para.15.”

“...Para. 12. Test for Sulphates. Dilute 5-8 ml of ammonia solution
with 20 ml of distilled water, and add hydrochloric acid until the
solution exhibits an acid reaction with respect to litmus. Heat the
solution to boiling and add 2-3 ml of 10% barium chloride solution.
Then cool the liquid and examine it in passing light. In the absence
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of a?y trace of opacity, the product is regarded as satisfying require-
ments.

“Para. 13. Test for Carbonates. Dilute 10 ml of ammonia solution
with 10 ml of water and add 40 ml of filtered lime water to the solu-
tion. Examine the liquid in transmitted light. In the absence of any
trace of opacity, the product is regarded as satisfying the require-
ments.

“Para. 14. Test for Sulphides. Add a 10% solution of acetic acid to
5 ml of an ammonia solution until it exhibits a faintly acidic reaction
with respect to litmus; then add 2 drops of an 0.01 Niodine solution.
The appearance of a blue colour in the presence of starch points to
the absence of sulphides in the product.

“Para. 15. Test for Saltsof the Heavy Metals. Dilute about 5 ml of
ammonia solution with 40 ml of distilled water and add 20-30 ml of
hydrogen sulphide solution. If no dark (salts of iron, copper, etc.) or
white (salts of zinc) precipitate is thrown down, there are no salts
of the heavy metals present....”

Testing Procedure. Pour the solution to be tested into a 250-300 ml
cylinder and make certain (by the naked eye) that it is transparent
and colourless. Lower a dry hydrometer into the cylinder and measure
the relative density to =4 0.003. After the measurement dry the hydro-
meter thoroughly. On the basis of the relative density value ob-
tained, determine the percentage concentrationof ammonia in the
solution from the table on p. 331. If the experimental value of the rela-
tive density does not appear in the table, use the method of interpo-
lation (see Exercise 2).

The qualitative reactions should be carried out with the reagents
used to detect the corresponding ions (see Paras. 12-15 of the above
excerpt from GOST). Record the results in your notebook and, by com-
paring them with the standard requirements, draw a conclusion con-
cerning; the quality of the solution tested.

RECORD OF AMMONIA SOLUTION TESTING

. External appearance. . . . . . . . . . ... ..
. Relative density shown by hydrometer (v,%)

.NHscontent . . . ... .. ... .......
. Qualitative reactions to detect: . . . . . . . ..
(a) sulphuricacid. . . . . . .. .. ... ...
(b) carbonic acid. . . . . . . ... ..o
(¢) hydrosulphuric acid . . . . . .. ... ...
(d) salts of the heavy metals . . . . . . . . ..
Conclusion . . . . . . v v v v v v v 0 e e
Date . . . . . . . ... ... s

N A
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Exercise 8

THERMAL EFFECTS OF REACTIONS

SUBJECTS FOR STUDY

Energy transformations in chemical reactions; equivalence of different forms of
energy; chemical energy and thermal energy; exothermal and endothermal reactions;
thermal eflects of reactions and thermochemica! equations; Hess’s Law, and the ther-
mal effects of solution and hydration.

Every substance has not only a definite composition, but also a
definite stock of chemical energy. Chemical reactions involve changes
both in the composition of substances and, at the same time, in
their stocks of energy. The difference between the chemical energy of
the initial reactants and of the final reaction products is converted
into an equivalent amount of some other form of energy: mechanical,
radiant, thermal, or electric. Typical of most chemical reactions is
the transformation of chemical energy into thermal; reactions in which
heat is liberated are called exothermal, while those in which it is ab-
sorbed are termed endothermal.

Example.
Hs -+ S = HsS - 4.8 Cal. (Exdthermal reaction)
Hz 4 Se = H3Se — 18.5 Cal. (Endothermal reaction)

The quantity of heat evolved or absorbed in a chemical reaction
is called the thermal effect of the reaction. It is usually referred to one
mol of the reaction product and expressed in large calories (Cal.).
Chemical equations including the thermal effect value are called
thermochemical equations. For example, the burning of carbon mono-
xide may be represented by the following thermochemical equation:

2CO + O, = 2CO, + 135 Cal.
This may likewise be expressed by the equation:
CO + 40, = CO, + 67.5 Cal.

It is general practice in thermochemistry to employ the latter
type of equation, i. e., to refer the thermal effect to one gram-mole-
cule of the product, using iractional coefficients if necessary.

The thermal effects of the formation and decomposition of the same
substance are equal in absolute value, but opposite in sign (first law
of thermochemistry).

For instance:

Pb 4+ I,=Pbl,+41,77Cal.  Pbl,=Pb+ I,—41.77 Cal.
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This law serves as the basis for calculating the thermal effects of
various reactions important in practice (formation, decomposition,
burning, solution, hydration, and neutralisation).

One and the same end product may be obtained from the same ini-
tial substances by different reactions. Let us assume, for example,
that from the substances A and B it is necessary to prepare the product
AB,. The process may be conducted in different ways:

A+2B=AB,+0 Cal.

According to the second law of thermochemistry, established by
the Russian scientist G. Hess (1836), the quantity of heat evolved in
a chemical process does not depend on whether the process takes place
in a single stage or in several stages (provided volume and pressure
remain constant). Consequently, for our case Q = Q.4 Q.. Since
the thermal effect of some stages of the process may be negative, the
general principle may be formulated as follows: The algebraic sum of
the thermal effects of a chemical process consisting of several stages
is equal to the thermal effect of the same process taking place in a single
stage.

States and allotropic modifications of substances should be indicat-
ed in thermochemical equations, as the burning, say, of amorphous
carbon, graphite, and diamond vyields different quantities of heat
(96.98, 94.23, and 94.45 Cal. respectively); similarly, the thermal
effects of the formation of water, water vapour, and ice from their
elements are not the same either (68.35, 57.84. and 69.95 Cal. re-
spectively).

The quantity of heat in calories generated by the burning of 1 mol
of a substance is called the heat of combustion. The burning of a com-
pound substance may follow either of the two patterns.

1. The direct interaction of the molecules of the substance with
oxygen (a single-staged process). .

2. The decomposition of the molecule of the substance, with the
subsequent burning of each component in oxygen (a process taking
place in several stages: a, b, ¢, d...).
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In accordance with Hess’s Law, the thermal effect is the same in
either of the two above cases, provided the end products of the reac-
tion are identical in composition and number of molecules.

Example. Calculate the heat of combustion uf acetylene, knowing that the heat of
formation of liquid water is 68.35 Cal., the heat of formation of CO2, 94.23 Cal., and
the heat of formation of acetylene,—53.9 Cal.

It follows from the above data that acetylene C;Ha is an endothermal compound
and that its decomposition is, therefore, accompanied by the liberation of heat.

Let us denote the unknown heatof combustion of acetylene as x Cal. We can then
write:

D
1. CoHsa - o O3 = 2C0O; -}- H:0 - x Cal.

2. (a) CgHa = 2C + Ha+ 53.9 Cal,
(b) 2C -+ 205 = 2COz + 2-94.23 Cal.

1
(c) Hz - 5 O, = HaO,iq+68.35 Cal,
From Hess’s Law it follows that

x=53.9-]-2.94.28 L 68 35
x = 310.71 Cal.

The heat of formation and the heat of decomposition are calculated in the same way.

Hydration is the process whereby the molecules of a substance that
is being dissolved combine with the molecules of the solvent, specifi-
cally water. The process is accompanied by the evolution of heat,
which is called heat of hydration. For instance, from the equation

ZnS0, - 6H,0 = ZnSO,-6H,0 +- 19.3 Cal.

it follows that 19.3 Cal. is evolved when a molecule of zinc sulphate
combines with six molecules of water.

The process of solution may also be expressed as a thermochemical
equation, e. g.:

ZnSO,-7H,0 - aq = ZnSO,-aq — 4.26 Cal.

Here aq denotes the solvent, water.

It is evident from the above equation that 4.26 Cal. is absorbed when
one mol of the heptahydrate of zinc sulphate dissolves. It should be
pointed out that an anhydrous salt forming a crystal hydrate dis-
solves in two stages: (a) hydration, and (b) the solution of the hydrate.

Example. Calculate the heat of hydration of anhydrous zinc sulphate, know-
ing that its heat of solution is 18.43 Cal., while the heat of solution of the
hydrate ZnSO,-7H0 is —4.26 Cal.
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Equations should be written, in which the heat of hydration is denoted as x:

1. ZnSO4 + aq = ZnSO4-aq -} 18.43 Cal.
2. (a) ZnSOq - TH0 = ZnS0O4-7H20 -} x Cal.
(b) ZnSO4-7TH0 -} aq = ZnSO4-aq — 4.26 Cal.

From Hess’s Law it follows that

18.43 = x — 4.26
x = 22.69 Cal.

QUESTIONS

1. Where is there a greater stock of chemical energy: in 1,000 atoms
of hydrogen or in 500 molecules of it? Explain the reasons for the
difference in the amount of energy in this case.

2. The formation of a gram-molecule of water is accompanied by
the evolution of 68.35 Cal., while the formation of an equal amount
of water vapour is accompanied by the evolution of only 57.84 Cal.
Why the difference?

3. The same molar quantities of MgSO, and MgSO,-7H,O are

dissolved in equal amounts of water. Why are the thermal effects differ-
ent? .
4. The values of the heat of formation for H,0, P,0;, CO,, and
MgO are 68.35, 360.0, 94.23, and 146.1 Cal. respectively. If we take
hydrogen, phosphorus, carbon, and magnesium in equal quantities
by weight, in which case will burning produce the most heat?

5. Explain the thermochemical equation

Punte + = Cly = PCly + 70 Cal.

To what amount of PCly by weight is the thermal effect referred?
6. On the basis of Hess’s Law write the thermochemical equations
for the burning of the exothermal compound propane (C;Hs) and for
its decomposition to its elementary constituents, with their subse-
quent separate burning. Denote the separate thermal effects Q,, Q,,
Q,, and Q4 respectively. Express Qg in terms of the other thermal

effects.
Problems

1. The values of the heat of formation for SiO; and MgO are 203.3 and 146.1 Cal.
respectively. Calculate the heat of the reaction

2Mg -+ Si0s = 2MgO -+ Si.

2. The heat of the formation of K2Ois 86.2 Cal. In the reaction between molecu-
lar quantities of KaO and SOg, 110.6 Cal. is evolved.

5795
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Calculate the thermal effect of the formation of SOz, knowing that the heat of
formation of K2SO;s from its elements is 267.7 Cal.
3. Calculate the heat of the reaction

1
SOz + 5 02 =S0s

It is known that the values of the heat of formation of SOz and SOs from their ele-
ments are 70.92 and 93.9 Cal. respectively.
4. Calculate the heat of the reaction

3
HaS -+ 5 Oz = HiOyg, -+ SOs
It is known that the heat of formation of HsS from its elements is 4.8 Cal.; the heat
of formation of SOg, 70.9 Cal., and the heat of formation of HzOvap, 57.84 Cal.

5. Calculate the heat of formation of CaCOjs from its constituent elements, knowing
that the thermal effect of the reaction CaCOz= CaO « CO: equals —43.35 Cal.
and the heat of formation of CaO and CO; from their constituent elements equals,
151.7 and 94.23 Cal. respectively.

6. Given the thermochemical equations of the reaction:

MgSO, 4 aq = MgS04-aq - 20.3 Cal.
MgSQO4+7TH20 + aq = MgS0q4-aq — 3 8 Cal,

Calculate the heat of hydration of anhydrous magnesium sulphate.
7. The heat of formation of Al:Os is 380 Cal. In the reaction

2A1 - Fez03 = Al:O; - 2Fe

the reduction of every 53.2 g of Fe.Os is accompanied by the evolution of 60.5 Cal.
Calculate the heat of formation of ferric oxide.
8. The reaction of the burning of benzene obeys the equation:

15
CeHs + —~ Oz = 6COs + 3H:0,,, + 782.3 Cal.

vap

Calculate its heat of formation from its constituent elements, knowing the heat
of formation values for COs and H2Orig (see Question 4).

9. The heat of formation values for H20,,, and CO: are known (see Questions
2 and 4); the heat of combustion of CeHz, with the formation of water vapour, is
300.2 Cal. Calculate the heat of formation of CyHs.

10. Calculate the heat of combustion of CeHg, knowing that its heat of formation
is 4+20.24 Cal. and knowing the heat of formation values for water and CO:; (see-
Question 4).

LABOi{ATORY WORK

Apparatus and materials: sand bath with a thermometer up to 250°; porcelain
crucible; crucible tongs; desiccator with sulphuric acid; calorimeter with cover; fun-
nel and stirrer for calorimeter; 100 ml measuring cylinder; Dewar vacuum flask (or
50 ml beaker with heat-insulating jacket); Assman thermometer; glass stirring rod;
powdered cupric sulphate; 0.5 M NaOH, and 0.5 M HCI.

Note. The Assman thermometer is used to measure the temperature of the air
in determinations of air humidity by means of a psychrometer. It is graduated from
—20° to +-50°, with divisions of 0.1° (sometimes 0.2°).

Making the heat-insulating jacket. A heat-insulating jacket for a beaker is made
from asbestos sheet that should first be soaked in water. The beaker is wrapped in
the wet asbestos, wound with wire, and then dried.
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1. Determining the Water of Crystallisation in Cupric Sulphate.
The purpose of the experiment is to determine the number of mole-
cules of water in the cupric sulphate molecule CuSO,-nH,0. To do
so, it is necessary to heat a weighed amount of the hydrate, thereby
exlpelling all the water of crystallisation and obtaining the anhydrous
salt. The difference in weights is the weight of the expelled water,
from which it is not difficult to derive the num-
ber of water molecules.

Weigh a clean, previously ignited crucible to
0.01 g. Put 1-1.2 g of finely ground cupric sul-
phate in it and weigh it again. The difference in
weights gives the weight of the substance.

Now place the crucible (weighed with the sul-

phate) on a sand bath, so that —34— of the crucible is

submerged in the sand. Place a thermometer into
the sand, so that its tip is level with the bottom
of the crucible (Fig. 36).

Heat the sand bath to a temperature not high-
er than 220°, since at a higher temperature ag ,
undesirable side reaction may take place, wit
the formation of a basic salt (grey-coloured): ’;’,,g-fﬁ,;,,,‘;ei,fj;’f

2CuS0, - nH,0 = Cuz (OH), SO, + SO + (7 — 1) H,0

With the vaporisation of the water, the blue powder becomes pare;
when the salt in the crucible turns white, the heating should be dis-
continued and the hot crucible put in a desiccator for cooling and
then weighed (w,). Afterwards the crucible should be placed on the
sand bath again, heated for 10-15 minutes, and, after cooling, weighed
again (w,). If the weights w, and w, coincide or differ by not more
than 0.01 g, i. e., if the crucible with the substance has been brought
to a constant weight, ignition should be stopped. Otherwise the whole
operation should be repeated. Record the experimental data (giving
the weight after each ignition):

1. Weight of crucible with CuSO4-nH:20
Weight of empty crucible . . . . ..

Weight of CuSO4-nH:0 . . . . . . .

2. Weight of crucible with CuSO; . . . .
Weight of empty crucible . . . . . .

Weight of CuSOs. . & &+ ¢ & o . .

From the experimental data, calculate the number of water mole~
cules in a molecule of cupric sulphate.
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2. Determining the Heat of Neutralisation. Measure 100 ml of
0.5 M HCI in a cylinder and pour it into a beaker. Pour 100 ml of
NaOH of the same concentration into another beaker. Place the beak-
er with the acid in a calorimeter (thick-walled battery jar) and
cover it with a lid that has three orifices. Insert an accurate thermome-
ter (with divisions of 0.1°) into the middle orifice, lowering it into
the acid solution. Pass a funnel and a stirrer through the other ori-
fices. After 10 minutes measure the temperature of the acid solution.
Then quickly pour the alkali solution through the funnel and, while
stirring the solution continuously, note the highest temperature of
the solution to 0.1°.

Record the experimental data in the following manner:

HCIl NaOH Temperature in °C

concentration [volume in ml | concentration | volume in ml inftial final

With the data obtained, carry out the following calculations:

(1) On the basis of the initial and the final temperature, as well
as the over-all volume of the solution, calculate the quantity of heat
in Cal. evolved in the course of the reaction (assume the relative den-
sity of the solution to be equal to 1, and the thermal capacity of the
solution, equal to that of water).

(2) Write the equation for the reaction of neutralisation that
takes place and calculate the thermal effect of the neutralisation of 1
gram-equivalent of the acid.

(3) Determine the relative error of the experiment, knowing that
13.7 Cal.is evolved when 1 gram-equivalent of a strong acid is neutral-
ised by an equal amount of a strong alkali.

3. Determining the Heat of Solution of an Anhydrous Salt. Pour
25 ml of distilled water into a Dewar vacuum flask or into a beaker
with a heat-insulating jacket. Place an Assman thermometer into
the vessel (I ecm above its bottom), fixing the thermometer in posi-
tion by a clamp attached to a ringstand. Note the temperature of
the water to 0.1°. Now quickly transfer into the water the anhydrous
cupric sulphate obtained in the first experiment and, while stirring
the water, note the maximum temperature of the solution to 0.1°.

Since we know the temperature difference, the over-all mass of
the solution (equal to the weight of the salt and the water), and the
specific heat of the solution (which we assume to be equal to 1), we
can calculate the amount of heat evolved in this process (the hydra-
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g

tion of the anhydrous salt and its solution). This amount of heat can
then be referred to one mol of the anhydrous salt.

Next, on the basis of Hess’s Law, calculate the thermal effect of
the reaction

1. CuSO, + aq = CuSO,-aq 4 Q

it being known that the hydration of the anhydrous salt and the so-
lution of the pentahydrate are expressed by the following thermo-
chemical equations:

2. CuSO, + 5H,0 = CuSO,-5H,0 + 18.6 Cal.
CuS0,-5H,0 + aq = CuSO,-aq — 2.75 Cal.

Compare the experimental and theoretical thermal effects and
determine the relative error of the experiment in per cent.

Exercise 9

REACTION RATES AND CHEMICAL EQUILIBRIUM

SUBJECTS FOR STUDY

The rate of a chemical reaction and the effect of concentration and temperature
on it; irreversible and reversible reactions; concentration and active mass; Law of
Mass Action; chemical equilibrium constant; shifting of chemical equilibrium under

the influence of various factors;
Le Chatelier’s Principle; the rate of heterogeneous reactions and the effect of the
solid phase surface; catalysis.

1. The Rate of Chemical Reactions. Substances interact chemically
in the gaseous or the liquid state when their molecules collide.

