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PREFACE
This manual was produced primarily for use in first-year practical
classes in chemistry at the Australian National University. However,
the looseleaf construction permits its extension to the requirements of
other universities by substitution of appropriate material and it is hoped
that eventually there will be available a large pool of exercises from
which suitable courses may be selected.
Like all texts the manual owes much to those who have gone before
and we acknowledge with thanks the multitude of teachers whose ideas
have been incorporated.
Most exercises include some questions which extend the coverage of
the fields under examination and provide the bases for many tutorial
discussions. Demonstrators at this University are provided with a
companion manual containing explanatory notes, marking schedules, and
answers to questions.

Canberra
January 1967

N.J.D.
D.L.S.
B.K.S.

Exercise 2

PROPERTIES OF GASES
An equation of state is a statement such as V = f(T, P, n), indicating in
this case that the volume of a system is some function of the temperature,
the pressure, and the number of moles present in the system. For an
ideal gas the familiar equation is V = nRT /P, where
n is the number of moles of gas present,
_
_
1
1
R is the gas constant having the value 0. 082 litre atm deg mole ,
Tis the temperature in degrees absolute (°K = °C + 273.16°),
V is the volume of the gas expressed in litres.
This equation combines three well-known empirical partial equations of
state:
Boyle's Law: If Tis constant Vis inversely proportional to P;
Charles's Law: If Pis constant Vis directly proportional toT;
Amonton 's Law: If V is constant P is directly proportional to T.
The equation of state shows that equal volumes of all ideal gases under
t.~e same conditions of temperature and pressure contain the same number
of moles . Where ~ is the weight of the gas sample and ~ is the weight
of one mole, the number of moles of the gas is
n = w/M
Therefore the molecular weight of a gas can be obtained by comparing, at
any convenient definite temperature and pressure, the weight of a known
volume of the gas with the weight of an equal volume of a standard gas
whose molecular weight is known.
A second method for determination of molecular weights depends on
the fact that the temperature of a gas is an expression of the mean
kinetic energy of the molecules; for two gases at the same temperature

lm

uz

=

lm

u2

2 11
2 22
The rate of effusion through a small orifice is proportional to the mean
speeds and, in comparing gases
rate1/rate 2 = u1 /u2 = v mz/ml = vMz/Ml
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which is the expression of Graham's Law. The molecular weight can
thus be determined by comparing the rate of effusion of a gas with the rate
for a standard gas.
At room temperatures, nitrogen dioxide is a mixture of two species in
equilibrium
N o
"2N0
~H = 58.lkjoulepermoleN o
2 4
2
2 4
Thus the effective molecular weight of the mixture is intermediate
between the values for N204 (92) and N02 (46). If · is the degree of
dissociation, then the effective molecular weight is given by the weighted
mean
92(1-·) + 46(2,.)
(1 + •. ·,)
The equilibrium constants in terms of concentrations (Kc) and partial
pressures (Kp) can be expressed as
K

=

(2 .)

2
K

=

c
(1-·)V
p
Where V is the molar volume at the existing conditions and P is the
total pressure. It is essential that you understand these equations and
are able to derive them.
When a liquid evaporates in a confined space at a constant temperature, an equilibrium between the liquid and the vapour states is soon
attained; the vapour pressure assumes a fixed value for a definite temperature. The kinetic energies of molecules in a liquid follow a
Boltzmann distribution, and therefore the rate of escape from the liquid
surface will be proportional to the number of molecules whose energies
exceed some critical value related to the intermolecular attractive
forces. This may be expressed by
rate of escape = k exp (-E/kT)
1
where k1 is a constant
E is the critical energy which a molecule must exceed to escape
k is the Boltzmann constant
T is the absolute temperature
On the other hand, the rate of condensation of vapour molecules is
proportional to their concentrations and thus to their vapour pressures,
so that for equilibrium between vapour and liquid
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k p = k exp (-E/kT)
2
1
log p

= a/T

or

+ b

where Ris the equilibrium vapour pressure, and kz, @:., and£ are constants, @:. and £ may be evaluated by constructing a plot of log p versus
1/T. The value of@:. is related to the heat of vaporisation, ( Rvap) by
a = -(

Rvap/2. 303R)