The number of effective collisions depends upon the active mass
of the substance, which is proportional to the total number of mole-
cules per unit volume, or the molecular (molar) concentration of the
substance, expressed in number of mols per unit volume (1 litre).
With a change in volume, there is a change in concentration. The
volume itself depends upon the pressure (in the case of gaseous sub-
stances) or upon the dilution of the solution. But even at equal con-
centrations different reactions may proceed at different rates, these
depending upon the chemical nature of the reactants.

The rate of chemical reactions depends upon the nature of the inter-
acting substances and is proportional to the product of their molecular
concentrations.

When two substances, A and B, interact, the rate of the reaction
(v) may be calculated by means of the equation

v= K[A]-[B]
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~where K is the rate constant of the reaction, depending upon the
nature of the interacting substances and upon the conditions in which
the reaction takes place (temperature and pressure), while [A] and
[B] are the molar concentrations of the substances.If[A]= [Bl=1,
K is numerically equal to the rate of the reaction. The rate of a reac-
tion is measured by the change in molar concentration per unit time
(in a second or minute).

Example. One litre of 2M acetic acid is mixed with one litre of 3M ethyl alcohol.
Determine the rate of the reaction of the formation of the ester,ethyl acetate, at the
initial moment. How will the initial rate change, if the solutions are each diluted
by an equal volume of water before mixing?

The total volume of the mixture of the solutions is 2 1it,
The molar concentrations are: [CHsCOOH]=1 and [C:H;OH]=1.5.
The rate of the reaction is calculated according to the equation

CH3COOH-+ C3H;OH — CH3COOC.Hs -+ H,0

9 = K-[CH3COOH].[C:H50H] = 1.5K
When the solutions are diluted, the total volume of the mixture becomes 4 lit.
The molar concentrations will, accordingly, be:
(CHsCOOH] =0.5 and [CaHsOH] =0.75
2 = K.0.5.0.75 = 0.375K

Consequently, when the solution is diluted by an equal volume of water, the re-

1
action rate drops to—4—.

If two substances react in such a way that for every m molecules
of the substance A there are n molecules of the substance B (where m
and n are integers greater than 1), the reaction rate for the interaction
mA + nB will be:

v= K [A]".[B]"

In other words, the exponent of the concentration in the equation of
the reaction rate is equal to the coefficient for that substance in the
equation of the chemical reaction.

Example. How will the rate of the reaction 2HsS - Oz change if the pressure
is increased threefold?
If we denote [H2S] at the initial pressure as C; and [Os] as Cq, the reaction rate v

can be expressed by the equation: v = K-C2-C;,
If the pressure is now trebled, the concentration of the reacting gases wil' increase
aiclci‘orgingly: [H2S]=3C; and [O:]=3Cz. The reaction rate under the new conditions
Wi e:
0 = K-+(3C1)2-3C2 = 27.K-C2.Cy
The reaction rate, hence, increases 27 times.

5. The Law of Mass Action. All chemical reactions can be divided
into two types: irreversible and reversible reactions. Reactions pro-
ceeding in both opposite directions at the same time are called re-
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versible, while those which proceed practically to the end in one di-
rection are called irreversible. The number of irreversible reactions is
limited; most reactions are in practice reversible.

A general equation for reversible reactions may be written as follows:

mA 4 nB 2 pCl+ ¢D

The rates for the forward process (v4) and the back process (v,) are
expressed by the respective equations:

v, = K’ [A]™-[B]"
Uy = K” [C]p' [D]q

where [A], [B], [C], and [D] are the molar concentrations of the sub-
stances.

When equilibrium is established, the forward and back reactions
do not cease; they continue in opposite directions at equal rates.

If vy = v,, the right-hand parts of the above equations are like-
wise equal, i. e.:

K’ [A]".[B]" = K" [C)”ID}*

The Law of Mass Action may be formulated thus: When equilibri-
um is attained, the product of the active masses of the reactants by the
velocity constant of the forward reaction equals the product of the ac-
tive masses of the resultants by the velocity constant of the back reac-
fion.

From the previous equation it follows that

kK _ 1¢)°-[D)?

K" [A)™.[B)"
The ratio of two constants is a constant; hence

_ IcP-py?
[A]™-[B]"

The chemical equilibrium constant K is the ratio of the product of
the molar concentrations of the resultants to the product of the molar
concentrations of the reactants at the moment when equilibrium is
attained.

In deriving the equilibrium constant, it is customary to have the
product of the concentrations of the resultants as the numerator.
For instance, for the reversible reaction

4HCI 40, 2 2H,0 4 2Cl,
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the equation for the equilibrium constant should be written as fol-
lows:
K — [HOP: (Claf?
[HCI*- [0l

If in such a system which has attained equilibrium, we were to in-
crease the concentrationof HCl,there would have to be either an increase
in the numerator or a decrease of the second factor in the denomina-
tor, i. e., the quantity [O,]. This could take place through a shift of
the equilibrium from left to right, leading to the formation of addi-
tional quantities of H,O and Cl,. In the new steady state of equilib-
rium reached, the concentrations of all four substances will be different
from the initial values, whereas the value of K will not have changed.

Consequently, to shift the equilibrium from left to right, it is nec-
essary either to increase the concentration of one of the substances
which appear to the left of the reversibility sign (<2)in the equation
of the reaction or to reduce the concentration of one of the substances
which appear to the right of that sign.

By means of the equation for the equilibrium constant, it is possi-
ble to determine the concentrations of substances at equilibrium,
knowing the value of K and the initial concentrations, or vice versa.

If the initial concentration of substance A is denoted as [Alnu,
while the number of mols of this substance that has reacted by the
time of equilibrium is denoted [Al;.c, the molar concentration at
the moment of equilibrium [A]., may be expressed as

[A]eq [A]Inlt - [A]reac

Example. For the system
CO + HaO 2 Hz -+ CO,

in equilibrium, K =1.0 at 830°. Determine the concentrations of all the substances
at equilibrium, knowing that the initial concentrations [CO]=2M and [H:0]=3M.
The equatlon for the equilibrium constant may be written thus:

[H:]-[CO:] 1.0
[COT-[H:0] =
The following table should now be drawn up:
. co H,0 Co, H,

Initial concentrations . . . . . . . .. 2 3 — —
Mols that have reacted . . . . . .. x X — —
Mols formed . . . .., . . . . . ... — — X x
Concentration at equilibrium . . . . . 2-x 3-x X x

In that case
( X2

From this it Tollows that
o9x=6 and x=g=1.2
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Consequently, at equilibrium:
[CO] = 2—1.2 = 0.8M
[H:0] = 3—1.2 = 1.8M
[He] = [CO:] = 1.2M

In the above example the coefficients of all the substances involved:
in the reaction are equal to 1, and determining the concentrations at
equilibrium is therefore not difficult.

On the other hand, in the system

4HCI 40, 2 2H,0 -+ 2Cl,

which islikewise in equilibrium, the coefficients are not equal to 1,
and they must be taken into consideration in determining the molar
concentrations at equilibrium. If x mols of HCI have reacted by the
time equilibrium is attained, the number of mols of O, to react will
have been—i— of that amount, i. e., —Z— , while the number of mols of H,0
and Cl, formed by that moment will be half the amount of mols of
HCL, i. e, 3.

3. Reaction Rates in Heterogeneous Systems. The relationships
considered above apply only to homogeneous systems.

A system in chemistry is a part of space filled with a substance or
mixture of substances and isolated from the surrounding medium.
The parts of a system which have throughout the same physical prop-
erties, a uniform chemical composition, and an interface are termed
phases.

Mixtures of gases, liquid water, and solutions are all examples of
hornogeneous systems (the number of phases is 1).

Heterogeneous systems are those which consist of several phases,
e. g.:

water—ice—water vapour (the number of phases is 3);

water—oxygen—hydrogen (the number of phases is 2);

magnesium carbonate—magnesium oxide—carbon dioxide (the-
number of phases is 3).

The laws which govern reactions proceedeng in homogeneous sys-
tems do not apply in full to heterogeneous systems. For instance, in
the heterogeneous system gas—solid the molecules of the gascan
collide with the molecules of the solid only at the interface; hence,
the concentration of the solid as a whole (the mass of the solid phase):
has no effect on the reaction rate. When ferrous oxide is reduced by.
hydrogen

FeO -+ H, —> Fe -+ H,0

the rate of the forward reaction is proportional only to the con-
centration of the hydrogen, i. e., v = K'[H;].
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For a system in equilibrium such as
Fe;O, + 4H, 2 3Fe -+ 4H,Ovqp

the equation for the equilibrium constant should be written thus:

[Fe]?-[H0]* K
[FesOq]-[HoJ# — 1

But since the concentrations of the solid phases [Fe,O,] and [Fel
are constants, we can transfer them to the right-hand side of the equa-
tion and combine them with the constant K,. This gives rise to a new
constant, K:

[HgO]4 . [F3304] R 74
mar — K Trep =K

The final equation for the equilibrium constant may therefore be
written thus:

IHO

THa Kk

In a heterogeneous system the reaction takes place at the interface;
the reaction rate therefore increases with the surface area of contact.
This is why solids react much more quickly in the pulverised state.

4. Effect of Temperature on Reaction Rate. Any rise in temperature
speeds the reaction, as the absorption of energy increases the number
of active molecules and the velocity of molecular movement; the
number of molecules colliding per unit time therefore increases.
Every 10° temperature increase just about doubles the reaction rate.
In some cases, however, the reaction rate increases even more (e. g.,
3-4 times).

If a temperature rise of 10° increases the reaction rate twofold*
and if we denote the reaction rate at the ultimate temperature as v,
and the reaction rate at the initial temperature as v, the relationship
between the rates may be expressed thus:

o=t
Vg, = Vp,02 10

Example. How much will the reaction rate increase as a result of a temperature
rise from 10 to 100°, if every 10° increment doubles the rate?

100-10
g 9 10— 99— .
U000 = Uy00°2 = 0yg0+ 20 = 00+ 512

The rate thus increases 512 times. d

* The number indicatin% how many times the reaction rate increases with a 10°
rise in temperature is called the temperature coefficient of the reaction,
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5. Shifting of Chemical Equilibrium. The direction in which the
.equilibrium of a system shifts whenever concentration, temperature,
or pressure changes is determined by Le Chatelier’s Principle. /f
a reversible system in a state of mobile equilibrium is subjected to some
external influence, the equilibrium shifts in such a way that the influ-
-ence is reduced.

Let us consider the following system at equilibrium:

N+ 3H; 2 2NH;3 + 2- 11 Cal.

In what direction will the equilibrium of the system be shifted if
the pressure is increased and the temperature lowered?

The volume of the initial gases N, -+ 3H, is double the volume of
the product 2NH,. The system will therefore react to an increase in
pressure by an equilibrium shift towards the smaller gas volume.

The formation of ammonia is accompanied by the evolution of
heat (4-2-11 Cal.), while the reverse process (ammonia decomposi-
tion) proceeds with the absorption of heat (—2-11 Cal.). Consequent-
ly, the system will react to a drop in temperature by an equilibrium
shift from left to right in the direction of the exothermic process,
i. e., the evolution of heat.

Exercise. How does a rise in temperature and pressure affect the equilibrium of
the following systems:

2Nz 4 O3 2 2N,0 — 2-19,65 Cal.
Hs 4 Brg 2 2HBr - 2.8,65 Cal.
2C 4 05 2 2COA4--2-26,42 Cal.

6. Catalysis. Cafalysis is a change in the speed of achemical proc-
ess under the influence of a foreign substance present in the reaction
system, the composition and amount of the foreign substanceremain-
ing unchanged at the end of the reaction. Solid, liquid, and gaseous
substances may alter the speed of a chemical process, i. e., act as
.catalysts.

In homogeneous catalysis the reactants and the catalyst constitute
-a one-phase system (e. g., the interaction of the gases NH; and HCI
in the presence of H,O vapours).

In heterogeneous catalysis the reactants and the catalyst form a two-
phase system (e. g., the ignition of a mixture of oxygen and hydrogen
on the surface of platinum black, a solid).

A catalyst does not initiate a chemical process; it has the same
.effect on the rate of both the forward reaction and the back reaction,
thereby hastening the establishment of equilibrium in the system
without, however, affecting that equilibrium in any way.

In heterogeneous catalysis relatively large amounts of reactants may
react in the presence of small amounts of the catalyst. In homogeneous
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catalysis the rate of the reaction is practically proportional to the
amount of the catalyst.

The activity of catalysts and sometimes the specific character of
their effect depend markedly upon temperature.

QUESTIONS

1. How will the rate of a reaction change with concentration? The
concentrations of reactants A and B are given in the following table,
together with the reaction time:

Concentration of substance A in mols/I 1 1 1 1
Concentration of substance B in mols/l 1 0.66 0.50 0.33
Reaction time in seconds . . . . .. 18 27 36 54

Plot a chart of the reaction rate as ordinate against the concentration
as abscissa. What type of a line is the function? Should it pass through
the origin of the coordinates?

2. Write the equations for the rates of the forward reactions:

9H, 4+ 0, — ANH, +50,—  2Mg 40, —

3. Give examples of homogeneous and heterogeneous systems. In
what way do they differ?

4. Given the reversible system CO, 4 H, & H,0 + CO. Will
there be an identical shift of equilibrium in two such systems under
the same conditions if 100 g of water vapour is added to one system,
while 100 g of carbon monoxide is added to the other?

5. Considering the state of the substances in the system, write equa-
tions for the equilibrium constants of the following reactions:

CuO + H, 2 H;,0 + Cu
CaCO,; 2 Ca0 + CO,
6. Under what conditions should the reaction
Ny + O, 2 2NO — 43.06 Cal.

be conducted to obtain a maximum yield of nitrogen oxide? (Apply
Le Chatelier’s Principle).
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Problems

1. The equilibrium constant for the reaction CO 4 Cls = COCls equals 39.4. If
at equilibrium [CO]=0.2 and [COCl;]=0.8 M, calculate the initial quantity [Cls].

2. The equilibrium constant of the system CO+ H3aO = Ha+ COp at a certain
temperature is equal to 1. If the initial concentrations [CO] =1 and [H20]= 3,
what will be the concentrations of all the substances at equilibrium?

3. At 250° the equilibrium constant of the system PCls=2PCls-- Cls equals 0.0414.
How many mols of PCls were placed in allitre vessel at that temperature, if the val-
ue of [Clz] turned out to be 0.1 M?

4. The concentrations at equilibrium in the system 2Na+4 Oz 2 2N2O were found
to be [N2}=0.72, [O2]=1.12, and [N20]=0.84. Determine the equilibrium constant.

5. The equilibrium constant of the system Ha I2 2 2HI equals 40. How many
mols of hydrogen have to be introduced into the system per mol of iodine to ensure
that 60% of the iodine be converted to HI (at a constant volume of the system)?

6. Calculate the equilibrium constant of the system N2aO, 2 2NO; if the initial
concentration of N2O,=0.02 and the dissociation at equilibrium is 60%.

7. Find the equilibrium constant of the system 4HCI 4 O.2 2H20 «-2Cl3 if
at equilibrium [H20]=[Cl:]=0.14, [HCI]=0.2, and [0:]=0.32

8. The equilibrium constant of the system Hs+ I» = 2HI at 443° equals 50. At
equilibrium the concentration of HI proved equal to 0.0315 mols/1, while the con-
centration of Iz proved equal to 0.0114 mols/l. Calculate the hydrogen concentration
at equilibrium.

9. Equilibrium in the reaction of acetic acid with ethyl alcohol is expressed by
the equation:

CH3COOH -+ C:HsOH 2 H20 + CHsCOOC,Hs

How many mols of the ester are there in the system at equilibrium, if the equilibrium
constant equals 4, and the initial concentrations of the alcohol and the acetic acid are
5 M and 2 M respectively.

10. One millimol of a substancereacts in 1 minute at 80°. How many millimols
will react during the same time, if the temperature is raised first to 120° and then to
180° (the temperature coefficient of the reaction equals 2)?

LABORATORY WORK

Apparatus and materials: the set-up shown in Fig. 37; porcelain mortar; 250-400
ml beaker; 50 ml beaker; 3 burettes; 3 burette funnels; test tubes and rack; horn or
glass spatula; thermometer up to 100°; metronome; stop watch; 25 ml measuring cylin-
der; splinters; 10 x 10 cm squared paper; filter paper; wax pencil; manganese dioxide
in powdered form; 1:9 powdered mixture of manganese dioxide and ferric oxide; pow-
dered ferric oxide; powdered silica; crystalline potassium chloride; potassium iodide;
lead nitrate; chalk in lumps; ferric chloride saturated solution; potassium thiocya-
nate saturated solution; 2N HCI; 3% and 0.29% solutions of hydrogen peroxide; so-
dium thiosulphate solution containing 75 g of NaS;0s per litre, and sulphuric acid
solution (15 ml of H2SO,, relative density 1.84, per litre).

1. Reaction Rate in Homogeneous Systems. In the reaction between
sulphuric acid and sodium thiosulphate
(a) Na,S,0; + H,SO, = H,S,0; + Na,SO,
(b) HgSzOs = Hgo + 802 + S

the insoluble sulphur is precipitated in the form of slime. The time
elapsing from the beginning of the reaction to the appearance of the



78 Exercise 9

first traces of slime depends upon the concentration of the reactants
and the temperature.

Fill three burettes with water, a solution of sodium thiosulphate,
and a solution of sulphuric acid respectively. Fill four numbered test
tubes with the number of millilitres of thiosulphate solution and wa-
ter indicated in the table below. Pour 6 ml of sulphuric acid solutiom
from a burette into each of four other test tubes.

Now pour the measured quantity of sulphuric acid into test tube
No. 1, stir its contents quickly, and count the number of metronome
beats from the moment when the liquids were combined until any slime
appears. The reaction rate is inversely proportional to this period

of time (v = —;‘—).

Volume in ml N2,S.0.
3o2\Vs
No. of b concentration |[Time (No. of met- Reactlon rate
o.of testtube | Na,S,0, a ronome beats) ¢ v = -
solution a| H:0 b a+b ¢
1 6 0 1
2 4 2 2/3
3 3 3 1/2
4 2 4 1/3

Perform similar experiments with all the other -test tubes. Draw
a chart (this can be done conveniently on squared paper), plotting the
concentration as abscissa against the reaction rate as ordinate *.
A suitable scale is 3 ¢cm for the minimum concentration and 8 cm for
the maximum rate.

What kind of a line is the function?

Does it run through the origin of the coordinates? If so, why?

2. Effect of Temperature on Reaction Rate. Pour 4 ml of sodium
thiosulphate solution from a burette into each of four clean numbered
test tubes (1, 2, 3, 4) and pour 4 ml of sulphuric acid solutioninto
each of four others (la, 2a, 3a, 4a). Place all the test tubes into a beak-
er with water; five minutes later, after measuring the temperature
of the water, combine the contents of test tubes 1 and la; count the
number of metronome beats until any slime appears (do not forget
to stir the solutions first).

Heat the beaker with the test tubes 10° above the original tempera-
ture and repeat the experiment, this time with test tubes 2 and 2a.
Carry out similar experiments with the other test tubes, each time
raising the temperature by another 10°.

0* It is advisable to express v in decimals to hundredths and then multiply by
100,
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Record the experimental results in the form of a table:

No. of test Temperature | Time (No. of | Reaction rate
tube of experiment | metronome 0= L
in°C beats) f, t,

Show the effect of temperature on the reaction rate by means of &
chart, plotting the temperature as abscissa. A suitable scale is 2 cm
for 10° and 8 cm for the maximum reaction rate.

What effect has temperature on the rate of the reaction studied?

Does the rate—temperature curve pass through the origin of the coor-
dinates? .

3. Chemical Equilibrium. A classic reversible reaction is that be-
tween ferric chloride and potassium or ammonium thiocyanate. The:
resulting solution of ferric thiocyanate Fe(SCN); exhibits a red col-
ouration whose intensity depends upon concentration. A shift of
equilibrium is therefore easily detected by the changed intensity of
the colour.

Pour 20 ml of water into a beaker and add 1-2 drops of saturated
solutions of FeCl; and KSCN. Pour equal portions of the resulting
red solution into four test tubes.

Write the equation of the reversible reaction and the equation of
the equilibrium constant.

Add 2-3 drops of the saturated solution of FeCl; to the contents of
one of the test tubes. Write up your observations and explain what
has happened on the basis of the equation for the equilibrium constant.

Add 2-3 drops of the saturated solution of KSCN to the contents
of another test tube. Explain the change observed. Why does a change
in the concentration of KSCN cause a more pronounced shift of equi-
librium than does a change in the concentration of FeCly?

Drop a small piece of solid potassium chloride into the third test
tube and shake it vigorously. Compare the colours of the solutions in
test tubes 3 and 4. Give an explanation.

What changes in concentration are required to shift the equilibrium
to the right or to the left?

4. Reaction Rate in Heterogeneous Systems.

(@) Pour hydrochloric acid into two test tubes, filling */,0f each.
Take two lumps of chalk of equal size, grind one of them to a powder
in a mortar, and transfer the powder to a sheet of paper. Then pour
the powder into one test tube and, simultaneously, drop the lump of
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chalk into another. In which of the test tubes does the reaction pro-
ceed faster? Why?

(b) Mix a few crystals of lead nitrate and potassium iodide in a
mortar gently without grinding them witia a pestle. Is there any change
of colour?

Then grind the crystals vigorously with a pestle and note how the
powdered mixture acquires a yellowish tinge. Write the equation of
the observed process. Add a few drops of water by means of a dropping

glass: the mixture instantly ac-
N quires a bright yellow colour.
Explain the whole experiment.

5. Effect of Catalysts on Reac-
tion Rate. Pour 3 ml of a hy-
drogen peroxide solution into each
of three test tubes. Add a pinch
of manganese dioxide to one, an
equal amount of ferric oxide to
the second, and of silica to the
third, all simultaneously. Observe
the decomposition of the hy-
drogen peroxide with the evolu-
tion of oxygen (glowing
splinter test). Does the process
proceed at the same rate in each
case? Write the equation of the

Fig. 37. Apparatus for hydrogen perox-
ide decomposition

) reaction.
{ —flask with side arm; 2—test tube; . N
8 — rubber _tublng; 4 — gas-delivery tube; 6. The Kinetics of the Cataly-
? i eudlometer. tic Decomposition of Hydrogen

Peroxide. The experiment is
conducted in the set-up shown in Fig. 37. It consists of a flask (1),
a small test tube (2), rubber tubing (3), a delivery tube (4), a vessel
(5), and a eudiometer (6).

Fill the eudiometer with water and lower it into the vessel with
water. Place the end of the delivery tube from the flask under it. Pour
40 ml of 0.2% hydrogen peroxide, measured in a measuring cylinder,
into the flask, dry the interior of its neck with rolled up filter paper,
and attach the rubber tubing to the neck.

Weigh 0.10-0.12 g of the powdered mixture of manganese dioxide
and ferric oxide in a test tube. Connect the test tube with the rubber
tubing. Then lift the test tube into a vertical position (as shown by
the broken line in the figure); start the stop-watch as soon as the first
bubble of oxygen emerges from the delivery tube. Note the volume of
oxygen displaced at the end of every minute; conduct the experiment
for 10 minutes. Then repeat it.

Plot the results of the experiment in the form of acurve represent-
ing the rate of the decomposition of the hydrogen peroxide as a func-
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tion of time. In doing so, plot the time as abscissa (I min.= 1cm) and
the volume of oxygen displaced every minute as ordinate (1 ml of
oxygen = 1 cm).

Describe how the process proceeded during the interval of time in
which it was observed.

Record the results of the experiment as follows:

Time I min {[2min| 3 min | ...... 10 min
Exper. 1 I
Total volume of O )
in ml 2| Exper. 2 l
Exper. 1 l
Volume of Og in ml Exper. 2 l
for every minute
Average
figures

Exercise 10

PREPARATION OF SOLUTIONS

SUBJECTS FOR STUDY

The concentration of a solution and various ways of expressing it; percentage,
molar, molal, and normal concentrations; titres; calculations in converting one
type of concentration to another; the preparation of a solution according to a
weighed amount and by diluting a concentrated solution.

The concentration of solutions is in most cases expressed by the
amount of the solute by weight in a definite weight or volume of the
solution or the solvent. More specifically, concentration is usually
expressed in one of the following ways: as percentage concentration
(%), as molar concentration (M), as molal concentration (m), or as
normal concentration (N). In addition to this, the concentration of
a solution may be expressed in terms of its titre (T). Percentage and
molar concentrations were defined in Exercise 2. The molal concen-
tration indicates how many mols of the solute are dissolved in 1,000g
of the solvent. The normal concentration is the number of gram-
equivalents of the solute in 1 litre of the solution. Finally, the
titre is the number of grams of the solute in 1 ml of the solution.

6795
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Since the percentage and the molal concentration involve weights
of the solution, while the molar and the normal concentration, as well
as the titre, involve volumes, a conversion of one type of concentra-
tion to another requires a knowledge of the relative density of the
solution.

Example. Determine the molar concentration, the normal concentration, and the

titre of a 40% solution of sulphuric acid with a relative density of 1.307.
First of all, find the amount of sulphuric acid contained in1 litre of the solu-

tion (x).
One litre of the solution weighs 1,000.1.307 = 1,307 g. We can then set up the
proportion:
100 — 40
1,307 — x
Hence. 1,307-40
X=""(50 " = 522.8 g

The titre of the solution is not difficult to determine: T = %g(%()% = ().5228.

Since we know that the molecular weight of sulphuric acid is 98 and its equivalent
98 . 522.8
is = = 49, we are able to determine the molar concentration M = T 5.33

2
522.8
and the normal concentration N = 7{@“=10'66'

It is evident from the above example that such a conversion in-
volves first turning the known concentration into the amount of the so-
lute and then turning that into the concentration sought.
| Very common calculations are those connected with diluting so-

ations.

Example. What volumes of a 44% solution of KOH (relative density 1.46) and
water should be mixed to prepare 801litof a 12% solution with a relative density o
1.10?

First, determine the amount of anhydroussKOH that-the required solution should
contain. The relative density of the solution is 1.10;the required amount, 80 lit.
Its weight will therefore be 80-1.10 = 88 kg. From the required concentration we
derive the weight of the anhydrous KOH needed to prepare the solution:

100 kg contains 12 kg of KOH
88 kg ] x 77 »

88.12
X = —W = 10.56 kg of KOH

| We then find what amount of the initial solution contains this quantity of the
alkali:
44 kg of KOH is contained in 100 kg of the solution
10.56 » » » » ”» X ”n " ” ”n

10.56-100
X=——y—

T =2 ke
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Since the relative density of the initial solution is known, it is not difficult to
determine its volume:
24 .
U = .——1.46 =16.4 lit

We now determine the volume of the water: 80 — 16.4 = 63.6 lit.
Answer. We must take 16.4 it of 44% KOH and 63.6 1it of water.

When weighed quantities (a, b) of several solutions of the same
substance, with different percentage concentrations (A%, B%), are
mixed, the concentration (¥x%) of the substance in the mixture is cal-
culated by means of the formula:

aA+4b-B=(a-+0b)x

The formula is derived as follows. Let a grams of the solution of con-
centration A% be mixed with b grams of the solution of concentration
B%. The weight of the resulting mixture will be a -+ b, while .its
concentration will be x%. In the first solution the quantity of the
solid (100%) substance is%, while in the second it is %.%, in the mix-
(a+b)-x

oo - We may therefore write the sum:

ture it will be

a-A b-B  (a--b)-x

100 + 100 100
When we eliminate the common denominator, this yields the for-
mula given above.

Example. Twenty kg of a 6% solution of sodium chloride is mixed with 12 kg of
a 14% solution of the samne salt. Find the concentration of the salt in the mixture.
Substitute the data given into the formula:

20-6 - 1214 — (20 - 12)-x
This yields
20-6 -12.14 288 9
r=TT204012 B

The concentration of the salt in the mixture is 9%.

When given volumes of solutions are mixed, these should first be
converted to weights by means of the relative densities; this makes
it possible to use the same formula for the rest of the calculations.

In engineering the concentration of solutions is sometimes expressed
in degrees Baumé. In the Baumé scale 0° corresponds to the rela-
tive density of water, while 10° corresponds to the specific gravity of a
10% solution of NaCl. Tables for converting degrees Baumé to rela-
tive density may be found on p.332. The following formulae may also
be used for such conversion.

L34
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For liquids heavier than water the formulae are:

144.3
T= T3 —pe

For liquids lighter than water the formulae are:

1443 o 1443 ;
T—m and Be-————T————-144d

and Bé° = 144.3 —

144.3
T

QUESTIONS

. Define the concentration of a solution.

2. For what substances do the values of the molar and normal con-
centrations coincide?

3. Find the gram-equivalents of the following substances:

Pb(NOy),  HPO,  Cr,(SOy), 18H,0

4. The relative density of a solution is 1.184. Determine the con-
centration in degrees Baumé according to the formula and by means
of the table (p.332).

5. Derive the formula for finding the molal concentration of a
solution from the molar concentration. Use the designations: m for
molal concentration, M for molar concentration, v for the volume of
the solution, vy for the relative density, and G for gram-molecule.

Problems

1. Eighteen litres of a 48% solution of sulphuric acid with a relative density of
1.38 is mixed with 2 litres of a 20% solution of the acid with a relative density
of 113(1’43' Determine the percentage and the molar concentration of the resulting
solution.

2. What weights of potassium hydroxide and water should be taken io prepare
75l1itof a 12% solution with a relative density of 1.1? Determine the titre of such a
solution.

3. Determine the titre and percentage concentration of a 3 N solution of H3PO,
if its relative density is 1.055.

4. The titre of a nitric acid solution is 0.122; its relative density is 1.064. Deter-
mine its percentage and its normal concentration.

5. One litre of a solution contains 112 g of lead nitrate Pb(NOy),; the relative
density of the solution is 1.082. Determine the percentage, molar, and normal con-
centrations of the solution and its titre.

6. What volumes of water and of a 25% solution of ammonia (relative density
0.91) should be taken to prepare ! litre of a 10% solution with a relative density of
0.96?

7. How many mols of ammonia are contained in 1 litre of a 12.74% solution of it
with a relative density of 0.95?

8. Determine the percentage and the molar concentration of a nitric acid solution
prepared by mixing 85.litof a 60% solution (relative density 1.373) and 25 !it of a 24%
solution (relative density 1.145).

9. Determine the conceniration of a sulphuric acid solution, knowing that 4 kg
of that solution, when mixed with 16 kg of a 40% solution of the same acid, prc-
duced 20 kg of a 36% solution.

10. Determine the titre and the normal concentration of a 25% solution of sodium
nitrate with a relative density of 1.185.



Preparation of Solutions 85

LABORATORY WORK

Apparatus and materials: a 100 and a 250 ml measuring cylinder; 300 ml narrow
cylinder for measuring relative density; 500 ml flat- bottom flask; hydrometer (for
relative densities 1-1.4); glass stirrer (30 cm long glass tube with a bulb about 3 cm
in diameter at the end); saturated solution of potassium sulphate; crystalline mag-
nesium sulphate; 22.5 and 7.5% solutions of sodium chloride.

1. Preparation of a Solution from a Concentrated Solution and
Water. Receive an individual assignment from the instructor: for
example, to prepare 250 ml of a solution of K,SO, with a relative den-
sity of 1.025 from the laboratory solution.

To carry out the assignment it is necessary to establish the per-
centage concentrations of the required solution and the available one.

In a reference book find the percentage concentration of the re-
quired solution on the basis of the givenrelative density (1.025). Deter-
mine the relative density of the laboratory solution by means of a
hydrometer to - 0.003 and note the temperature at which the meas-
urement was made. In the reference book find the percentage con-
centration corresponding to that relative density. If the value re-
corded by the hydrometer is not given in the book, find the required
concentration by the method of interpolation (explained in Exer-
cise 2).

Now that all the data needed for the calculation are available de-
termine the volumes of the laboratory solution and water that have
to be mixed to give 250 ml of the required solution. To do this, first
find the weight of the substance needed to obtain the required solu-
tion; then determine the weight of the laboratory solution containing
the required amount of the substance; finally, knowing the relative
density of the solution, determine its volume. The difference between
the volume required and that found for the laboratory solution gives
us the volume of the water.

When the calculation is finished, measure off the calculated amounts
of the laboratory solution and water, pour them into a high cylin-
der, mix them thoroughly with a stirrer (tube with ball), and meas-
ure the relative density with a hydrometer.

Then wash the hydrometer with clean water, wipe it dry, and put
it away. Pour the prepared solution into a special carboy. Establish
(in per cent) the discrepancy between the calculated relative density
and the experimental value. A considerable discrepancy points to an
error either in calculations or in the experiment.

2. Preparation of a Solution from Two Solutions of Different Con-
centration. Receive an individual assignment from the instructor:
for example, to prepare 250 ml of a 9 4% solution of NaCl from a 7.5%
solution and a 22.5% solution of the same salt.

In the appropriate reference tables find the relative density values
for all three solutions and calculate the volumes of the 7.5 and 22.5%
solutions necessary to prepare the required solution. Measure off the
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calculated amounts of the solutions, pour them together, mix them
thoroughly, and determine the relative density of the prepared solu-
tion. Establish the discrepancy between the calculated and measured
relative densities.

3. Preparation of a Solution from a Weighed Amount of a Solid
Substance and Water. Receive an individual assignment from the
instructor: for example, to prepare 250 ml of a 6.5% solution of MgSO,.

To carry out the assignment, first calculate how much solid salt
this is, considering that the salt crystallises with 7 molecules of water.

Weigh the calculated amount of salt, transfer it into a beaker, and
dissolve it in half the requircd water (stir). When the salt dissolves,
pour it into a cylinder, add water to bring the volume up to 250 ml,
and mix the solution thoroughly. Determine the relative density of
the solution by means of a hydrometer and establish the discrepancy
between this value and that in the reference book.

Exercise 11

SOLUBILITY OF SUBSTANCES

SUBJECTS FOR STUDY

Solutions; processes that take place when a substance dissolves; crystallisation,
the reverse process; saturated and supersaturated solutions; solubility and the solu-
bility coefficient; solubility curves, and thermal effects of solution.

There is a limit to the ability of a solid substance to dissolve in a
certain quantity of a solvent at certain conditions (temperature and
pressure). An excess of the solid creates a saturated solution, i. e., a
system consisting of two components in which there is mobile equi-
librium between the liquid phase (the solution) and the solid phase
(the solute).

The concentration of a saturated solution at given conditions is
constant for every substance and is called its solubility. Solubility is
usually expressed by the number of parts by weight of the anhydrous
substance saturating 100 similar parts by weight of the solvent at
given conditions. In some books the number indicating the solubil-
ity of a substance is termed the solubility coefficient.

Not infrequently solubility is expressed in percentages,i.e., by the
number of parts by weight of the solute in 100 parts by weight of the
saturated solution.

In practice the solubility of liquid and solid substances depends
upon temperature, since their volume is not affected appreciably by
pressure. This dependence can be expressed graphically in the form
of a solubility curve (Fig. 38) by plotting the temperature as ab-
scissa against the solubility as ordinate.
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A solubility curve is a graphic representation of the solubility of
a substance at different temperatures; it can be used for the calcula-
tions involved in purifying solids by the process of recrystallisation.

Example. 1t is required to recrystallise 1 kg of cupric sulphate (in terms of the an-
hydrous salt). Calculate the amount of water in which it should be dissolved and

the yield of recrystallised salt if the cupric sulphate is dissolved at 100° and the so-
iution then cooled to 15°.
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Fig. 38. Blue vitriol solubility curve

On the chart (Fig. 38) find the solubility of the salt at 100° and at 15°.
The solubility in 100 g of water at 100° is given by the ordinate y, =73.6; the so-
lubility at 15° by the ordinate y; == 20.5.

Since dissolving 73.6 g of the anhydrous salt at 100° requires 100 g of water,
to dissolve 1,000 g of the salt, we shall need x g of water:

100-1,000 )
*="Tyg =LV

When the solution saturated at 100° is cooled to 15°, the number of grams of the
salt precipitated will be equal to the diflerence between the ordinates on the chart:

Ya— Y1 = 73.6 — 20.5 = 53.1

Since the cooling of a solution prepared from 73.6 ¢ of the salt yields 53.1 g of
the solid salt, the cooling of*a solution prepared from 1,000 g of the salt will yield
x grams (in terms of the anhydrous salt):

53.1.1,000
x= e =22 g

The yieid of the recrystallised salt will therefore be 72.2%.

Substances whose solubility is reduced by cooling can be crystal-
lised by lowering the temperature of a saturated solution (recrystalli-
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sation). Slow cooling causes the substance to form large crystals, while
rapid cooling produces small crystals. The smaller crystals are a purer
product with fewer impurities, since the growth of larger crystals is
accompanied by the inclusion of minute quantities of the mother-
liquid containing admixtures of foreigr, matter. A chemically pure
substance is obtained by conducting recrystallisation (sometimes
repeatedly) at a drastically reduced temperature of the solution with
vigorous stirring *. Saturation is in most cases achieved at the tem-
perature at which the solvent boils; ice, snow, or cold water is used
for cooling solutions.