NOTE: The syringes used in these exercises are fragile and must be
handled with care. Hold both the barrel and the plunger firmly during
handling to prevent them sliding apart. Before use make sure that they
are clean and, where required, are well lubricated with silicone oil so
that the plunger moves freely. The natural desire to indulge in horseplay must be restrained. When the syringe is to be weighed, carefully
wipe the outside with tissue to remove weighable amounts of moisture and
oil deposited from the hands.
PROCEDURE
(a) Determination of molecular weight. Obtain a 50 ml syringe and
ensure that it is clean, and that the plunger moves easily in the barrel.
Wipe the outside of the syringe with tissue, open the syringe to the 50 ml
mark, place it carefully on the balance pan and weigh.
Fit a fine needle to the syringe and, while your partner records the
time, care~plly insert the needle into the rubber tip of the vacuum hose
attached to the water pump. The water pumps should be run full on to
minimise fluctuations in pressure. Record the time for the plunger to
travel from the 50 ml mark to zero. Again fill the syringe with 50 ml of
air and repeat the procedure.
Repeat the entire procedure in duplicate with each of the gases butane,
freon, and nitrogen dioxide; obtain the gas samples as shown to you by
your demonstrator.
Record the temperature and the barometric pressure.
Use the value of 29 for the mean molecular weight of air and calculate
the molecular weights of the other gases from your weight data. Calculate the molecular weights from the effusion results using butane (molecular weight 58) as the standard gas.
From your best data, calculate the degree of dissociation '' , and the
equilibrium constants Kc and Kp for the nitrogen dioxide system.
(b) Boyle"s Law. Place 50 ml of any of the gases but nitrogen dioxide

2.4
in a syringe. Seal the tip of the syringe with a polythene cap. Hold the
syringe firmly in one hand with the plunger resting on the platform of a
0-22 lb postal balance. Obtain a series of force-volume readings by
pressing the plunger against the platform of the balance. Calculate the
area of cross -section of the barrel of the syringe and convert the force
readings to pressure in kg em -2; plot these pressures against the reciprocal of the corresponding volumes (V- 1 ml-1).
Remove the polythene cap from the syringe, expel all but about 5 ml
of the gas, replace the cap and attach the plunger to the spring extension
balance. Obtain a series of measurements for pressures less than one
atmosphere. Do not extend the plunger beyond the 40 ml mark. Plot
pressure against 1/V as above.
If time permits repeat this latter procedure using nitrogen dioxide.
Note carefully what happens when the plunger is moved suddenly from the
5 ml mark to the 20 ml mark and held there for about half a minute.
(c) Charles's Law. Place one of the special 273 ml flasks fitted with
a rubber stopper which is pierced by a 21 gauge needle in an ice bath.
When the flask has reached 0°, fit a syringe to the needle so that the
reading is zero at this temperature. Transfer the apparatus to a bath at
about 40° and allow the gas to equilibrate at this temperature; from
time to time gently press the plunger and allow it to spring back until the
volume becomes constant. Record the volume and the temperature.
Repeat the procedure at several temperatures below 40° (about 5°
intervals).
At the end of the exercise check the volume of the flask by
filling it with water and then transferring the water to a measuring
cylinder.
Plot Vt!V0 versus T where Vt and Vo are the total volumes at T 0 and
0° respectivelY.; calculate the temperature coefficient of expansion of
the gas ( deg -l). Estimate the absolute zero of temperature by extrapolation.
(d) Vapour pressure. Admit about 10 ml of air to a syringe and seal
the tip with a flexible cap. Make sure that the cap fits tightly and that
the plunger moves freely in the barrel of the syringe. Record the volume
of air in the syringe and also the barometric pressure. Inject 0. 5 ml of
methylene chloride from a small syringe through the flexible cap. Shake
the syringe gently and after a few minutes record the equilibrium volume.
Place the syringe in an ice-water bath and record the volume when it
becomes constant; record the volume at several temperatures up to 35°.
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Plot the logarithm of the vapour pressure (calculated as shown on the
result sheet) against the reciprocal of the absolute temperature and
estimate the boiling point and the latent heat of vaporisation of methylene
chloride.
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Name ............................ Date .......... Mark .......... .
PROPERTIES OF GASES
(a) Determination of molecular weight
(i) by weighing
0
Laboratory conditions
.......... c
.......... mmHg
Volume of 50 cm3 sample corrected to STP
.......... ml
Number of moles in samples
Weight of air in syringe
.......... g
Weight of syringe + air
.......... g
Weight of syringe
.......... g
Weight of syringe + butane
.......... g + freon
.......... g
.......... g
Weight of syringe +nitrogen dioxide
Weight of butane .......... g Weight of freon
.......... g
Weight of nitrogen dioxide
.......•.. g
Molecular weight of butane . . . . . . . . . .
of freon
Molecular weight of nitrogen dioxide (effective)
Degree of dissociation, ,, , of N204
Calculations:
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(ii) by effusion

Time to evacuate air

........ sec

Time to evacuate butane (MW=58)

........ sec

Time to evacuate freon

........ sec

Time to evacuate nitrogen dioxide
Mean molecular weight of air

........ sec

Molecular weight of freon
Effective molecular weight of nitrogen dioxide
Degree of dissociation,
Calculations:

, of N 0
2 4
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Name

•••••••••••••••

Calculation of equilibrium constant
Value of r. selected and reasons for selection

•••••••

0

0

••••••••••••

•••••••••••••••

Concentration equilibrium constant, Kc
Pressure equilibrium constant, K

p

Calculations:

••••

0

••••••

0

•••••••••••

0

•••

0.
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QUESTIONS
1. Was it really necessary to admit 50 ml of air in the initial weighing
of the syringe? Would the recorded weight have been the same if only 20
ml of air had been used?