Bucrner
Funnel

Filter Flask % o pump

Fig. 39. Hot-water funnel Fig. 40. Suction filter

An aqueous solution saturated at 100° often has to be filtered to
remove various mechanical impurities (dust, turbidity, etc.). This
is accomplished by meansof a special hot-water funnel. If the filter-
ing were done by the ordinary procedure, the drastic cooling of the
solution in the funnel would cause crystallisation of the substance and
hence clogging up of the filter pores; this would reduce the speed of
filtration and, more important still, would result in partial loss of
the substance.

A hot-water funnel (Fig. 39) is usually made of a copper alloy. It
has double walls and a side arm (the latter is unnecessary in the event
of electric heating). The space between the walls is filled with water
through the inlet at the top. The side arm is heated by a burner. An

* Substances whose solubility rises with cooling, such as LisCOs, Ca(CHsCOO)z,
and Sr(CHsCOO)g, are recrystallised by the reverse procedure: a solution is saturat-
ed with such a substance at the lowest possible temperature and is then heated to
boiling. The crystals formed are filtered off from the boiling solution.
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ordinary glass funnel with a short stem and a plain paper filter is
placed inside the hot-water funnel.

After the glass funnel has been warmed (this should take 10-15 min-
utes), 5-6 ml of boiling distilled water is poured into the filter and
allowed to pass through it. A clean beaker is then placed under the
filter, and the hot solution is poured into the filter. The beaker with
the filtrate, in which some crystals have formed on account of cooling,
is heated until they dissolve and then placed in a cooling medium
(snow, ice, or cold water) and stirred vigorously; small crystals are
precipitated.

Fig. 41. Filtration with the application of suction
i~ flask with porcelain funnecl for filtration; 2 — safety flask; 3 — filter pump.

The recrystallised substance is separated from the mother-liquid
by filtration with the application of suction. This is necessary because
ordinary filtration leaves a great deal of mother-liquid on the surface
of the crystals (which contaminates the product with impurities)and
they require prolonged drying.

The porcelain funnel used for this purpose and known as a Biichner
funnel (Fig. 40) has a perforated bottom. Two pieces of filter paper
are placed over the funnel, and its upper rim is traced on the paper
by the blunt end of a pair of scissors. Two circular filters are then cut
out: the first coinciding exactly with the traced circle, the second
having a diameter 3-4 mm smaller. The smaller filter is put into the
funnel first. When both filters are in the funnel, they should be moist-
ened with water and their edges pressed tight to the rim with a finger
so that there are no cracks. The stopper supporting the funnel is then
fitted inlo a filter flask (Fig. 40), and this, through a safety flask, is
connected to a suction pump (Fig. 41). Suction is applied, and the
solution with the crystals is transferred from the beaker to the filter.
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Suction should be continued until the dripping of the solution from
the funnel ceases *. The remaining small quantity of the solution can
be removed by pressing the material retained on the filter with a clean
glass stopper (without discontinuing suction). When filtration is
complete, the filter flask should first be disconnected from the safety
flask; only then should suction be discontinued.

QUESTIONS

1. How will the solubility of Na,SO,-10H,0 be affected by a change
of temperature? Why does the solubility curve of this compound have
a point of inflection and what does it designate?

2. Three flasks contain a saturated, a supersaturated, and an un-
saturated solution of the same substance respectively. How are we
to determine which flask contains which solution?

3. Why does the solubility of most solids increase with a rise in
temperature?

4. Plot a solubility curve on the basis of the solubility data for
CaSO(see table on p. 329). Why is calcium sulphate listed among ano-
malously dissolving substances?

5. Plot a solubility curve for Pb(NOj), on the basis of the following
data:

Temperature (in °C) .. . 10 20 30 50 60 70
Solubility . . . . . . .. 44.5 52.2 60.8 78.6 88.0 97.6

Determine the substance’s solubility at 37°.
6. Who was the first scientist to study crystallisation processes?

Problems

1. The solubility of a salt at 80° is 64.7, while at 17° it is 13.8. What quantities
of the solid salt and of water ought to be taken to obtain 1 kg of the salt, if it is
recrystallised from a solution saturated at 80° and cooled to 17°?

2. A salt whose molecular weight is 168 forms a saturated solution at 18° that
has a concentration of 3.4 M. If the relative density of the solutjon is 1.22, what
is the solubility of the substance and the percentage concentration of the solution?

3. The solubility of KySO,4 at 40° is 13.1% . Determine the molar and the normal
concentration of a solution saturated at 40°, if its relative density is 1.092.

4. A solution saturated at 100° is cooled to 14°, yielding 112 g of crystallised salt.
How much water and how much salt were taken for the recrystallisation, if the so-
lubility of the salt at 100° is 52.7, while at 14° it is 7.9?

5. Twenty millilitres of a saturated solution of ammonium sulphate weighs
20.94 g and contains 3.24 g of (NH,),SO,. Determine the solubility of the salt and
the percentage, molar, and normal concentrations of the solution.

6. A salt has a solubility of 48.6 at 100” and of 16.4 at 20°. Recrystallisation,
with cooling in that temperature range, yields 0.5 kg of recrystallised substance.
What amounts of water and salt were taken for recrystallisation?

1 ; If the filtrate is not required for subsequent work, there is no need for a safety
ask.
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7. It is known that 42.34 g of a solution contains 7.28 g of the solute. Determine
the solubility of the solute and the percentage concentration of the solution.

8. Twenty kilograms of a salt solution saturated at 60° was cooled with snow.
What amount of recrystallised salt was recovered if the solubility of the salt at
60° is 110, while at 0° it is 13.1? Calculate the yield in per cent.

9. A 9.929; saturated solution of K,SO, has a relative density of 1.082. Determine
the solubility of KsSO, and the titre of the solution.

10. The percentage solubility of KaCr:0; at 100° is 50.5, while at 10° it is
7.0. What amounts of K.Cr:0; and water should be taken to obtain 215 g of
the pure salt recrystallised in the above temperature range?

LABORATORY WORK

Apparatus and materials: drying cabinet; hot-water funnel; Biichner funne! for
filtration with the application of suction; desiccator; test tubes and rack; porcelain
mortar; porcelain casserole 7 cm in diameter; 100 ml measuring cylinder;
500 ml beaker with stirrer; four 50 ml beakers; thermometer up to 100°; glass rod;
scissors; 10 X 12 cm squared paper; filter paper; crystalline potassium bichromate;
crystalline sodium thiosulphate; crystalline sodium acetate; crystalline cupric sul-
phate; 0.5 N solution of potassium iodide; 0.5 N solution of lead nitrate, and some
s:tfllt)whose solubility is to be determined (KCI, KNOg, K,SO4, KyCr,07, Ba(NOy),,
<lC.).

1. Determining Solubility. This exercise should be carried out by
a group of students, each determining the solubility at some one
temperature. The individual assignments should be given by the in-
structor.

Weigh a poicelain casserole to 0.01 g.

Pour 10 ml of water into a small beaker, add 1-2 g of a finely ground
salt, place the beaker into a wire ring, and lower it into a large beak-
er with water (Fig. 42). Heat or cool the large beaker to the required
temperature and then adjust the flame of the burner so that the tem-
perature of the water in the beaker remains constant.

If, after a certain time, all of the substance has dissolved, another
portion is added, and so on until part of the solid salt remains undis-
solved. All this time the solution should be stirred and the tempera-
ture watched. The saturation of the solution, at a constant tempera-
ture, should be continued for 20-25 minutes.

Then remove the thermometer and the stirrer from the beaker. Allow
the undissolved solute in the saturated solution to settle and quickly
transfer the liquid to a weighed casserole, leaving the crystals in the
beaker. Weigh the casserole with the solution.

Now place the casserole on a ring with wire gauze and heat it until
all the water has been evaporated. Towards the end, conduct the
evaporation over as small a flame as possible to avoid any splashing
of the solution and consequent loss of the substance. Then place the
casierole for 20-25 minutes into a drying cabinet (Fig. 43) heated to
115°

Cool the casserole with the dry residue in a desiccator and weigh
it. Repeat the drying of the residue and the weighing of the casserole
(do this until the results tallyl).
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From the data of the experiment determine the weight of the solu-
tion that the casserole contained and then the weight of the dry salt

/—G_, ] ||

]

Fig. 42. Preparation of Fig. 43. Drying cabinet with gas heating
saturated solution

in it. Calculate the solubility coefficient and the percentage concen-
tration of the solution. .

Substance Temperature
Weight of casserole (in g) Weight (in g) of
with solution | with dry salt empty solution dry salt water

On the basis of the experiments carried out by all the students of
the group, plot a solubility curve on squared paper, as shown in Fig. 44.
The broken line in Fig. 44 is an incorrectly plotted solubility
curve; the solid line is the correctly plotted curve. Itisevident from
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" the diagram that the experimeutal determinations of points A, B,
and C were carried out with errors.

2. Purifying a Salt by Recrystallisation. Receive an individual
assignment from the instructor: for instance, to prepare 5 g of re-
crystallised potassium bichromate in fine crystals.

\

Solubility
n
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Y

Temperature
Fig. 44. Experimental solubility curve

Choose the temperature range for the proposed recrystallisation.
On the basis of the initial and final temperatures, using the solubil-
ity table at the end of the book, calculate the amounts of the salt
and water that should be taken to prepare the required amount of the
tecrystallised product.

Pour the calculated amount of water into a beaker. Weigh the
required amount of the salt and pour it into the beaker with the water.
Prepare a hot-water funnel for use. Heat the beaker with the water
and salt on wire gauze with an asbestos centre until the water be-
gins boiling and then pour it quickly into the filter in the funnel.

Heat the filtered solution, in which crystals have appeared with
cooling, until the crystals dissolve; then cool the beaker, using snow
or water from the tap. The solution should be stirred. The crystals
formed should be removed by filtration with the application of suc-
tion, translerred from the funnel to filter paper, pressed in it to re-
move moisture, and then dried in the air for 20 minutes, with occa-
sional stirring by a glass rod. Drying may be considered complete
when the small crystals no longer cling to a dry glass rod.

Weigh the crystals and calculate the yield in per cent.

3. Preparing a Supersaturated Solution. (a) Pour 1 ml of water
into a dry test tube containing 5-6 g of powdered sodium thiosulphate.
Heat the contents of the test tube carefvlly until the entire salt dis-
solves by lowering the test tube into a beaker with hot water. Make
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sure that there are no small crystals of the salt on the test tube wall."
Close the test tube with some cotton wool and cool the solution slowly
to room temperature.

Open the test tube and introduce a tiny crystal of the same salt
(a “seed crystal”) into it; this initiates crystallisation in the supersat-
urated solution. Hold the test tube in your hand and note that the
solution grows warmer during crystallisation. Why is the precipita-
tion of the solid phase from a supersaturated solution attended by
the evolution of heat? Pour the solution with the crystals into a spe-
cial bcttle.

(b) Conduct a similar experiment with codium acetate. Write up
the experiment.

List the substances you know that can be used to prepare super-
saturated solutions.

4. Effect of Surface Area on Rate of Solution. Pour 10 ml of dis-
tilled water into each of two small beakers. Weigh two 1 g amounts
of cupric sulphate in large crystals. Grind one of the portions of cup-
ric sulphate in a mortar to a fine powder. Transfer both porticns inte
the beakers with water and observe the time (in minutes)which elapses
before each portion dissolves completely.

Which crystals dissolve faster and why?

5. Effect of Temperature on Crystal Growth. Add 1 ml of a potas-
sium ijodide solution to an equal volume of a lead nitrate solution;
this produces a yellow precipitate. Add 10 ml of water to the preci-
pitate and heat until it boils. If the precipitate does not dissolve
fully, add more water and continue the boiling. Pour the colourless
solution into two test tubes, heat them to boiling point, and then
place one into a rack for slow crystallisation, while the other iscooled
with water. When the solutions have both cooled to room temper-
ature, compare the size of the crystals. How should a saturated solu-
tion be cooled when it is desirable to obtain small crystals?

Exercise 12

SOLUTIONS OF FLUIDS

SUBJECTS FOR STUDY

Liquid-liquid systems with unlimited and limited solubility; critical solution
temperature; solubility of gases; absorption coefficient; Henry’s Law and Dal-

ton’s Law; solubility of gas mixture; partial pressures; thermal effect of the solution
of gases and changes in their solubility with temperature.

Liquid-liquid systems can be divided into three groups:
(1) systems with an unlimited miscibility of the two components
at ordinary conditions (e. g., alcohol—uwater),
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(2) systems with a limited miscibility of the two components, which
changes with temperature and at a definite temperature becomes un-
limited (e. g., phenol *—uwater),

(3) systems with a limited miscibility of the two components, which
at no temperature (pressure remaining ordinary) becomes unlimited
(e.g., CCl,—H0).
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Fig. 45. Composition-property diagram for phenol (A) — water (R)
system

Systems of the latter two types are heterogeneous: they are charac-
terised by an interface separating the phases. When a system of the
second type, with a definite content of the components, is heated, the
interface will at a certain temperature disappear. This happens when
complete miscibility is achieved. Should the proportion of the compo-
nents be altered, miscibility is observed at a different temperature.
The temperature above which the system is homogeneous whatever
the proportion of the components is called the critical solution tem-
perature.

When such a solution is cooled below a definite temperature, it
breaks into phases and becomes heterogeneous again. If we prepare
several solutions with differing contents of the two components by
weight, a definite temperature of miscibility can be established for
cach solution. For the system phenol—wafer the miscibility tempera-
tures at first, with a rise in phenol concentration, mount, but after

* In the presence of small amounts of water, phenol melts at room temperature.
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a certain peak they begin to decline. If we plot the percentage com-
position of such systems as abscissa against the miscibility tempera-
ture as ordinate, we obtain a composition-property diagram (Fig. 45).

Let us take a solution (its temperature £, and 60% content of com-
ponent A and 40% content of component B are designated on the
diagram by point D’) that is a heterogeneous system and start heating
it (this is represented by the movement of point D’ upwards along
the broken line). Until the temperature reaches ¢, the system re-
mains heterogeneous (with two phases). When the temperature ¢,
is reached (point D), complete miscibility sets in and the sys-
tem becomes homogeneous. At any point above D (such as D")
the system is homogeneous, but if it is cooled (movement from D"
downwards along the broken line), it will separate into two phases
and become heterogeneous as soon as point D is reached. Point D is
thus both the miscibility and the immiscibility temperature. Since
the curve CMG is the geometric locus of points similar to D, it may
be called the miscibility or immiscibility curve. The region above
the curve is that of homogeneous solutions, while the region below
the curve is that of the existence of the two-phase system. Thus,
the system corresponding to the point M’ on the isotherm #, will be
heterogeneous. A special point on the curve is point M: at the tempera-
ture ¢, corresponding to this point the system is completely miscible
irrespective of the concentration of the components (critical solution
temperature). For the phenol—uwater system the critical solution tem-
perature is 68.4°.

Gases dissolve in liquids with a considerable diminution of volume
and evolution of heat. The thermal effects observed when some
gases dissolve in water are given in Table 4.

Table 4
Heat of Solution of Some Gases in Water
Number of gram- Heat of Number of gram- Heat of
Gas mols of water solution Gas mols of water per solution

per | mol of gas| (in Cal.;mol) 1 mol of gas (in Cal./mol)

H,S 900 4.6 HF 200 11.56
Clg 1,000 4.9 NOg 300 14.1
COq 1,700 5.88 HCI 400 17.47
SO, 250 7.5 HBr 400 19.9
NH; 200 8.35 HI 500 19.2

If a gas dissolves exothermically, while its generation from a so-
lution is endothermic, then in a system such as

H,S 4+ H,O (solvent) == solution 4 4.6 Cal.
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a rise in temperature will, in accordance with Le Chatelier’s Princi-
ple, cause equilibrium to shift in the direction of the endothermic
process, i. e., in the direction of the evolution of gas from the solution.
Consequently, the solubility of a gas diminishes with a rise in temper-
ature.

The amount of gas that dissolves in a liquid also depends upon
pressure. Under Henry’s Law, the amount of a gas (by weight) that dis-
solves in a liquid is directly proportional to the pressure of the gas.

The solubility of a gas is expressed by the absorption coefficient;
this is the number of volumes of a gas, reduced to N. T. P., that dis-
solve in a single volume of the solvent (Table 5).

Table 5
Coefficients for Absorption of Several Gases by Water at 0°C
A ti A i
Gas Sottifent Gas cosiiiient
Hydrogen . . . . . . . . 0.021 Chlorine . . . . . . . .. 4.61
Nitrogen . . . . . . .. 0.023 Hydrogen sulphide . . . . 4.70
Oxygen . . .. .. ... 0.049 Sulphur dioxide . . . . . 79.8
Methane . . .. . . . .. 0.056 Hydrogen chloride. . . . | 506.5
Carbon dioxide . . . . . . 1.713 Ammonia . . . . . . .. 1,176

When a mixture of gases is dissolved, each gas, in accordance with
Dalton’s Law, dissolves in proportion to the share of the pressure it
accounts for. If we denote the pressure of the gas mixture as P, and
the pressures of the individual gases comprising the mixture as P,,
P,, and P,, we may write

PmZPX‘{‘Py‘{'Pz

The partial pressures of the gases (see p. 27) depend upon the con-
tent by volume of the gases in the mixture.

Example. Suppose there is a mixture consisting of 40% of oxygen and 60% of
methane at a pressure of 1 atm. In what proportion (by volume) will these gases dis-
solve in water?

The partial pressures of oxygen and methane will be 0.4 and 0.6 atm respectively.
Since the absorption coefficient for O, is 0.049 and for methane 0.056, their solubil-
ities at their partial pressures are 0.049.0.4=0.0196 and 0.056-0.6=0.0336. The
ratio of the volumes in the solution will be 0.0196:0.0336=1:1.71,whereas in the ini-
tial mixture it is 40:60=1:1.5.

Henry's Law and Dalton’s Law are valid for gases of low solubility.
7— 195
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QUESTIONS
1. How many components and phases do the following systems have:
(a) CaCOs; 2 CaO - COq (b) NHs -}- water 22 NHj solution

(c) NaClg,,;; - NaCl solution (d) kerosene -}- water

2. By referring to Fig. 45 describe the state of the system at points
E, F, and H.

3. In the laboratory ammonia is often prepared by heating its 25%
solution in water. Give a theoretical explanation of this method of
preparing amimonia.

4. When a mixture of gases is dissolved, does the composition of

the dissolved gases (by volume) depend upon the pressure of the mix-
ture?

5. Why do bubblesof gas appear when a bottle of mineral or soda
water is opened? When does the evolution of gas cease?

Problems
(for absorption coefficients see Table 5)

1. How many grams of carbon dioxide will dissolve in 1 cu m of water at 0° and
6 atm?

2. How much carbon dioxide (by weight) will be evolved at 15° from 0.5 litre of
an aqueous solution if the pressure is changed from 3 to 1 atm? The absorption co-
efficient of CO, at 15° is 1.02.

3. How much ammonia (by volume) wi!l be obtained if we boil an aqueous solu
tion of it prepared by saturating 800 ml of water with gaseous ammonia at N.T.P.
After boiling the solution has been found by analysis to have an 0.2 M concentration.

4. From the absorption coefficient of hydrogen determine the weight of the hydro-
gen that dissolves in 5 cu m of water at 0°.

5. A mixture of gases consisting of 52% by volume of CO and 48% of CO, is at
a pressure of 1 atm washed in ice-cold water. Calculate the volumes (in litres) of
both gases dissolved in 1 cum of water and the percentage composition (by volume)
of the gas mixture dissolved in the water. The absorption coefficient of CO is 0.035.

6. From the absorption coefficients of nitrogen, oxygen, and methane calculate
the amounts by weight of each of them that dissolve in 1cumofice-coldwater at a pres-
sure of 10 atm. ,

7. The absorption coeificient of acetylene in water at 20° is 1.03. while in a sat-
urated solution of sodium chloride it is 0.05. How much acetylene by weight will
dissolve in 100 lit of water and in 100 lit of the salt solution if the pressure is 12 atm?

8. Calculate the solubility of the gases in volume percentages from their mixture
consisting of 33.3% of O,, 42.4% of N,, and 24.3% of CH,. The total pressure of
the mixture is 1 atm.

9. Solutions of hydrogen sulphide and sulphur dioxide have been saturated at 0°.
What volumes of these solutions reacted if the reaction following the equation

2HsS - SOq == 2H,0 -+ 3S
yielded 96 g of sulphur?
10. The reaction

MnO: + 4HCl = MnCl; + Cly + 2H,0O

has consumed 43.45 g of MnO,. The chlorine generated is dissolved in water to
-prepare a solution saturated at 0°. What amount of water will this require?
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LABORATORY WORK

Apparatus and materials: round flask with stopper and two tubes, as shown in
Fig. 47; | litre beaker with stirrer; large crystalliser; 25 ml measuring cylinder;
20 ml calibrated test tube; set of test tubes with phenol solutions; thermometer up
to 100°; spring or screw clips; rubber tubing 5 mm in diameter, and squared paper.

Note. The phenol used to prepare the solutions should be either colourless or
faintly pink. Dark phenol should be distilled.To prepare the solutions pour the neces-
sary amount of water into a flask and add the weighed quantity of phenol; the
amounts should be calculated on the basis of the required concentration and the
number of people working in the laboratory. Heat the flask until it contains a homo-
geneous solution; then increase the temperature by 10° and pour the solution
into test tubes. If the solution in the flask becomes cloudy during the pouring, it
should lée heated again. The test tubes should be stoppered up with corks and
numbered.

1. Determining the Critical Solution Temperature for Phenol in
Water. The arrangement for determining the critical solution temper-
ature (Fig. 46) consists of a large beak-
er heated by a burner and containing
a glass stirrer and a thermometer up
to 100° attached to the ringstand and
lowered 5-6 cm below the level of the
water in the beaker. The exercise also
calls for a rack with numbered test
tubes containing solutions of phenol in
water with known proportions of the
components by weight (see table).

Place test tube No. 1 in the beaker
with water and heat it over a small
flame. From time to time shake the test
tube vigorously without removing it
from the beaker (take care not to break
the beaker or the test tube!); every now
and then also stir the water in the beak-
er with the stirrer. Note the temper-
ature at which the milk-like solution
suddenly becomes transparent (misci-
bility). Remove the burner from under
the beaker. The water in the beaker
now begins toh cool, and at a certain
temperature the solution in the test ;
tube becomes cloudy (separates into Fig. ‘;)%er?oplpiri:rzierfosrysféumdymg
phases). Note this temperature. The dif-
ference between the miscibility temperature and the immiscibility
temperature should not exceed 1°. If it does, the experiment should
be repeated.

Now lower test tube No. 7 into the beaker and shake the mixture
in the test tube vigorously. If the system remains turbid, heat the

7*
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beaker and note the temperature at which the system becomes misci-
ble; then allow the water in the beaker tocool and note the tempera-
ture at which the system becomes immiscible. If the system becomes
transparent as soon as the test tube is lowered into the beaker and
shaken, conduct the experiment in the reverse order: first cool the
beaker, recording the immiscibility temperature, and then heat it
to find the miscibility temperature.

In the same way conduct experiments with the rest of the solutions,
taking the test tubes in the following order: No. 2 and No. 6, No. 3
and No. 5, and finally No. 4. Record the results in the form of the
following table:

Mixture contains Temperature (in °C)

No. of henol water £ f i
test tube I()ihnengo)l xﬁtegr) (&eré’hay (i‘:}e:é’h%y obi?i]ti;ci- oci{)rinlli‘rtlys- mean

1 0.50 4.50

2 0.85 4.15

3 1.50 3.50

4 2.00 3.00

5 2.50 2,50

6 3.00 2.00

7 3.40 1.60

On the basis of the experimental data plot a solubility diagram on
squared paper. Draw an abscissa axis and two ordinate axes: the
right-hand axis for pure water and the left-hand axis for pure phenol.
A suitable scale for the abscissa is 1 cm=10%; for the ordinate, 1 cm==
=10°. Plot the points and then connect them by drawing a smooth
curve. Determine the coordinates of the peak.

2. Determining the Solubility of Air in Water. Fill a round flask
(volume =~ 500 ml), fitted with a cork through which two tubes have
been passed (Fig. 47), with water from the tap. Do this by connecting
one of the tubes (1) with the tap by means of rubber tubing.

When the water has filled the whole of the flask and the delivery
tube (2), close the tube (1) leading to the tap by means of a clip. No
bubbles of air should remain either in the flask or in the tube. Sub-
merge the end of the delivery tube in a vessel (3) with water *. Lower
the calibrated test tube (4), filled with water, into the vessel and
place the end of the delivery tube under it.

After measuring the temperature of the water, place a burner under
the gauze and heat the water in the flask to boiling point. Allow it
to boil for 15-20 min and then note the level of the water in test

* It is better to fill the vessel and the calibrated test tube with a salt solution.
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tube 4. Discontinue the heating, measure the volume occupied by air
in the test tube and the volume of the flask with the delivery fube.

Fig. 47. Apparatus for determining the solubility of air in water

{— water-supply tube with clip; 2 — gas-delivery tube; 3 — vessel with water;
4 — calibrated test tube.

With the data of Table 6, the volume of the flask, and the temper-
ature of the water from the tap, calculate the volume of the air that
was dissolved in the water.

Table 6
Absorption Coefficient (a) of Air at Various Temperatures
°C a °C a °C a
0 0.0292 13 0.0214 17 0.0197
10 0.0228 14 0.0210 18 0.0194
11 0,0223 15 0.0205 19 0.0190
12 0.0219 16 0.0201 20 0.0187

- Compare the calculated volume of the air with the experimental
value and explain the discrepancy.
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Exercise 13

PROPERTIES OF SOLUTIONS

SUBJECTS FOR STUDY

Properties of solutions; osmotic pressure; vapour pressure of pure solvent and of
solution; Raoult’s Law; changes of the boiling and freezing points of a solution with
concentration; cryoscopﬂ and ebullioscopy, and the determination of a substance’s
molecular weight from the boiling and freezing points of its solutions.

Osmotic Pressure. The osmotic pressure of a solution is due to the
presence of the solute particles. Quantitative measurements of the
phenomenon made it possible to establish these regularities for non-
electrolyte solutions:

(1) Osmotic pressure is independent of the chemical nature of the
solute and is directly proportional to its concentration (at a constant
temperature).

(2) Osmotic pressure is directly proportional to the absolute tem-
perature.

From the equation

PosnV = nRT = 4= RT

in which the osmotic pressure of the solution P, has been substi-
tuted for gas pressure, we can determine P,,, the molecular weight,
and the other quantities involved.

If, in solving problems according to this formula, the volume is
expressed in litres and the pressure in atmospheres, the quantity R
has to be assumed equal to 0.082.

Example. Determine the molecular weight of cane sugar if 50 ml of a solu-
tion containing 2 g of sugar at 25° exhibits an osmotic pressure of 2.86 atm.
By substituting all the known quantities into the formula, we obtain:
2-0.082 (273 - 25)
= 0.05.2.86

The study of the physical properties of nonelectrolyte solutions (va-
pour pressure, boiling point, freezing point) revealed that the relative
lowering of the vapour pressure of a solution is independent of the chem-
ical nature of the solute and is equal to the mol fraction of the solute
(Raoult’s Law).

If the vapour pressure of the solvent at one and the same temperature
is denoted as p, and the vapour pressure of the solution as p (it being
stipulated that po>p), the relative lowering of the vapour pressure

will be p°—;;p~. Raoult’s Law can then be expressed mathematically thus:
0 .

=341.7~342

p—p __ _n
pp  n-+N M
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where 7 is the number of mols of the solute; N is the number of mols
of the solvent, and n_',:_——N is the ratio of the number of mols of the solute

to the total number of mols of the solute and the solvent, or the mol
fraction of the solute.

The number of mols may be represented as n =—']’w—’—‘—1and N =%2;,
where m, and m, are the quantities by weight of the solute and the
solvent, while M, and M, are their respective molecular weights ex-
pressed in grams (gram-molecules).

Substituting these values into formula (I), we obtain

m
Po—p —_— -/Wl‘ (II)
Po mo M
My + M;

Formula (II) makes it possible to determine the vapour pressure
of the solvent and the solution, the amount of the solvent (m,) and
of the solute (m,), and the gram-molecules (or molecular weights) of
the solute (M,) and the solvent (M,).

Example 1. Pure water at 20°has a vaFour pressure of 17.5 mm. Determine the va-
pour pressure of an aqueous solution of urea CO(NH,), at 20°, if 6 g of urea is dis-
solved in 178.2 g of water.

First it is necessary to determine the number of mols of urea:

6
n="Tp = O

Then we determine the number of mols of water:
178.2
The known quantities are substituted into formula (I):
175 —p 0.1
75 =01 £ 9.0~ 00

Therefore
p=17.5—0.175 = 17.325 mm

Example 2. Determine the molecular weight of a substance if a solution of 1 g
of it in 37.8 g of acetone at 30° has a vapour pressure of 275.2 mm. The vapour pres-
sure of pure acetone at 30° is 281 mm.

First we determine the number of mols of the solute and of the acetone:

1 37.8 0.65
n=—r N:Wgs—:..()«)

The known quantities are then substituted into formula (II):
1

281 — 275.2 M

S1 =1
2 w1 +0.65

Hence
49TM =275.2 or M = 55.37
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The following is a corollary to Raoult’s Law: A depression of the
freezing point or elevation of the boiling point of a solution is inde-
pendent of the chemical nature of the solute and is directly proportional
to its molal concentration. :

This relationship is expressed by the formulae:

Atfr = K.m and Atpoir = Kem

where m is the molal concentration, and K, and K, are proportional-
ity coefficients.

From the above formulae it follows that at m = 1 the quantities
At;, and Aty are numerically equal to the respective constants
K, and K..

If we take several nonelectrolytes and dissolve a gram-molecule of
each in 1,000 g of one and the same solvent, the solutions, called molal,
exhibit an identical depression of the freezing point or elevation of
the boiling point. For each solvent the molal depression of the freez-
ing point K, and elevation of the boiling point K, are constants;
they are called the cryoscopic and the ebullioscopic constant respective-
ly. The values of these constants for variuos solvents are given in
Tables X and XI (p. 333).

By means of these constants, it is possible to determine the molec-
ular weights of dissolved substances. Indeed, let a grams of a sub-
stance with the unknown molecular weight M be dissolved in b grams
of a solvent. It has been established experimentally that the solution
boils (or freezes) at a temperature A¢ degrees higher (or lower) than
the pure solvent does. From the data given it is easy to determine the
molal concentration m of the solution, taking into account that the

quantity :—4 denotes the number of mols of the solute in & grams of
the solvent:

a
Z—b
m 1,000
__a-1,000
= —ip

By substituting this value of m into one of the above formulae, we
obtain:

. K-a-1,000 __ K-a-1,000
At = 7 or M__—_""b-At

Example 1. Determine the molecular weight of glucose if a solution containing
1.35 g cf it in 100 g of water freezes at —0.139°. The cryoscopic constant of water is

1.86.
1.86-1,000-1.35

= T100.0139 — 18
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Example 2. What will be the boiling point of a solution of 3.46 g of urea CO(NH,) 2
in 100 g of water? The ebullioscopic constant of water is 0.52.
K-a-1,000  0.52-3.46-1,000
At= "31p = 60-100
The boiling point of the urea solution will be 100-4-0.3 = 100.3°.

Cryoscopic and ebullioscopic methods provide important means of
determining the molecular weights of substances that decompose
upon vaporisation (when heated). It should be pointed out, however,
that Raoult’s Law applies only to dilute solutions of nonelectrolytes.

= 0.3

QUESTIONS

1. Do the concentrations of solutions change with temperature?
If so, which and why?

2. How do we call solutions exhibiting the same osmotic pressure?

3. From what law does it follow that the melting point or the
crystallisation point of a substance is lowered by the addition of an
admixture of another substance?

4. At what concentration does a nonelectrolyte solution have an

osmotic pressure of | atm?
5. The cryoscopic and ebullioscopic constants of water are 1.86
and 0.52 respectively. What do these figures express?

Problems
(for the values of K, and K, see Tables X and XI)

1. The vapour pressure of a solution of 1.8 g of glucose in 179.8 g of water at 29°
is 29.97 mm and is 0.03 mm less than the vapour pressure of pure water. Cal-
culate the molecular weight of glucose.

2. What is the freezing point of a solution of 18 g of cane sugar C;2H,,On1 in
200 g of water?

3. A solution of 1.6 g of naphthalene in 40 g of benzene exhibits a boiling point
elevation of 0.8°. Calculate the molecular weight of naphthalene.

4, What is the osmotic pressure exhibited at 17° by asolution containing 68.4 g
of cane sugar dissolved in 3 litres?

5. Calculate the molecular weight of glucose if a solution of 16.2 g of it in 671 mi
at 0° exhibits an osmotic pressure of 3 atm.

6. Aqueous vapour tension at 20° is 17.5 mm. Calculate the vapour pressure of
a solution of 18.4 g of glycerol C4Hy(OH)4 in 176.4 g of water at the same tempera-
ture.

7. Determine the formula of a substance containing 94.38% of C and 5.62% of H,
knowing that when 4.34 g of this substance is dissolved in 100 g of ethyl alcohol, the
boiling point of the solution is 0.29° higher than that of pure alcohol.

8. How many degrees will the freezing point of benzene be depressed if 9.27 g
of naphthalene CioHj is dissolved in 225 g of it?

9. A solution of glucose CgH;,04 and a solution of cane sugar CiyHg901y exhibit
the same osmotic pressure. How many grams of sugar are contained in 1 litre of the
second solution if 1 litre of the first contains 9 g of glucose?

10. The boiling point of a solution of 1.28 g of sulphur in 50 g of carbon disul-
phide is 0.23° higher than the boiling point of pure carbon disulphide. Determine the
number of atoms in a sulphur molecule.
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Exercise 18

LABORATORY WORK

Apparatus and materials: the arrangements shown in Fig. 34D and Fig. 48; beak-
er with heat-insulating jacket; 25 ml measuring cylinder; 10 ml pipette; glass rod;
Assman thermometer; magnifying lens; weighing bottle or watch glass; crystalline
calcium nitrate; commercially pure sodium chloride; weighed amounts of urea; snow

or ice, and pumice stone.

The urea should be taken in amounts of about 0.050 g and weighed on an analyt-

ical balance to 0.001 g.

1. Determining the Molecular Weight of Urea. The method con-
sists in experimentally determining the ireezing points of a pure solvent

Fig. 48. Apparatu for
determining the freezing
point of a solution

{1 — thick-walled beaker; 2 —

stirrer for cooling mixture;

3—nhd; 4 —test tube with

substance under investigation;

5 — stirrer for solution; 6 —

Beckmann thermometer; 7 —
test tube.

and of a solution, and then calculating the
molecular weight from the depression of the
freezing point.

The depression of the fireezing point of
the solution is determined by means of an
arrangement (Fig. 48) consisting of a thick-
walled beaker (1) for the cooling mixture,
a stirrer (2), a cover (3), two test tubes (4)
and (7) of different diameters, a stirrer (5)
for the solution, and a Beckmann thermo-
meter (6).

Pour 10 ml of distilled water by means of
a pipette into the inner test tube and close
it with a stopper through which a stirrer and
a Beckmann thermometer have been passed.
The Beckmann thermometer should first be
adjusted to therequired temperature range®.
Insert the test tube into a wider one, which
serves as a jacket to prevent excessive
cooling.

Put snow or ice in the beaker, add so-
dium chloride, and mix the contents thor-
oughly with the stirrer. To measure the tem-
perature of the cooling mixture, lower an
ordinary thermometer into it; see that the
temperature remains at about —6°.

Now lower the test tube with the Beck-
mann thermometer into the cooling mixture.
While stirring the water in the test tube
with the stirrer, note the temperature (using
a magnifying lens) at which crystals of ice
appear. It is usual in such experiments for a
slight supercooling to take place, with the
temperature dropping below the freezing

* The thermometer should be adjusted in such a way that the mercury meniscus
in melting ice is within the 1.750-2.250° range.
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point. But after a certain drop, the mercury thread will abruptly
{iste and come to a stop at the freezing point of the solvent or the so-
ution.

Record the temperature (to 0.005%). Then melt the ice in the test
tube (by warming it with your hand) and repeat the experiment.
The discrepancy between repeated determinations should not ex-
ceed 0.005°.

Next remove the test tube with the water and pour a weighed amount
of urea (received from the laboratory assistant) into it; stir the
contents until the urea dissolves. Then close the test tube with the
stopper through which the thermometer and stirrer have been passed,
lower the test tube into the cooling mixture, and, while stirring the
solution, determine the freezing point of the solution. Warm the
test tube with your hand, so that the crystals of ice melt, and repeat
the determination.