2. Butane was used as the standard gas in the effusion exercise rather
than air. Why would this be expected to give better results?

3. Calculate the mean molecular weight of air having a percentage
composition by volume of : nitrogen 78. 09; oxygen 20. 95; argon 0. 93 and
carbon dioxide 0. 03. . . . . . . . . . . . . What would be the percentage
composition by weight of this sample? N . . . . . . . . . . 0 ......... .
Ar .......... and C02 ......... .
Calculations:
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Name
4. Calculate the time of effusion you would expect for hydrogen using
this apparatus .......... sec. Do you think that an actual measurement
would yield a time longer or shorter than your calculated value?
Why? ......... .
Calculations:

5. A soap bubble is filled with freon. Assuming that the film is quite
permeable to gases, sketch curves to show how the volume of the bubble
and the pressure within would vary with time. (Remember that Graham's
Law relates to rates, not equilibrium concentrations.)

6. If the pressure were to be doubled, how would this affect the mole
ratio of N 2o 4 to N0 2 ? ................................. · · ... · · · .. · ·
What would be the values of Kp ............... and Kc ............... .
at this increased pressure?
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Calculations:

7. Would you expect particles undergoing Brownian motion to show a
relationship between mass and average distance of movement in a given
time? What sort of relationship would you suggest?

8. Does the mole ratio of N2o 4 to N0 2 stay constant throughout the
effusion process?

Does the rate of effusion really reflect the equilibrium concentrations?

(b) Boyle's Law

Calculations on conversion of postal balan:fe reading to pressure:
Area of plunger face ............... em

Conversion factor: 1 lb reading

kg em

-2
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Name
(i) Compression
Balance Reading
............ lb

Pressure, P

1/v

Volume, V

............ kg cm- 2 ............ ml

......... ml

-1

(ii) Expansion

Balance Reading
............ lb

Pressure, P
............ kgcm

1/V

Volume, V

-2

ml

......... mf 1

(iii) Nitrogen dioxide system (expansion only)

Balance Reading
............ lb

Pressure, P
............ kgcm

Volume, V
-2

1/v
ml ......... ml -1

2.14
QUESTIONS
1. What does the slope of the P versus 1/V plot measure?

What units has this parameter? Calculate the value of R from this result
if the gram -molecular volume is 22. 5 litre ............ .
Calculations:

2. Given that 1 atm = 760 mm Hg
joule deg - 1 mole -1 ............. .

= 10 6 dyne

em

-2

, calculate R in

Calculations:

3. If hydrogen had been used in the syringe, would the slope of the
plot have been different?

4. Explain the deviation from linearity of the plot for nitrogen dioxide.

Why was this gas studied under expansion only?

Would a compression experiment have shown larger or smaller deviations?
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Name ............................ .
5. Explain the colour changes observed on fast expansion of the nitrogen dioxide system.

What colour changes would you expect for fast compression?

What does this tell you about the rate of reaction?

(c) Charles's Law
Effective volume of flask, V

0

.............. ml

Temperature, °C
Temperature, °K
Volume, Vt ml
Vt !Vo
Temperature coefficient of expansion, a
Absolute zero from extrapolation
Calculations:

......... deg

......... oc

-1
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QUESTIONS
1. Remembering that the dissociation of N2o 4 is endothermic, apply
Le Chatelier's Principle to determine the type of deviation from Charles's
Law to be expected if nitrogen dioxide had been used instead of air in this
exercise

2. Chlorine for sterilising drinking water is supplied under pressure
in steel cylinders. A medical textbook gives the pressure in such
cylinders as 40 p. s. i. g. at 32°F and 200 p. s. i. g. at 122°F. If this is
so, does chlorine obey Charles's Law?
(d) Vapour Pressure
0
Volume of air admitted ............. ml at room temperature . . . . . . . C
Temperature
°C
°K
1f>K

Volume (ml)
Total
Air Vapour

Pressure
mmHg

log P

Plot log P versus 1/T
Value of slope .................. Value of intercept ................. .
Estimated normal boiling point of methylene chloride ............... °C
Latent heat of vaporisation
.................. kjoule mole - 1
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Name
Calculations:

QUESTIONS
1. As the volume of air has to be subtracted from the total volume in

each case, was it really necessary to have used this air? Why?

2. What effect upon the value of the slope would be observed if wereplotted the data using natural instead of common logarithms?