Record the results of the experiment in the form of a table such as
this:

Freezcilr}g ptoinEt} ofkwater tFreezing g?inttof BSOlli:-
. according to Beckmann ion according to Beck-
Weight of thermometer Weight of mann thermometer at from
. experiment
water in g urea in g in °C
I IT average I I average

From the data obtained calculate the molecular weight of urea by
means of the formula on p. 104.

2. Cooling Mixtures. Receive an individual assignment from the
instructor: for example, to prepare a cooling mixture with a tempera-
ture of —13.6°.

With the aid of Tables 7 and 8, calculate the amount of salt that
has to be mixed with 25 parts by weight of water or snow to reduce
the temperature to that required.

Weigh the calculated amount of salt on a balance and measure
off 25 ml of water in a cylinder. Pour the water into a beaker with a
heat-insulating jacket, cool it to --13° and measure the temperature
to 4-0.2° (Assman thermometer).

Pour the weighed amount of salt into the beaker with water, stir
the salt vigorously in the water, and note the lowest temperature
reached (corresponding to the moment when all the salt dissolves).

To prepare a cooling mixture of snow and salt, transfer the weighed
amount of salt (or mixture of salts) into the beaker with the weighed
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Table 7
Salts Used to Prepare Cooling Mixtures
Salt + water Salt + snow
ts b ight b ight

salt R L e Al I
of ‘water at 13° in °C L e in °C

KNOg . ... ... 16 3.0 13 —2.9
KCl........ 30 0.6 30 —11.1
NHCl . . ... .. 30 —5.1 25 —15.8
NH4NOz . . .. .. 60 —13.6 45 —17.3
NaNOs . ... . .. 75 —5.3 50 —17.8
NaCl .. .. ... 36 —10.1 33 —21.2
CaCl;-6H:O0 . . . 250 —12.4 143 —55.0

Table 8

Mixtures of Salts Used to Prepare Cooling Mixtures

Composition of mixture (parts by weight Lowest temperature

of salt to 100 parts by weight of snow) in °
KNOs(14) + NH4Cl (26) . . . . . . . —17.8
NHNO;3(52) 4 NaNOs(55) . ... . . . —25.8
KNO3(9) - NHsSCN (67) . . . . . . —28.2
NHNO3(32) + NH4SCN(59) . . . . . . —30.6
HNOs(2) + KSCN(112) . . . . . ... —34.1
NHsSCN(57) + NaNOs(57) . . . . . . —29.8

snow, mix thoroughly, and measure the lowest temperature of the
mixture by a thermometer.

Compare the experimentally determined drop in temperature with
the data of the table.

3. Determining the Boiling Point of a Pure Solvent and a Solution.
Into the test tube of the arrangement shown in Fig. 34 D (p. 54) place
a small lump of pumice stone and add 4 ml of distilled water. Deter-
mine the boiling point of the water by the thermometer. Does it
differ from the true boiling point of water?

Weigh 3 g of calcium nitrate crystalline hydrate Ca(NOj),-4H,0,
put it into the test tube with water, and, when all the salt has dis-
solved, measure the boiling point of the solution by the procedure
described in Para. “b” on p. 55.

How does a rise in the concentration of the solute affect the boiling
point of a solution?
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Exercise 14

ELECTROLYTES

SUBJECTS FOR STUDY

Theory of electrolytic dissociation; electrolytes and nonelectrolytes; degree of
electrolytic dissociation; strong and weak electrolytes; electrolytic dissociation as
a reversible process; equation for ionisation constant; electrolytic dissociation of wa-
ter; ion product for water; pH-value and the acidity or alkalinity of a solution;
determining [H:] and [OH’] in solutions of weak electrolytes.

1. Electrolytic Dissociation. Electrolytes are substances that, in
a medium with a high dielectric constant (water, alcohols, etc.),
break up into ions *. This process of the breaking up of a substance
into ions is called electrolytic dissociation.

The dissociation of a substance into ions is accompanied by the
solvation of the ions, i. e., their interaction with the polar molecules
of the solvent. If the solvent is water, the term hydration is used for
solvation.

The process of electrolytic dissociation ** should be expressed by
equations such as these:

NaCN - mH,0 == [Na-nH,0]" + [CN-¢qH,0)
HCN ’I‘ mHzo 2 [H'HzO]- "" [CNqHzO],

In practice it is customary to use simplified equations:
NaCN = Na" 4- CN’
HCN & H + CN’

Electrolytic dissociation is a reversible process, with unionised mole-
cules as well as ions present at equilibrium. The ratio of the number
of ionised molecules to the total number of the molecules of the elec-
trolyte is called the degree of electrolytic dissociation, or,more often,
the degree of ionisation (a).

For one and the same electrolyte, o increases with dilution; when
the solution is highly dilute, the electrolyte is dissociated completely
(o = 1). Only solutions of the same normality can be compared as
far as degree of ionisation is concerned. Sometimes the degree of
ionisation is expressed as a percentage (a % =« -100). According to
their degree of ionisation, electrolytes are classified as strong, medium,
or weak (Table 9).

* Electrolytes in the molten state likewise break up into ions.
** Molecules break up into ions at the site of an ionic or markedly polar bond.
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Table 9
Degree of lonisation of Some Electrolytes in 0.1 N Solution
Strong ety @ u || ivesta=aon |« % || Ve laTewet ey
HNO3 93 HsPO, 29 CHsCOOH 1.36
HCI 92 H2SOs 20 H2CO3 0.17
H,SOq 58 HF 8 HaS 0.07
KOH 95 HCN 0.01
NaOH 93 NH.OH 1.4
Ba(OH): 75

Nearly all salts belong to the group of strong electrolytes. In an
0.1 N solution the various types of salts (M stands for the metal; X,
for the acid radical) have roughly the following degrees of ionisation:

+1-1 +2-1 +1-2 +2-2 +3-1 +1-3
MX MX, and MyX MX MX, and M;X
80-90% 70-80% 35-45% 60-65 %

The equilibrium arising in the solution of a weak electrolyte, say
HCN, may be expressed by the equation:

HCN Z H' + CN’

If we apply to this equilibrium the Law of Mass Action, we get the
following equation for the equilibrium constant:
(H]-[CN'] _
._[H(T\I—]—— - Kwn

In this case the equilibrium constant, i. e., the ratio of the product
of the ion concentrations to the concentration of the undissociated,
or unionised, molecules of the weak electrolyte at equilibrium, is
called the dissociation constant, or, more often, the ionisation constant.

Unlike the degree of ionisation, the ionisation constant does not
change when the solution is diluted.

TableXII (on p.334) lists the ionisation constants of some substances.

By increasing the concentration of the H' ions or the CN’ ions it
is possible to shift the balance in an HCN solution, reducing its degree
of ionisation.

2. Electrolytic Dissociation ol Water. Water is an exceedingly weak
electrolyte, which dissociates according to the equation: H,O =
= H' 4OH".

The product of the hydrogen and hydroxyl ion concentrations is
termed the ion product for water [H'].[OH’] = K. Its numerical
value at 22° is1.107%4,
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In pure water [H']-= [OH’] and, accordingly, [H'] = V' T-107¢ =
= 1.107". The value of [H'] may be used to express the acidity or
alkalinity of a solution:

in an acid solution [H']> [OH']’>1-1077;

in a neutral solution [H'] = [OH’] = 1.1077, and

in an alkaline solution [H']<{[OH’]1<{1.:107".

Instead of using the actual hydrogen ion concentration [H], it is
more customary to use the logarithm of that quantity, with its sign
reversed. This is known as the hydrogen exponent or, simply, the
pH-value: pH = — log [H']. The following diagram shows the pH-
value for solutions of varying acidity or alkalinity:

pH=0123 456 7 [8910 11 12 13 14

D

acidity increases

neutral| alkalinity increases

Strong electrolytes break up into ions completely; for this reason
[H'] or [OH’] in solutions of strong acids or alkalis may be assumed
to be equal to the molar concentration of the acid or alkali.

Examples. (a) Determine the hydrogen ion concentration and the pH-value in an
0.01 M solution of HCI.

HCI is a strong electrolyte, and it therefore dissociates completely in solution:

HCl——H' - CI
0.01 0.01 0.01

Consequently, the gram-ion concentration [H'] is numerically equal to the molar
concentration of HCl:

[H]=0.01 =1.10~2 pH = — log1.10-2 = 2%

(b) Determine [H'] and pH for an 0.01 M solution of KOH.
The concentration of OH’ ions is numerically equal to the KOH concentration

(as in “a”).
[OH’] = 0.01 = 1.10"2
From the ion product for water we then find that

) 1.10-14 1.10-14
|H] = [OFT] = T10=2 =1.10712, or pH = 12

For solutions of weak monobasic acids and monovalent alkalis these
quantities are determined somewhat differently. For example, in
the case of acetic acid, in whose solution we have the equilibrium
CH3,COOH 2 H + CH,COO’, the equation for the ionisation con-
stant will be:

[H']-[CH;COO’] K
[CH,COOH]

* To calculate the pH-value exactly for. solutions of strong acids and alkalis, it
is necessary to use ion activities instead of ion concentrations.
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Since acetic acid is a weak electrolyte, there will be but a small error
involved in assuming [CH,COOH] to be equal to C, the total concen-
tration of the acid. The equation therefore becomes:

[H']- [CH,CO0'] = K:C
Furthermore, since [H'] = [CH,COOQ’], we get
[H)]? = K-Cand [H] = VK-C
Example. Determine [H:] and pH for an 0.1 M solution of CHgCOOH, knowing
that ‘KCH3COOH =1.82 ® 1075, B
By substituting the known quantities into the formula [H'] = V' K-C, we obtain:

[H]= VY 1.82:105.1.10"1 = 1.34.10"3
pH = —log [H] = — (log 1.34 }+ log 1073) = — (0.1271—3) =~ 2.87

Knowing [H'], it is not difficult to calculate the degree of ionisation from the re-
lationship o =%J.
In this particular case
1.34.10-8

o= 01 = 1.34.1072  or a% =1.34%

3. Dissociation by Steps. In the case of polybasic acids and poly-
valent bases, all the hydrogen or hydroxyl ions in their molecules do not
split off at once. Electrolytic dissociation proceeds by steps.

The following are examples of stepwise dissociation equations:

Istep H,S— H 4 HS Co (OH), = iJoOH 1 OH’
I step H + s Co" + OH’

Two equations of ionisation constants may be written for ionic equi-
librium in the H,S solution:

IO — K, = 9-10-°  and

[H]- [S 1 _

= 410713

A comparison of the values of K; and K, shows that K, is more than
225,000 times (9-107%: 4.10713) bigger than K,, which may therefore
be neglected in calculating [H'] and the pH-value. For weak polybasic
acids there will be a small degree of error involved in taking into
account only the first step of ionisation.

Some salts, such as Ca(NOg),, FeCl,, and BeF,, likewise dissociate
stepwise in solutions, but their stepwise dissociation is less pronounced
than that of polyvalent bases or polybasic acids.

4. Molecular Weights of Electrolytes. In determinations of the molec-
ular weight of electrolytes according to the depression of the freezing
point or the elevation of the boiling point of the solution, or according
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to> the osmotic pressure, use is made of formulae in which the coefficient
i>1:
__i-K-1,000-a __i-m-RT
M =—3ar— and M—V-P

The theory of electrolytic dissociation has made it possible to estab-
lish the physical meaning of the coefficient i. If we denote the number
of the solute molecules as n and the degree of ionisation as a, then na
will be the number of ionised molecules, while n—nea will be the num-
ber of unionised molecules. The noo number of molecules that undergo
ionisation give rise to nap ions, where p is the number of ions arising
from a single molecule of the solute.

Let us denote the ratio of the sum of the number of unionised mole-
cules and the number of ions formed to the total number of molecules
taken as i. In that case:

i;.—i’__"_"tlﬂ: l+a@—1)

For a binary electrolyte p = 2and i = 1 +-q; for a ternary elec-
trolyte p =3 and i =1 4 2a, etc.

In this way the quantity i, known as the van’t Hoff factor, is a
measure of the increase in the number of particles in an electrolyte
solution. By means of this factor, it is possible to calculate the mclec-
ular weight of electrolytes according to the above formulae, provided
their degree of ionisation is known.

Example 1. Calculate the molecular weight of potassium cyanide if a solution
containing 2.48 g of that salt in 500 g of water freezes at —0.27° and if ¢=0.9.

We find { =1+40.9=1.9. The cryoscopic constant of water K =1.86. By substi-
tuting all these values into the formula, we obtain

1.9.1.86-1,000.2.48
= 500-0.27

Example 2. Calculate the osmotic pressure of the solution in the previous example

at 17° (assuming the relative density of the solution to be 1).
i-m-RT  1.9-2.48.0.082.290
Posm = ™MV T 65-0.502

osm

= 65

= 3.42 atm

QUESTIONS

1. What experimental data suggested the theory of electrolytic

dissociation to Arrhenius? o ‘
2. Write the equations of electrolytic dissociation for the following

substances:
Fe, (SOy)3 NaHCO4 MgOHCI KCr (SO,),

3. Why does a solutionof hydrogen chloride in water have acidic
properties, while a solution of the same substance in benzene does not

exhibit such properties?
8795
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4. What are the factors that cause electrolytes to break up into ions:
in an aqueous solution?

5. Write the equation for the ionisation constant of hypochloric
acid HOCI. What substances should be introduced to reduce the ioni-
sation of this acid? '

6. From the theoretical considerations outlined in the introduction
to this Exercise derive the formula

[OH'] = VKbase 'Cbase

for the ionisation reaction NH ,OH=NH",4- OH'.

7. Write the ionisation equations for H;PO, on thejbasis of the
ionisation constant values. Show which of the negative ions will_be
present in the solution in a relatively higher concentration.

Problems
(for ionisation constants see Table XII on p. 334)

1. Taking into account the first step of the ionisation of H,S, calculate a% for
an 0.01 M solution of it.

2. Calculate [H'] and a% for an 0.05 M solution of hydrofluoric acid HF.

3. Calculate the degree of ionisation of a binary electrolyte solution containing
0.50 g of salt in 100 g of water. The solution boils at 100.04°; the molecular weight
of the salt is 126.

4. Determine which solution has a higher pH-value: an 0.01 M solution of HCI
or an 0.1 M solution of HCN.

5. Where is the pH-value greater: in an 0.0001 M solution of HNO; or in an 0.01
M solution of H,S?

6. Calculate the a% and the pH-value of a 4% solution of boric acid, assuming
the relative density of the solution to be 1.

7. Calculate the osmotic pressure of an 0.1 M solution of BaCl, at 20°, its apparent
degree of ionisation being 0.72.

8. Calculate the molecular weight of a binary salt (x%==82) if 0.33 g of it is
dissolved in 100 g of water and the boiling point of the solution is 100.026°.

9. What will be the freezing point of a solution of CaCl, containing 8.0 g of the
salt in 400 g of water if a=70%?

10. What will be the boiling point of an 0.2-molal solution of CuSOy if its degree
of ionisation is 45%? :

LABORATORY WORK

Apparatus and materials: the arrangement for determining conductivity shown
in Fig. 49 and that for determining the conductivity of molten salts shown in Fig. 50;
the arrangement for observing ion migration shown in Fig.51; the cryoscopy arrange-
ment shown in Fig. 48; test tubes and rack; 10 ml measuring cylinder; 1 ml and 10
ml pipettes; crystalline sodium acetate; crystalline potassium nitrate; anhydrous
acetic acid; crystalline ammonium chloride; recrystallised potassium chloride in
weighed amounts; commercial sodium chloride; 0.5 N solution of potassium iodide;
5% solution of alcohol; 5% solution of sugar; 10% solution of hydrochloric acid;
5% solution of potassium nitrate; 5% solution of sodium hydroxide; 25% and 1%
solutions of ammonia; solution of phenolphthalein; solution of methyl-orange; lit-
mus solution; starch solution; distilled water; boiled distilled water; snow or ice.

Note. The potassium chloride should be weighed in amounts of about 0.050 g;:
the weighing should be done on an analytical balance to 0.001 g.
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1. Conductivity of Electrolyte Solutions. The apparatus (Fig. 49)
consists of a wide mouth bottle with a rubber stopper, through which
a funnel and two carbon electrodes have been passed. The electrodes
have metal caps with terminals at the top. A line should be drawn with
a file at the bottom ends of the
electrodes to serve as a mark for
the amount of electrolyte poured
in.

Through the funnel pour dis-
tilled water into the bottle to the
mark on the electrodes; plug in
the apparatus and switch on the
electricity. Does the lamp glow?
The glowing of the lamp is a sign
thaththere is an electric current
in the circuit. i termining th

Repeat the experiment, filling Fig. 49;?”"(1‘{[“5{25‘;?;%? Soe[utions £
the bottle consecutively with so-
lutions of alcohol, sugar, hydro-
chloric acid, pottassim nitrate, and potassium hydroxide. Before each
experiment wash the electrodes, the funnel, and the bottle thor-
oughly; rinse them with distilled water.

Which are the substances that conduct electricity in solution?
What is an electrolyte? Write equations of electrolytic dissociation
for the electrolytes tested. What are the ions characteristic of solutions
of acids and alkalis?

2. Degree of lonisation of an Acid. Pour concentrated acetic acid
into the clean and dry bottle of the apparatus shown in Fig. 49 and
switch on the electricity. Then add distilled water through the funnel,
raising the electrodes over the stopper in such a way that the level of
the solution in the bottle should not rise above the mark (in order to
keep the effective surface of the electrodes constant). Note the changes
in the glowing of the lamp. What accounts for these changes? Check
your conclusjons by calculating the values of a % for 0.1 and 0.001 N
solutions of CH;COOH.

3. Degree of lonisation of Alkali and Salt. Pour a small amount
of a 25% solution of ammonia (I volume) into the bottle of the conduc-
tivity apparatus and switch on the electricity. Note the brightness of the
lamp. Switch off the electricity. Carefully add glacial acetic acid
—21 volume) in small portions. Stir the solution, cool it, and switch
on the electricity. Note the change in the glowing of the lamp.
Explain this, writing the necessary equations. Are salts weak or
strong electrolytes?

4. Determining the Degree of Ionisation of a Salt. This experiment
is conducted with the apparatus shown in Fig. 48, employing the same

8.
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procedure as that described in Para. 1 of Exercise 13. First determine.
the freezing point of the pure solvent—water. Two determinations
should be made, and the freezing point should not differ by more than
=4-0.005°. An accurately weighed amotnt of recrystallised potassium
chloride is then dissolved in the water. The freezing point of the solu-
tion should now be determined twice.

Since we know the weight of the salt taken for the experiment, its
molecular weight, the weight of the solvent, its cryoscopic constant,
and the depression of the freezing point of the solution, we are able

Fig. 50. Apparatus for determining Fig. 51. Arrangement for observing
the conductivity of molten salts ion migration

o calculate the van’t Hoff factor, from which we derive the degree
of ionisation. Compare the obtained value with the theoretical and
establish the relative error of the determination.

5. Conductivity of Molten Electrolytes. Assemble the apparatus
shown in Fig. 50. In the clamp attached to the ringstand fasten a stop-
per with two graphite electrodes passed through it. Lower the elec-
trodes into a porcelain crucible containing finely ground potassium
nitrate * and switch on the electricity. Does the lamp glow? Heat
the crucible by means of a burner and note the appearance of current
in the circuit when the salt melts (m. p. 336°).

6. lon Migration. Hold the glass tube of the apparatus shown ip
Fig. 51 verticalli and close one end of it with a rubber stopper that

* Potassium nitrate may be replaced by other low-melting salts, such as tin
chloride (m. p. 241°) or zinc chloride (m. p. 365°).
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‘has a graphite electrode passed through it. Pour 1 ml of a potassium
iodide solution, 1 ml of a starch solution, and 1 drop of an alcoholic
solution of phenolphthalein into the tube; fill the tube to the top with
distilled water, allowing for the closing of the tube with a second rub-
ber stopper. Turn the closed tube over repeatedly to mix the solution.

Then fasten the tube in the clamp and connect thin wires froma
storage battery or some other direct-current source to the terminals at
the end of the graphite electrodes.

After a certain period of time a blue colouration appears at the
positive electrode, while a crimson colouration appears at the nega-
tive electrode.

What accounts for these colourations at the electrodes? What ions
migrated in the solution and in what direction? What are cations and
anions?

7. Colour of Indicators. Pour 3 ml of distilled water into each of
9 clean test tubes. Add 1 drop of phenolphthalein into each of the
first three, 1 drop of a methyl-orange solution into each of the next
three, and 1 ml of a litmus solution into each of the remaining three.
Now add 2-3 drops of a hydrochloric acid solution to 3 test tubes (one
with phenolphthalein, another with methyl-orange, and the third
with litmus). Add 2-3 drops of a sodium hydroxide solution to three
other test tubes with different indicators.

Record the colour of the indicators in different solutions as follows:

Type of solution

Indicator
acid, pll < 7 |neutral, pH="T7|alkaline,pH> 7

Phenolphthalein . . . . .
Methyl-orange . . . . . .
Litmus . . . . . . . ..

8. Equilibrium in a Solutionofa Weak Acid. Pour 4-5 ml of water
into a test tube; add 1 drop of concentrated acetic acid and 2 drops of
a methyl-orange solution. What colour does the solution acquire
and why? Write the equation for the electrolytic dissociation of
acetic acid and the equation for the ionisation constant.

Divide the solution into two equal parts and add a few crystals of
sodium acetate to one hali.Shake the test tube and compare the col-
ours of the solutions in the two test tubes. Explain this in terms of
the equilibrium constant.

What should be introduced into a solution of a weak acid to shift
the equilibrium towards the formation of undissociated molecules?
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9. Equilibrium in a Solution of a Weak Base. Carry out the same
experiment as above, taking an ammonia solution instead of acetic
acid, phenolphthalein instead of methyl-orange, and ammonium chlo-
ride instead of sodium acetate. Write up the experiment.

What should be introduced into a solution of a weak base to shift
the equilibrium towards the formation of undissociated molecules?
Formulate a general conclusion about the shifting of equilibrium in
solutions of weak electrolytes.

Exercise 15

REACTIONS IN ELECTROLYTE SOLUTIONS

SUBJECTS FOR STUDY

Equilibrium in a precipitate-scluticn system; solubility product; formation of
precipitates and their solution; Berthollet’s Rule in the context of the theory of elec-
trolytic dissociation; reactions between ions in solution; neutralisation; hydrolysis
and particular cases of it; amphoteric electrolytes; properties of hydroxides and ra-
dius of positive ion charge.

1. Solubility Product. The solubility product (SP) of a slightly sol-
uble binary electrolyte is a quantity equal to the product of the con-
centrations of its ions in a safurated solution *. For example, the solu-
bility products of AgCl, CaCOj, and AIPO, are expressed as follows:

SP pgct = [Ag'l - [C']; SPcaco, = [Ca™] - [CO); SPapo,= [AI™]-[PO; ]

The solubility product characterises the solubility of slightly soluble
substances at a given temperature; the smaller the solubility product,
the less soluble the compound.

If SPpgct = 1.7-1072° and SPag = 8.5-10717, it follows that AgCl
is more soluble than Agl.

The solubility product is easily converted to the molar or ionic
(gram-ions per litre) solubility. Let us consider, for instance, the
case of barium sulphate, for which SPg,so, = [Ba”"]- [SO,]. If
we denote the ion concentration as x, we get: SP = x.x, or SP = x?,

from which it follows that x == J/SP. In this way from the solubility
product we can determine the number of mols of BaSO, or the number
of gram-ions of Ba" or SO,” in 1 litre of a saturated solution. To deter-
mine the solubility in grams per litre (B), we must multiply the molar

_ * In accordance with the theory of strong electrolytes, the values of concentra-
tions for the more soluble compounds ought to be replaced by activity values. These
are products of the concentration by the activity coefficient.
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or ionic solubility (x) by the molecular weight /M) or the ionic, atomic,
or group weight (A):

Bp.so, = VSP-M By, = V'SP -Ag,- By = V'SP Ao
a 4

Example. Calculate how many grams of Agl are contained in 500 m1 of a saturat-
ed solution at 25° if SP,,; =85-1071.

[Ag']-[I'] = SP —=8.5-10"1%; x = V' SP = Y 85.10"17 = 9.22.10-°

Since M ;.| =234.8, the solubility of 'Agl equals 9.22.10-°.234.8 g/l. Consequently,
500 ml contains
9.22.1079.234.8.0.5= 1.08-10-¢g Agl

The formation and solution of precipitates can be explained in
terms of SP values. A precipitate is thrown down when the product of
the ijon concentrations exceeds the solubility product; a precipitate
dissolves when the product of the ion concentrations is less than the
solubility product.

Example. How many times greater is the solubility of Agl in pure water than in
an 0.01 M solution of Nal if SP,,; =8.5.10"17

From the value of SP,,; we derive the solubility of Agl in pure water:

V'SP = V851017 = 9.22.10~? mols/1

Sodium iodide is a strong electrolyte that breaks up into ions completely; there-
fore [I'] is equal to the total concentration of the salt, i. e., t0 0.01, or 1.1073.

Hence:
. 8.5-10717
[Ag]-1-1072 = 8.5-1077 and [Ag'] = —jjp=r = 8.5+1071 mols/]
Since [Agll=[Ag']=28.5-10-15, the ratio of the solubility of Agl in pure water
9.22-10°9

to its solubility in a Nal solution will be ge—5=p5,i. e., the solubility of
Ag! in pure water will be 1,085,000 greater than in an 0.01 M solution of Nal.

2. Ionic Reactions. Chemical reactions in solutions of electrolytes
are reactions not between molecules, but between ions.

In equations of reactions the ions of an electrolyte may be separated
by a plus sign. For instance, sodium nitrale and sodium chloride may
be written thus:

Ag + NO;
and
Na" - Cl

The interaction between these substances may be expressed by the
equation:

Ag -+ NO, -+ Na + Cl' = AgCl 4 Na' 4 NOj
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From this equation it follows that only 2 of the 4 ions participating in
the reaction actually interact. These are the Ag’ and Cl’ ions; the
Na" and NOy' ions do not take part in the reaction. Reactions are,
however, possible in which all 4 ions take part, e. g.:

Zn" + SO, + Ba" + S” = ZnS + BaSO,

3. Equations of Exchange Reactions in Solutions. Chemical reactions
can be represented by equations of three types: (1) molecular, (2)
ionic-molecular, and (3) ionic. For example:

(1) BaCl, + H,SO, = BaSO, + 2HCI

(2) Ba" + 2CI’ + 2H' + SO, = BaSO, + 2H’ + 2Cl’

(3) Ba” -+ SO, = BaSO,
The latter (ionic) equation indicates only the ions that take a direct
part in the reaction. Henceforward, in writing the equations of the
reactions between electrolytes in solutions, we shall use equations of
the second type.

Reactions between ions may be referred to one of the following four
types.

A. Reactions Proceeding with the Formation of a Precipitate

When writing the equations of reactions of this type, it is necessary
to bear in mind the solubility of the substances involved (Table 10).

Table 10
Solubility of Some Substances in Water
(S stands for soluble; SS, slightly soluble; I, insoluble; DW, decomposed by water)

Cation
Anion

Na'| K' [NH;| Ag' | Mg"|Ca"| Ba™| Fe" |Cu” |[Zn"" | Hg*| Pb""| AlI""| Fe’"| Cd"~
F’ S|S|s|s|1|1]|ssf{ss|1|ss|ss|1]|sS]|sS]|ss
cr S|s{s|I1|s|s|s|s|s|s|s|ss|s|s]|s
Br’ S S|S| T |(S|S|S|S|S{S|S|SS|]S]|]S]|S
I’ S S| S |1 Ss|{S|S|S|T1]|]S|T1]|SS|]S]|S|S
OH’ S S| S|{SS| 1 S| S| 1 I I |DW| I | I I
NOy’ S S| S|S|S|S|S|S|S|S|S|S|S|Ss| s
S S S{S|IT|S|S|S]|1I I 1 1 I |DW| 1 1
COs” S| S| 8|1 I 1 I I (IDW| 1 I I | DW|DW| 1
Nong S| S| S| S| S|SS|I S| S| S| S| S| S| S
CrO4” S S| S|1 S| S| 1 S| S| S|I I S| S| S
POy’ S S| S |1 I I I I I I I I I I I
CHsO' | S | S| S[{SS|S|S|S|[S|S|S|S|S|S|S|S
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To obtain an insoluble compound (precipitate), it is necessary to
proceed from two soluble substances containing the required ions.
[n the equation of the reaction, the substance thrown down as a pre-
cipitate is represented by its molecular formula.

Below, for instance, are equations of reactions for the precipitation
of ZnS and AIPO,:

Zn" + SO + 2K’ + 8" = ZnS + 2K’ + SO,
Al L 3Cl’ 4- 3Na’ - PO, = AIPO, - 3Na' - 3Cl’

B. Reactions Proceeding with the Evolution of a Gas

The gases formed in ionic exchange reactions are complex gaseous
substances. This group of substances, except for some gaseous fluo-
rides, consists mainly of the hydrogen compounds of nonmetals: CH,
SiH,, NH; PH;, AsH,; SbH;, H,S, H,Te, H,Se, HF, HCl, HBr,
HI, etc.

To obtain one of the above gases by an ionic exchange reaction, it
is necessary to proceed from a compound of that particular nonmetal
with a metal and a compound containing H ions (acid, water), e. g.:

9Na’ + S” -+ 2H - SO, — H,S - 2Na’ + SO,

If the initial substance (the compound of the nonmetal with a metal)
has a low solubility in water, it is written in the equation in mo-
lecular form:

FeS + 2H" = SO, = H,S -+ Fe" -+ SO,

Alternatively, the soluble part of the substance in the ionised state
may be represented together with the insoluble part (precipitate)
as a system in equilibrium:

Fe" 4+ 8" -+ 2H" - SO; = H,S -+ Fe" - SO,

T
FeS

precipitate
C. Reactions Proceeding with the Formation of a Weak Electrolyte

Weak electrolytes include water, weak acids and bases, the acid
radicals of polybasic acids containing the H'ion, and the basic radi-
cals of polyvalent bases containing OH’ ions.

(@) Neutralisation. Neutralisation is a reaction in which the hy-
droxyl ions of a base (or basic salt) combine with the hydrogen ions of
an acid (or acid salt) to form water (a weak electrolyte):

Na'+ OH’ - H + NO; = H,0 -+ Na' + NO;
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K + HSO, + K+ OH’ = H,0 + 2K + SO,
AIOH” + 2Cl" -i- H' + CI’ = H,0 + Al + 3Cl’

(b) Displacement of Weak Acids from Their Salts by Strong Acids.
These reactions proceed owing to the formation of a weak acid (a
weak electrolyte). The initial substances are the salt of a weak acid
and a strong acid:

2Na' + SiO; - 2H" + 2ClI" = H,SiO; -+ 2Na’ -+ 2CI’
2K + 2CN’ 4 2H" + SO, == 2HCN + 2K’ -+ SO,

[ the resulting weak acid is a compound of low stability (such as H,COyq
or H,SO3), it decomposes to form water and an anhydride:
9Na' + CO; + 2H' + 2Cl” == H,CO, - 2Na’ - 2CI’
H,CO; = H,0 - CO,

(c) Displacement of Weak Bases from Their Salts by Strong Bases.
Weak bases include magnesium, beryllium, and aluminium hydrox-
ides, the hydroxides of the heavy metals, and ammonium hydroxide.

NH; + Cl’ 4+ K + OH’ = NH,OH + K + Cl’
Cu"+ SO, + 2Na’ -+ 20H’ = Cu (OH), -+ 2Na’ + SO,

(d) Converting Normal Salts to Acid Salts. Polybasic acids break
up into ions stepwise. For example, carbonic acid dissociates according
to the equation:

H,CO; = H 4 HCO;y
"
H' + CO;

In this system the electrolytes are: H,CO, at the first step and the
HCO; ion at the second. The ionisation constants for each step are re-
spectively:

_HHCO ERLSRCCA N .
1———W-3.0'10 27“——[7-1-(:—(—);]——5.6.10

From these values it is evident that the HCO; ion is a weaker
electrolyte than is carbonic acid (the latter is a nearly 10,000 times
stronger electrolyte).
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The conversion of normal salts to acid salts is due to an interaction
of ions that gives rise to the acid salt ion (a weak electrolyte):

Mg -+ CO; + H' + OH’ -+ CO, = Mg"~ - 2HCO;
||

Dt e i —
)
MgCO,4

3Ca" 4 2PO; - 2H 4 SO; = CaSO, + 2Ca” -+ 2HPO,

Caz (POy),

(e) Hydrolysis. Hydrolysis is the interaction of a substance with
ions of water, a reversible process. In pure water dissociated according
to the equation H,O=2H +OH’ the concentrations of the H and OH’
ions are equal, i. e., [H'] = [OH'], owing to which water is neutral
(pH = 7). If one of the ions of a salt, in the course of hydrolysis, com-
bines with one of the ions of water, this increases the relative con-
centration of the other ion of water; as a result, the salt solution
becomes either acidic ([H'1>>[OH’]) or alkaline ([H']1<C[OH’]). The
following are illustrations of both cases: .

First Case Second Case
(KCN 2 K + Cli’ (NH,NO; = 11}1; + NO,
%HQO;_"OH' + H H,0 =2 OH’ + H’
! 1 J
l HCN { NH,0H
pH>7 pH <7

The equations for these reactions are written thus:
K +CN’ 4+ H -+ OH’ > HCN -+ K" 4 OH’
NH, -+ NO; - H 4 OH’ > NH,OH + H' 4 NOj

Salts formed by a strong base and a weak acid (Ist case) exhibit
an alkaline reaction in solution; salts formed by a weak base and a
strong acid (2nd case) exhibit an acid reaction in solution.

Salts formed by a weak base and a weak acid undergo hydrolysis
most readily of all, since the ions of these saltsare bound up simulta-
neously by the ions of water to produce weak electrolytes. A case in
point is the hydrolysis of ammonium acetate:

NH, + CH,CO0’ + H’ + OH’ = NH,0H - CH;COOH
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Some salts of this type undergo practically irreversible complete
hydrolysis, e. g.:
Cr,yS; + 6H" 4- 60H’ — 3H,S -+ 2Cr (OH),
Al, (COy)g + 6H' + 60H’ — 2Al1 (OH); 4 3H,CO4

3H,0 + 3CO,

A salt of a polybasic acid or a polyvalent base upon hydrolysis yields
an acid salt and a base or a basic salt and an acid:

2Na' + COs + H' + OH’ = Na' -+ HCO; -+ Na’ + OH’
Sn” + 2ClI"’ 4 H' 4- OH’ = SnOH' 4- CI’ 4+ H' 4 CI’
4
SnONCI
3 precipitate

The salts of weak polyvalent bases undergo hydrolysis stepwise.
Ferric chloride, for instance, reacts with water thus:

Fe™ + 3Cl + H + OH’ = FeOH" + 2CI' 4+ H' - CI'

FeOH" -+ 2CI’ +- H' 4+ OH’ = Fe (OH); - ClI’ + H' -+ CI'

Further hydrolysis is prevented by the build-up of H' ions in the
solution. Diluting the solution and increasing the temperature facil-
itates hydrolysis.

Salts formed by a strong acid and a strong base undergo practically
no hydrolysis at all.

The study of the process of hydrolysis has shown that hydrolysis
and neutralisation are reverse processes:

neutralisation
K +OH' +H + CN' = — H,O + K 4 CN’

hydrolysis

The compounds of certain nonmetals, such as PCl;, Plg, and SO,Cl,,
undergo hydrolysis readily, the process being practically irreversible
and giving rise to two acids:

Pl, - 3H' - 30H’ — H,PO, 4 3HI
SO,Cl, -- 2H' + 20H’ — H,S0, - 2HC!

(f) Amphoteric Electrolytes. The hydroxides of the heavy metals,
as well as of magnesium, beryllium, and aluminium, are practically
insoluble compounds, but dissolve in acids:

Fe (OH), + 2H" + 2CI' = 2H,0 + Fe" +4 2CI’
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Some hydroxides dissolve not only in acids, but also in solutions of
alkalis *, e. g.:

Sn (OH), + 2H" + 2CI’ = 2H,0 + Sn™ + 2CI’
H,SnO, + 2K’ + 20H’ = 2H,0 + 2K’ + SnO;

Such hydroxides are termed amphoteric.