3. In a liquid-vapour system at equilibrium, which molecules have
the greatest kinetic energies?

Exercise 11

DETERMINATION OF WATER OF CRYSTALLISATION
This exercise is a very simple application of gravimetric analysis, which,
as its name implies, involves the process of weighing in order to obtain
information on the composition of a system. If a pure compound of
known composition can be isolated from a known weight of mixture, the
proportion of one or more constituents can be calculated from the weight
of the separated sample. This method of analysis is capable of a very
high degree of accuracy, but it may involve considerable skill or, the part
of the operator and may be, in comparison with modern instrumental
techniques, excessively time-consuming. However, the simple stoicheiometric basis of gravimetric analysis is fundamental and there still
remain some analyses which are best carried out this way. For these
reasons, and to teach you careful handling and weighing techniques, some
standard gravimetric determinations are included in the course.
Two of the most common separation techniques are thermal decomposition and precipitation; the present exercise utilises the first, which
relies on the fact that many substances when heated to a particular temperature undergo partial decomposition to yield products of definite composition. Perhaps the simplest of these decomposition reactions is the
loss of water by a hydrated salt and this exercise is the first stage in a
complete analysis of reputedly-pure BaCl . 2H o. Later, both barium
2
and chlorine will be determined by precipitation and the chlorine will
also be estimated volumetrically.
As there will be several long periods of waiting during this exercise,
you are also asked to investigate qualitatively the effects of heat on
several other compounds.
PROCEDURE
(a) Water of crystallisation. Place a clean crucible with its lid in
the oven rack, and, after displacing the lid slightly to facilitate drying,
leave for about 1 hour. Using your tongs transfer the crucible to a
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desiccator; allow to cool for about 20 minutes and weigh quickly. Return
it to the oven for a further 15 minutes; allow to cool and weigh as before.
If the two weights so obtained differ by more than about 0. 2 mg consult
your demonstrator.
Place 0. 4 to 0. 5 g of barium chloride dihydrate in the crucible and
weigh accurately. Replace the crucible in the oven rack and leave for at
least 1 hour. Cool, weigh, and repeat the cycle as before. Calculate
the percentage of water in the sample. If you are proceeding to the determination of barium you should retain the dried salt.
(b) Effects of heat on some compounds. While you are waiting during
the drying periods, heat a small quantity of each of the compounds as
directed on the result sheet. Record full observations and equations.

11.3
Narne . . . . . . . . . . . . . . . . . . . . . . . . . . . . Date . . . . . . . . . . . Mark .......... .
DETERMINATION OF WATER OF CRYSTALLISATION

(a) Water of crystallisation
Weight of crucible

............. g

Weight of crucible + BaCl .2H 0
2
2

............. g

Weight of BaC1 . 2H 0
2
2

............. g

Weight of crucible + BaC1
Weight of BaCl

2

2

Weight of water driven off
Percentage of water in hydrate
Theoretical percentage
Calculations:

............................... g
............................... g
............. g

11.4
(b) Effects of heat on SO!)le compounds

BaC1 . 2H 0.
2
2

Heat strc;mgly in a crucible. Allow to cool.
water~ and a: drop of phenolphthalein.

Add a little

Heat gently in a casserole.

Heat gently in a casserole.

Allow to cool.

Heat rather strongly in a casserole.
add a drop of water.

Cu(N0 ) . 3H 0. Heat strongly in a crucible.
32
2
drop of hydrochloric acid.

Allow to cool and

Allow to cool and add a

Heat gently and then strongly in a crucible.
vapour evolved with blue litmus paper.

Test the

11.5

Name ............................ .
Heat strongly in a crucible.

Allow to cool.

Heat gently in a casserole.

QUESTIONS
1. Do you think that CuSO . 5H 0 would be a suitable salt for this
2
4
determination?

2. How is water of crystallisation held in the crystal lattice?

3. Write equations to illustrate the thermal decomposition of
NaN0

3
Pb(N0 )
32

Hg(N0 )
32
NH No
4 3

Exercise 12

DETERMINATION OF BARIUM
This determination employs the second of the gravimetric separation
techniques, namely that of precipitation. For an exposition of the many
fundamental principles and problems involved in precipitation processes
the student should consult a standard analytical text. The main points
are summarised as follows:
(1) Precipitates made up of large particles are usually more easily
filtered and handled. The production of large particles is favoured by
maintaining a low degree of supersaturation of the solution with respect
to the precipitate; the precipitant should therefore be dilute and should
be added slowly and with stirring to a hot solution. Digestion of the precipitate in contact with the solution tends to increase the particle size
since the smaller particles redissolve as the larger particles grow; in
special cases, however, this process may cause contamination of the
solid.
(2) A large excess of the precipitating reagent is generally undesirable since, as well as tending to precipitate electrolytes with higher
solubilities, the precipitate itself may partially redissolve in the form of
complex ions, e. g.
crPb 2+ + 2Cl .;-"'PbC1
~
2
(3) The precipitate should be thoroughly washed. In some cases the
use of pure water for washing is to be avoided as the solid may be
peptised - i.e. the solid may become dispersed as a colloid and pass
through the filter. To avoid peptisation silver chloride is washed with
dilute nitric acid. In other cases the washing solutions may contain an
ion common to the precipitate to reduce loss by solution, or may be
acidic to reduce losses due to hydrolysis.
(4) Substances which interfere with the normal precipitation must be
removed before the precipitation process. Additionally there may be
impurities which could be coprecipitated with the desired compound - i.e.
they are incorporated into the precipitate by mechanical trapping, by
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substitution in the lattice, or by adsorption on the surface. Coprecipitation must be controlled by suitable choice of experimental conditions, by
digestion, or by redissolving the solid in a suitable solvent and precipitating again. This last procedure cannot be employed for barium sulphate,
for which there is no suitable solvent, but an example of its use is the
precipitation of iron as the hydrated oxide. Barium sulphate exhibits a
remarkable ability to coprecipitate many other ions, e.g. chloride,
nitrate, sodium, patassium, calcium, aluminium, ferric. The solution
is therefore kept very dilute and the precipitate is digested.
(5) Once the precipitate has been formed it must be collected in a
form suitable for weighing; this is usually achieved by filtering the suspension. At times it is necessary to ignite the precipitate in order to
obtain the desired product; in such cases the precipitate is collected on a
low ash filter paper which is subsequently burned off. At other times the
precipitate needs only to be dried, and is then readily collected in a sintered glass crucible which can be placed in a drying oven. Barium sulphate is not readily removed from sintered glass crucibles and in this
exercise the barium sulphate will be collected on a low ash filter paper.
Barium may also be precipitated as the chromate, which can be collected
in the sintered glass crucible; the chromate is readily soluble in dilute
hydrochloric acid and can easily be removed from the crucible.
PROCEDURE
(a) Determination of barium as barium sulphate. Suspend a clean
porcelain crucible and its lid in a ceramic triangle and heat strongly for
fifteen minutes. During this waiting period proceed with the precipitation.
After the fifteen minutes have elapsed, remove the burner and allow the
crucible to cool for three minutes; transfer the crucible to the desiccator
in which it is allowed to reach ambient temperature. Weigh the crucible
(together with the lid} after a further twenty minutes have elapsed.
Ideally the heating, cooling, and weighing cycle should be repeated until
the weight is constant to within 0. 2 mg.
Weigh out accurately about 0. 4 to 0. 5 g of barium chloride dihydrate
and transfer the sample quantitively to a 600 ml beaker; use your washbottle to rinse the weighing bottle and allow the washings to fall into the
beaker. Add deionised water to the beaker until the total volume of the
solution is about 300 ml. Heat the solution to incipient boiling. Calculate the quantity of the 2 M sulphuric acid necessary just to precipitate
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the barium; dilute twice this amount of the acid to about 50 ml and add it
to the barium solution.
Keep the solution near boiling for about ten minutes and stir occasionally. Under these conditions the barium chloride particles grow and the
proportion of coprecipitated impurities is minimised. Refer to the data
below and select a suitable grade of filter paper.
Characteristics of Whatman Filter Pa2ers
No.

General

Retention

SQeed

Use

1

qualitative grade

medium

medium

general purpose

2

ash 0.06%

high

slow

fine precipitates

good

slow

hardened, Buchner

double acidwashed

medium

medium

general purpose

41

with HF and HC

poor

rapid

Al (OH)

42

ash 0.01%

high

slow

5
40

etc .
3
Buchner, fine BaSO 4

540, 541, and 542 correspond to the preceding series but are hardened,
have very high wet strength, are resistant to acids and alkalis, and will
not pulp readily in water; they are ideal for Buchner use and precipitates
are readily scraped off them.
Filter the hot solution, taking care to decant most of the clear supernatant liquid through the filter before transferring any of the solid. Test
the filtrate with sulphuric acid to ensure that the precipitation is complete.
Rinse the beaker with hot water and transfer the washings to the filter
paper; repeat the rinsings until all the particles have been transferred to
the filter and the washings are free from acid.
Fold the paper carefully around the precipitate and place it in the
weighed crucible. Heat the crucible gently to drive off moisture and to
smoke off the filter paper; if the paper catches fire place the lid squarely
on the crucible and remove the burner for a few moments. After the
paper has stopped smoking heat the crucible strongly, rotating it periodically so that no tar is deposited on the sides. Hold the crucible at red
heat for ten minutes then allow it to cool as described above; weigh the
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crucible and the barium sulphate. Repeat the process of heating, cooling, and reweighing until the successive weighings agree to within 0. 02
mg. Calculate the percentage of barium in the sample.
(b) Determination of barium as barium chromate. Dry a sintered
glass crucible to constant weight in an oven at 120° following a procedure
similar to that described in part (a).
Accurately weigh about 0. 4 to 0. 5 g of barium chloride dihydrate and
quantitatively transfer the sample to a 250 ml beaker; rinse the weighing
bottle with deionised water placing the washings in the beaker. Make
the volume of the solution up to about 100 ml with deionised water. Add
10 ml of 1 M acetic acid and 5 g of solid ammonium chloride.
Heat the mixture to boiling and stir so that the solid is dissolved;
stir the solution continuously and slowly add 10 ml of 10% potassium
chromate solution. After the addition is complete boil the solution
gently for several minutes, and allow it to stand for some time, preferably overnight.
Filter the mixture through a sintered glass crucible; rinse the beaker
with cold water and pour the rinsings through the crucible. Test the
filtrate to make sure that precipitation is complete. Dry the crucible
and the chromate to constant weight at 120°. Calculate the percentage of
barium in the original sample.
Mechanically remove as much of the precipitate as is possible, and
dissolve the remainder in dilute hydrochloric acid. Rinse the crucible
thoroughly with water.