It follows from the above equations that amphoteric hydroxides
behave as bases in reactions with acids and as acids inreactions with
alkalis. This dual behaviour is due to the fact that in solutions they
can dissociate according to both the acid and the base pattern. The
elegti‘]olytic dissociation of Sn(OH),, for example, can be summed up
as follows:

Sn” 4 20H’ = Sn (OH), = 2H" + SnO,

Or, considering the stepwise character of dissociation, we can put
down the process thus:

SnOH' -+ OH’ = Sn (OH), = H' + H¢Sn02
)

LN
Sn” + OH’ , e
H  SnO,

D. Reactions Proceeding with the Formation of a Complex [on

A saturated solution of the compound, mercuric iodide, which dis-
solves in water with difficulty, contains Hg" and 1" ions, produced by
electrolytic dissociation according to the equation:

Hgl, = Hg" + 2i’

These ions can be detected by the proper reagents. But if to this solu-
tion we add such an amount of potassium iodide that there are 2 mole-
cules of it to every molecule of mercuric iodide, we will no longer be
able to detect any Hg" or I’ ions. Instead there will be a new ion with
new properties: [Hgl,]". This is a complex jon consisting of 1 mercury
ion and 4 iodide ions. It is extremely stable and practically does not
dissociate. All other complex ions are, likewise, weak! electrolytes.
Unhke simple ions, they are usually designated by square brackets,
: [Ag(NHjy),l', [Co(H,0)6l", and [PtClsl".
The following equations illustrate the formation of a few complex

ions:

AcCl + 2NH; = [Ag (NH,).!' + Cl

PtCl, + 2H" + 2ClI" = 2H" 4 [PtClgl”

AgCN + K’ -+ CN’ = K’ 4 [Ag (CN),)

* The solubility of amphoteric hydroxides in alkali solutions, with the formation
of complex hydroxysalts, is dealt with in the introduction to Exercise 22.



126 " Exercise 15

QUESTIONS

1. On the basis of the SP values given in Table XIII (p.335) explain
why ZnS dissolves in dilute hydrochloric acid, while HgS does not.

2. Why is BaSO,precipitated from a solution of barium chloride
by the addition of dilute sulphuric acid, whereas the precipitation of
CaSO, requires the addition of concentrated sulphuric acid?

3. Write ionic equations for the formation of the insoluble substances
Ag,PO,, HgCrO,, CaCO4, Cu(OH),, and FeS.

4. Why does the neutralisation of a gram-equivalent of any strong
acid by a gram-equivalent of any strongalkali (in solution) produce
the same amount of heat?

5. Write the equations for the hydrolysis of the following salts:
AlCl;, K, SOg, Cu(NOy),, and NH,CN. State whether the solution in
each case is acidic, neutral, or alkaline.

6. Write ionic-molecular eqautions to show how the amphoteric
hydroxide Be(OH), dissolves in an acid solution and in an alkali
solution.

7. Why do not all salts in practice undergo hydrolysis?

Problems

(The SP values needed for solving some of these problems are given 1
Table XIIIon p. 335.)

d 1. ;\éhat amount of BaCOg in grams is contained in 5 litres of a solution saturat-
ed at 25°?

2. Calculate the SP of a binary electrolyte with a molecular weight of 140 if 200
ml of a saturated solution contains 0.00016 g of it.

3. How many times greater is the solubility of PbSO, in pure water than in an
0.01 M solution of MgSO,?

4. A 500 ml saturated solution contains 0.79-10 3 g of AgCl. Calculate the SP
of the salt.

5. How many grams of SrSO, does a 400 m! saturated solution contain?

6. Will a precipitate of AgCl form when we combine equal volumes of 0.0002 M
solutions of AgNO; and HCI?

7.Will SrSO4be precipitated when 0.05 litre of an 0.002 M solution of SrS is
combined with an equal volume of an 0.002 M solution of MgSO,?

8. What amount of water should be taken to dissolve 1 g of CaSO,:2H,0 and ob-
tain a saturated solution?

9. A saturated solution of AgCN is combined with an equal volume of an 0.02
M solution of KI. Will Agl be precipitated?

10. Will MgCOg4 be precipitated when 0.6 litre of an 0.01 M solution of MgSO,
is combined with 0.4 litre of an 0.002 M solution of Na,COz?

LABORATORY WORK

Apparatus and materials: test tubes and rack; 10 ml measuring cylinder; casse-
role; glass rod; ammonium acetate; potassium carbonate; iron sulphide; cupric sul-
phide,zinc sulphide; manganese chloride; sodium chloride; sodium phosphate; concen-
trated nitric acid; concentrated sulphuric acid; saturated solution of strontium chlo-
ride; saturated solution of calcium sulphate; saturated solution of calcium chloride;
saturated solution of silver acetate; saturated solution of strontium sulphate; 20%
solution of silver nitrate; 20% solution of sodium acetate; 10% solution of ammonia;
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1:6 sulphuric acid; 2N solution of sodium hydroxide; N solution of sodium phosphate:
2 N solution of hydrochloric acid; 0.5 N solution of ferric chloride; 0.5 N solution of
sodiumsulphide; N solution of sodium sulphate; 0.5 N solution of zinc sulphate; N so-
lution of magnesium sulphate; 0.5 N solution of cupric sulphate; N solution of barium
chloride; 0.5 N solution of mercuric nitrate; 0.5 N solution of potassium iodide; 0.5 N
solution of aluminium sulphate; 0.5 N solution of bismuth nitrate; phenolphthalein
solution; neutral litmus solution; litmus paper, and boiled distilled water.

Preparation of Saturated Solution of Silver Acetate. Add a solution of 3.30 g of
anhydrous soda salt in 75 ml of water to a solution of 10.6 g of silver nitrate in 50 m!
of water. Filter off the precipitate formed, wash it on the filter three or four times
with cold water, transfer it to a 1 litre beaker, add 8 ml of 80% acetic acid in 92
il of water, and heat the contents of the beaker to a temperature not exceeding 50°
(until the evolution of carbon dioxide in the form of bubbles ceases). Now pour 900 m|
of water into the beaker, heat the solution to boiling point, and, after it has cooled.
filter off the undissolved precipitate.

1. Conditions at Which Precipitates Form. (a) Mix 2 ml of a satu-
rated solution of strontium chloride in a test tube with an equal vol-
ume of a saturated solution of calcium sulphate. What happens? Re-
peat the experiment with 2 ml amounts of saturated solutions of
calcium chloride and strontium sulphate. Does a precipitate form?
Account for the results of these experiments in terms of SP values
(Table XIII).

(b) Pour 2 ml of a saturaled solution of silver acetate into each of 2
test tubes. Add 2 ml of a 209 solution of silver nitrate to one and an
equal volume of a 20% solution of sodium acetate to the other. What
happens? Give an explanation of the results.

What are the conditions at which a substance is precipitated from
a solution?

After the experiment pour the solutions with precipitates of silver
salts into special bottles.

2. Dissolving Precipitates. Into each of 2 test tubes put a pinch
of zinc sulphide and a pinch of cupric sulphide, taken separately on
the end of a knife. Add 2 ml of water to each of the test tubes and shake
them. Write the SP equations for both substances. Then add 3 ml of
a hydrochloric acid solution to each of the test tubes.What happens
to the precipitates? Give an explanation of this.

3. Ionic Reactions. (a) Choose from the available reagents those
whose interaction can produce precipitates of magnesium phosphate,
ferric hydroxide, and cupric sulphide. Bring about the necessary
reactions and record the colours of the precipitates formed. Write
ionic-molecular equations of the reactions.

(b) Pour 2 ml of a sodium sulphate, zinc sulphate, and aluminium
sulphate solution respectively into 3 lest tubes; add 2 m! of a barium
chloride solution to each of them. Write three ionic-molecular equa-
tions and one over-all ionic equation. Which ion is a reagent for detect-
ing the sulphate ion?

(c) Reactions proceeding with the evolution of a gas (conduct the
experiment in a ventilated hood!). Treat a lump of ferric sulphide (in
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a test tube) with 3 ml of a sulphuric acid solution, heating the test
tube. Identify the gas evolved by its odour. Write the equation of
the reaction.

(d) Treat about 0.5 g of table salt in a test tube with 2-3 ml of con-
centrated sulphuric acid. Observe the evolution of hydrogen chloride.
Write the equation of the reaction. Why is not dilute sulphuric acid
used for this reaction?

(e) Pour 5 ml of a 2 N solution of hydrochloric acid (measured in
a cylinder) into a casserole and add 5 ml of a 2 N solution of sodium
hydroxide first in small portions and then in drops. Stir the solution
with a glass rod and test it with litmus paper (this should be done by
putting a drop of the solution on small strips of red and blue litmus
paper and observing the change in colour). Add alkali until the solu-
tion ceases changing the colour of either litmus paper. Evaporate the
obtained neutral solution in the casserole. What is the residue? Taste
it. Write the equation of the neutralisation reaction. What other two
reactions of complex substances can produce sodium chloride? Write
the equations of these reactions.

4, Hydrolysis. Pour 3 ml of a neutral litmus solution into each of
six numbered test tubes. Introduce a few crystals of the following
substances into five of the test tubes respectively: potassium carbo-
nate, sodium phosphate, sodium chloride, aluminium chloride, and
ammonium acetate. Shake the solutions and compare their colours with
the colour of the litmus solution in the sixth test tube, examining
them against the background of a sheet of white paper.

Record the results of the experiments as follows:

No.h?tf)etest Substance Clo,-'t%‘;;ﬁ Is the solution acidic, neutral, or alkaline?

What type of salts underwent hydrolysis? Write the equations of
the hydrolysis reactions.

5. Shifting the Equilibrium of Hydrolysis. Pour several drops of
a solution of bismuth nitrate into a test tube and dilute the solution
gradually with distilled water. A precipitate forms. Write the equa-
tion of the hydrolysis reaction. Add a few drops of concentrated nitric
acid to the test tube with the precipitate. What happens to the pre-
cipitate? Explain this on the basis of the equation for the equilibrium
constant.

6. Effectof Temperature on Hydrolysis. Pour 4-5 ml of a sodium
acetate solution and 1-2 drops of a phenolphthalein solution into a
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test tube. Heat the solution until it boils and observe the appearance
of a pink colour. Write the equation of the hydrolysis reaction and
explain what happened.What factors influence equilibrium in hydrol-
ysis and why?

7. Amphoteric Hydroxides. Prepare a precipitate of aluminium

hydroxide and pour the solution with the precipitate into two test
tubes. Add an excess of alkali to one and of acid to the other. Watch
the precipitates dissolve. Write the equations of the three reactions
carried out. Why do amphoteric hydroxides dissolve both in acids
and in alkalis?
. 8. Reactions Proceeding with the Formation of a Complex Ion. (a)
Prepare a cupric hydroxide precipitate by meansof an exchange reac-
tion between solutions of a cupric salt and sodium hydroxide. Write
the equation of the reaction.

Pour the solution off from the precipitate and add an ammonia
solution to the precipitatein the test tube. What happens? Write the
equation of the reaction, which produces the complex ion [Cu(NHj),]".

(b) Add a few drops of a potassium iodide solution to a solution of
a mercuric salt. What is formed? Write the equation of the reaction.

Write the equation for the solubility product of Hgl,. What should
happen if the concentration of iodine ions is increased? Add an excess
of a KIsolution to the precipitate. Why does the precipitate dissolve?

Exercise 16

OXIDATION-REDUCTION REACTIONS
SUBJECTS FOR STUDY

Oxidation-reduction reactions from the electronic standpoint; oxidation-reduction
characteristics of neutral atoms and ions; writing equations for oxidation-reduc-
tion reactions; effect of the pH-value.

Unlike ion-exchange reactions, oxidation-reduction reactions are
marked by a transfer of electrons from one reactant to another, this
altering the charge or valence of the interacting substances.

From the electronic standpoint a process involving the loss of
electrons is termed oxidation, while a process involving the gain of
electrons is termed reduction. Accordingly, substances that lose elec-
trons in oxidation-reduction reactions are called reducing agents, while
substances that gain, or receive, electrons are called oxidising agents.

Neutral atoms (molecules), elementary ions, and complex ions
can take part in oxidation-reduction reactions.

The oxidation-reduction properties of neutral atoms and of ions
can easily be explained on the basis of the Mendeleyev Periodic Sys-
tem of Elements (Table 11). -

9795
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1. D. Mendeleyev’s Periodic System of Elements. In 1869 the great -
Russian scientist Dmitry Mendeleyev discovered one of the most
fundamental laws of nature: the Periodic Law of Chemical Elements.
This Law he formulated thus: “The properties of the elements (and,
hence, of the simple and compound substances they form) are periodic
functions of their atomic weights”.

The Law was embodied in the Periodic System of Elements, which
has had a most profound influence on the progress of chemistry.

The most common method of representing the Periodic System is
in the form of an eight-group table, such as is given on the inside cover
of the book.

The elements are arranged in the Periodic System according to their
atomic numbers (from 1 to 103). These numbers indicate the positive
charge of the atomic nucleus (the number of protons) or the number
of electrons in the electron layers of the atom.

Each period in the Periodic Table begins with an element whose
atom contains but one electron in its outer layer; the periods end with
elements whose atoms have 8 electrons in the outer layer (atoms of
inert gases). The first period ends with the inert gas helium, which
has two electrons in its outer layer. In all, there are 7 periods in the
Table, the number of each period indicating the number of electron
layers in the atom. The only exception is the fifth-period element
palladium, whose atom has 4 electron layers.

According to the manner in which their electron sublevels are filled,
the elements may be divided into four groups:

(a) The elements in whose atoms electrons are added to the s sublayer
of the outer layer, or shell, are called s-elements. There are 14 such
elements in the Table: the first two in each period,

(b) The elements in whose atoms electrons are added to the p sub-
layer of the outer shell are called p-elements. The last 6 elements in
each of five periods (2-6) are p-elements.

(c) The elements in whose atoms electrons are added to the d sublayer
of the next to last layer are called d-elements. Since the d sublayer
contains a maximum of 10 electrons, there are 10 such elements (atom-
ic numbers 21-30, 39-48, 57, and 72-80) in each of periods 4, 5, and
6 and one element (number 89) in period 7, which makes a total of
31 elements. In their outermost shells these atoms usually have two
electrons, seldom one (this is true of 9 elements, which are underlined
by a single line in Table 11), while palladium has none because both
of the s-electrons are in the d sublayer of the neighbouring layer (in
Table 11 it is underlined with a double line).

(d) The rare-earth elements, or lanthanides, in whose atoms elec-
trons are added to the f sublayer of the fourth shell. Since the f sublayer
can hold a maximum of 14 electrons, there are 14 lanthanides in all
(atomic numbers 58-71). They are situated in period 6, their atoms
having 6 electron shells each. The outermost layer in these atoms has 2
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electrons (6s?), while the one next to last (layer V) has 8 electrons.
The f sublayer begins to be built up by two electrons at number 58
(Ce). The 64th element (gadolinium) and the 71st (lutetium), in ad-
dition to the f-electrons, add one electron each to the d sublayer of
the fifth shell.

The actinides are elements whose atoms, like those of the lanthanides,
build up the f sublayer, but of the fifth shell instead of the fourth.
In elements 93-102 the distribution of electrons is similar to that in
the above-situated (61-70) lanthanides. The six valence-electrons of
uranium are distributed among the layers thus: 5f% 64 7s®. For the 5
valence-electrons of protactinium (91) and the 4 valence-electrons of
thorium (90) there are two possible combinations of electron distri-
bution: for protactinium 5f2 64! 7s? or 5f 64 7s® and for thorium 5f*
6d* 7s® or 6d%7s%. Thirteen actinides are known at present (90-102).

The chemical properties of an element are related to the distribution
of electrons in the atom. A number of elements with similar chemical
properties due to an identical number of valence-electrons are called a
homologous series, or a series of analogues. The elements of one and
the same homologous series, or series of analogues, are connected in
Table 11 by either a solid or a broken line.

The solid line is used to connect the analoguesin the principal sub-
groups; the broken line, to connect the analogues in the subordinate
subgroups, the lanthanides, and the actinides.

The similarity in the properties of the elements in the principal
subgroups may be traced to the same number of electrons in the outer
shells of the atoms of these elements. In the subordinate subgroups,
however, the similarity of the elements depends not only on the outer
electrons, but also on the electrons that are added (above eight) to
the next layer. Thus, the element rhenium (Z=75), with the distri-
bution of electrons in the atom)2)8)18)32)8 -- 5)2, is an analogue of
the element manganese (Z=25), which has the electron distribution
)2)%)8 -+ 5)2. The actinides are chemically analogous to the lanth-
anides.

The study of atomic structure threw light on the underlying reason
for periodicity. The periodic change in the properties of the elements
is related to a periodic recurrence of similar electron structure.

2, Oxidation-reduction Properties of Neutral Atoms. All the ele-
ments can, according to their chemieal properties, be divided into three
groups: reducing agents, oxidising-reducing agents, and elements
that are neither one nor the other.

(a) The reducing agents are elements whose atoms have from 1 to
3 electrons in the outer shell. In chemical reactions they do not receive
electrons, but only give them up:

R — ne- — R+»
In Table 11 these elements are situated to the left of the dotted line.
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This group of elements consists primarily of metals, the exceptions
being H, He, and B.

(b) The oxidising-reducing agents are elements whose atoms have
4, 5, 6, and 7 electrons in the outermost shell. They can either take
up electrons (to 8), i. e., act as oxidising agents, or furnish electrons,
i. e., act as reducing agents *. Thus, an atom with 6 electrons in its
outer shell can react according to either of the following two equations:

R 4 2e- = R-? (as an oxidising agent)
R — 6e- = R*® 1as a reducing agent)

In Table 11 the elements of this group are situated to the right of
the dotted line (the inert gases are an exception). Hydrogen and boron
are likewise oxidising-reducing agents.

(c) The inert gases are elements whose atoms have 8 electrons in the
outer shell (helium has 2). They neither receive nor give up electrons
in chemical reactions and, consequently, exhibit neither oxidising
nor reducing properties. Six elements make up this group. ,

The oxidising-reducing properties of neutral atoms are expressed in
terms of ionisation potential and electron affinity.

The ionisation pofential (unit: electron-volt, eV) is the work required
to split off an electron from a neutral atom and can serve as a measure
of an atom’s reducing activity.

The electron affinity (usually expressed in Calories) is the energy
of the addition of one eleciron to a neutral atom. It can serve as a
measure of the relative oxidising activity of neutral atoms, which is
inversely proportional to the reducing activity. Ionisation potential
and electron affinity data can be used to characterise the changes in
oxidation-reduction activity inthe periods and homologous series of
elements in the Periodic Table.

In the periods the ionisation potential, as a rule, increases from left
toright, while the reducing activity declines and the oxidising activity
mounts, owing to rising electron affinity. In the homologous series of
the s-, f-, and p-elements the ionisation potential diminishes as we
move downwards; the reducing activity increases and the oxidising
activity falls off, since the electron affinity decreases. In the case of
the d-elements, however, the change in ionisation potential is more
complex. The strongest oxidising agents are in the upper right-hand
part of the Table (fluorine, oxygen, chlorine, sulphur, etc.), while the
reducing agents are concentrated <ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>