12.5
Name ............................ Date .......... Mark ........... .
DETERMINATION OF BARIUM
Weight of BaC1 . 2H 0 (BaCl )
2
2
2

............ g

Weight of crucible + BaSO (BaCrO )
4
4

............ g

Weight of crucible

............ g

Weight of BaSO (BaCrO )
4
4

............ g

Percentage of Ba in sample
Weighing details and calculations.:

QUESTIONS
1. Indicate, with reasons, what effect you would expect the following
variations in experimental procedure to have on the result of this determination:
As sulphate: (a) The filter paper was not completely burned off before
the crucible was strongly heated.

12.6
(b)

Sodium sulphate was used as a precipitant.

(c) The precipitate was washed with dilute sulphuric acid.

(d) A concentrated solution of the precipitant had been added quickly.

As chromate: The precipitate was washed with dilute sulphuric acid.

3
2. Assuming that your sample contained 2 x 10- moles of barium,
that it was dissolved in 300 ml of water and that exactly twice the required
amount of sulphuric acid was added, would there have been any calcium
sulphate precipitated if very hard tap water, containing 100 ppm of calcium,
had been used for making up the solution (Kso for CaS04 = 2. 5 x 10-4)?
.................... Would this have affected the chromate determination?
Calculations:

12.7
Name ........................... .
3. In a variation of this procedure the sulphate ions are generated in
the solution by the slow hydrolysis. of sulphamic acid (NH2S0 3 H). What
is the advantage of this?

4. Why were acetic acid and ammonium chloride added before the
barium chromate was precipitated?

If ammonium chromate had been used as precipitant instead of the
potassium salt what change could have been made in the procedure?

5. The solubility of barium sulphate in dilute hydrochloric acid
solution varies as follows (Kolthoff and Vogelenzang, Zeit. anal. Chern.,

.!?..§., 49, 1919):

Concentration of acid (M)
Solubility (mg litre - 1)

0.0
2.6

0.1
11

0.5
31

1.0

54

Calculate the solubility product of BaS04
Given that K2 for sulphuric acid (HS04 ~ H+ + SO~-) is 10-2 mole
litre-1, determine whether the solubility of BaS0 4 in acid solution is
attributable simply to the formation of the bisulphate.

The data for the solubility of BaSO 4 in acid solution vary widely from
source to source. How do you account for this?

12.8

Calculations:

Exercise 13

DETERMINATION OF CHLORIDE
The quantitative precipitation of silver chloride for the determination of
either silver or chloride involves a number of experimental problems.
The precipitate tends to be colloidal and thus difficult to filter. The
addition of dilute nitric acid to the solution renders the silver chloride
less soluble and thus assists in the coagulation process; also nitric acid
prevents the precipitation of other salts sach as the phosphate and carbonate. The use of a slight excess of precipitant also reduces the solubility of the chloride, but a large excess is to be avoided as the precipitate adsorbs common ions from the solution and will form a soluble
complex if the concentration of silver or chloride ions becomes sufficiently high.
Further, silver chloride is photochemically sensitive, being decomposed by light to metallic silver and chlorine. It quickly. turns purplish
in colour on exposure to sunlight and therefore all operations should be
carried out in subdued light.
The precipitate is washed with dilute nitric acid to reduce losses by
dissolution and to prevent peptisation.
PROCEDURE
Dry a sintered glass crucible to constant weight in an oven at 120°.
Weigh out accurately sufficient barium chloride dihydrate to contain
about 0. 1 g of chlorine. Dissolve the sample in about 150 ml of
deionised water in a beaker and add 5 ml of 2M nitric acid. Estimate
approximately how much 0.1 M silver nitrate will be .,equired to precipitate the chloride and thenadd this volume slowly and with constant
stirring. Check for completeness of precipitation by adding a few
drops more of precipitant; repeat this process until there is a slight
excess of silver ions present.
Heat the suspension and maintain near boiling for several minutes
until the precipitate is coagulated and the supernatant liquid is clear.
Again check that precipitation is complete. Allow the suspension to
settle in a dark place for at least one hour.
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Decant as much as possible of the supernatant liquid through the
filter crucible. Wash the precipitate several times by adding 0. 02 M
nitric acid to the beaker and decanting. Transfer the precipitate to the
filter as a suspension in dilute nitric acid and rinse out the beaker with
the acid, making sure that there are no solid particles clinging to the
wall. The residue in the filter must now be washed with 1 ml quantities
of dilute nitric acid until any silver ions which may have been absorbed
on the precipitate have been removed. This removal is complete when
the filtrate collected from the last washing gives no precipitate when
treated with dilute hydrochloric acid solution.
Dry to constant weight at 120°.
Clean the crucible mechanically and by backwashing.
The crucible should then be washed with ammonia solution, followed
if necessary by hydrochloric acid.

13.3
Name ............................. Date .......... Mark ......... .
DETERMINATION OF CHLORIDE
Weight of watchglass + BaCl 2 . 2H 20

............ g

Weight of watchglass

............ g

Weight of BaCl 2 . 2Hz

............ g

Approximate weight of chlorine

............ g

Approximate volume of 0. 1 M AgN0 3 required

........... ml

Weight of crucible
+ precipitate

............ g

Weight of crucible

............ g

Weight of precipitate

............ g

Percentage of chloride in sample
Calculations:

13.4
Complete analysis of BaCl 2 . 2H 20
Theoretical
Barium

000000000000%

Found

........... %

Chloride
Water
QUESTIONS
1. Indicate, with reasons, what effect you would expect the following
variations in experimental procedure to have on the result of this
determination:
(a) Pure water was used for washing the precipitate

(b) A large excess of precipitant was added

(c) The experiment was carried out in bright sunlight

(d) The solution was not acidified before precipitation

2. Would it have been reasonable to use either hydrochloric or sulphuric acid for acidifying the solution?

3. If this method were to be used for the determination of silver,
what would be the effect on the result of adding a large excess of
chloride ion during the precipitation?

13.5
Name

.............................

4. A standard method for determining chloride and bromide in a
mixture is to precipitate both with silver nitrate, weigh the product,
convert the bromide to chloride by heating in a stream of chlorine and
weigh again. In one determination, the weights obtained were 1. 810
and 1. 676 g; calculate the weights of AgCl and AgBr in the original
precipitate.
Agel ................. g
AgBr ................. g
Calculations:

5. Despite the fact that AgCl is about six hundred times more
soluble than AgBr, the precipitate resulting from the addition of 0.1
mole of silver nitrate to a solution containing 0. 1 mole each of chloride
and bromide ions is not pure AgBr, but contains a few percent of Agel.
Discuss.

Exercise 21

ACIDIMETRY
Volumetric analysis involves the determination by titration of the volume
of a solution of unknown strength that is required to react completely with
an aliquot of a standard solution of known concentration. In some cases,
the unknown or the standard may be solids. The standard solution, if one
is used, is normally placed in the burette, but this is by no means always
the case.
There are a number of types of titrations - iodimetry, acidimetryalkalimetry, redox, precipitation, complexometric - the names being
self~explanatory.
When the desired reaction has proceeded to completion,
the equivalence..point is said to have been reached. The true equivalencepoint may, in fact, not be recognised in a titration, but rather an endpoint is determined. The method for recognising the end-point is usually
chosen so that the difference between this and the equivalence-point is
negligible for the purpose.
The most common means of detecting the end..point of an acid-base
titration is by the nse of an indicator, which changes from one distinct
colour to another over a given pH range, adopting intermediate colours
within that range. When it is desired to define a particular pH more
closely, a mixed indicator may be used; e.g., a mixture of neutral red
and methylene blue changes colour very sharply near pH 7 and is thus
useful for titrating weak acids against weak bases. Alternatively, a mixture of an indicator with an indifferent dye, called a screened indicator,
may be used; e.g., methyl orange and xylene cyanol changes from green
to grey to magenta sharply at pH 3. 8. Some common indicators are:
methyl orange
red
3.1 - 4.4 yellow
bromocresol green
yellow
3.8-5.4 blue
methyl red
red
4. 2 - 5. 4 yellow
bromothymol blue
yellow
6. 0 - 7 . 6 blue
phenolphthalein
colourless
8. 3 ~10 .0 red
thymolphthalein
colourless
9.3 -10.5 blue
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Other means for recognising the end -point include following the electrical
conductance of the solution and measuring the emf of a suitable electrode
pair.
In the first part of this exercise you will standardise some approximately 0. 1 M hydrochloric acid against solid samples of borax (disodium
tetraborate decahydrate, Na 2B 407 .lOHzO) according to the equation
Na B 0
+
2 4 7

2 HCl

+

5 H 0----i>4 H B0
2
3 3

+

2 NaCl

The advantages of borax over sodium carbonate are:
(i) it has a high molecular weight
(ii) it is easily and economically purified by recrystallisation from
water, thus eliminating the need for heating to constant weight. Since the
decahydrate changes to the pentahydrate at 61°, the recrystallisation must
take place below this temperature.
(iii) it is practically non -hygroscopic.
Boric acid is a weak acid, but in the presence of organic compounds
with adjacent hydroxy-groups it behaves as a strong acid and can be titrated using phenolphthalein. This interesting property is apparently due to
an interaction of the type
. I
I
1
HIC-QH + B(OH) ~H9-0-..B_...0-9H + 3H20.
3
HC-OH
HC-0,... '0-CH
I
I
I
Having standardised the acid, you will use it to estimate the proportion of sodium carbonate in a solution of sodium hydroxide by carrying out
two titrations with different indicators. Free carbon dioxide in the
solution renders it sufficiently acid to decolourise phenolphthalein so that,
if we titrate first using this indicator, the titre, T 1 , will correspond to
the reactions
NaOH + HCl--'»NaCl + H 0
2

co + HCl--i>NaHC0 3 + NaCl
2 3
If the dissociation constants of carbonic acid are K1 and K2 , the pH at
this stage is given approximately by i(pK 1 + pK2) = 8. 3. Since the
phenolphthalein indicator does not give a particularly sharp end -point, it
is preferable to use a mixture of 6 parts of thymol blue and 1 part of
cresol red, which is blue at pH 8.4, violet at 8.3 and rose at 8.2. As the
pH range of thymol blue is 8. 0-9.6 in its second range, this mixture
and

Na
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is a mixed indicator.
H the titration is repeated with a fresh sample, using an indicator with
a range below the pH of a saturated solution of carbon dioxide, the sodium
hydrogen carbonate will be titrated as well
NaHCO + HCl-»NaCl + CO + H 0
3

2

2

and the titre, T2, will correspond to the total concentration of base.
Methyl orange could be used, but a sharper end-point is obtained with the
screened indicator, methyl orange -indigo carmine, which changes from
yellowish -green to grey at pH 3. 8 and then to violet (magenta) at pH 4. 0.
PROCEDURE
(a) Standardisation of hydrochloric acid. Weigh out accurately two
0.4-0.5 g samples of borax, transfer them to separate titration flasks
with about 20 ml of water and add a few drops of a suitable indicator.
Answer Question 3 at this stage to assist you in the choice of indicator.
Titrate each sample with the stock acid. It is suggested that you keep
the first solution when it has reached what you consider to be the endpoint and titrate the second to the same colour. Calculate the concentration of the acid.
(b) Titration of carbonate-hydroxide mixture. Obtain from your
demonstrator a mixture of sodium carbonate and hydroxide solutions.
Make this up to 250 ml in a standard flask and titrate 25 ml aliquots with
the standardised acid, using the mixed thymol blue indicator, until satisfactory agreement (better than 0. 1 ml) is obtained between titres.
Repeat the titrations using the methyl orange screened indicator.
Calculate the weights of sodium hydrogen carbonate and sodium
hydroxide in the original sample.
(c) Titration of boric -hydrochloric acid mixture. Determine the
concentration of some 0. 1 M sodium hydroxide by titrating it against the
hydrochloric acid standardised above.
Obtain from your demonstrator a mixture of boric and hydrochloric
acids. Make this up to 250 ml in a standard flask and titrate 25 ml
aliquots with sodium hydroxide, using methyl orange indicator.
Repeat the titrations, using phenolphthalein and adding, before
titration, 10 ml of 10% mannitol solution to each 25 ml aliquot.
Calculate the weights of hydrogen chloride and boric acid in the
original sample.
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(d) Determination of ammonia in an ammonium salt. Take two conical
flasks to your demonstrator and obtain duplicate aliquots of solution of
ammonium chloride. Add to each 50 ml of the standardised sodium
hydroxide from a burette. Place a small funnel in the neck of each flask
and boil gently until a piece of filter paper moistened with mercurous
nitrate no longer turns black when placed in the vapour above the boiling
liquid. Cool the solutions and titrate the unconsumed sodium hydroxide
with standard hydrochloric acid, using methyl red or methyl orange as
indicator. Calculate the weight of ammonium chloride in your sample.
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Name ............................ Date ........... Mark .......... .
ACIDIMETRY
(a) Standardisation of hydrochloric acid
Weight of watchglass +borax

.......... g

Weight of watchglass

.......... g

Weight of borax

.......... g

Number of moles of borax
Indicator used
Titre

.......... ml

Accepted titre

ml

Concentration of acid

.......... M

Calculations:

(b) Titration of

carbonate~hydroxide

mixture
.......... ml

Moles of hydrochloric acid used

21.6
.......... ml
Moles of hydrochloric acid used
Moles of carbonate used in titration
Moles of hydroxide used in titration
Weight of sodium carbonate in original
sample

.......... g

Weight of sodium hydroxide in original
sample

.......... g

Calculations:

(c) Titration of boric-hydrochloric acid mixture
Titres for standardisation of sodium hydroxide
.......... ml
Concentration of sodium hydroxide

•.....•... M

Titres of acid mixture using methyl orange
ml
Moles of sodium hydroxide used
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Name ............................ .
Titres of acid mixture using phenolphthalein
··········ml
Moles of sodium hydroxide used
Weight of hydrogen chloride in original sample

.......... g

Weight of boric acid in original sample

.......... g

Calculations:

(d) Determination of ammonia in an ammonium salt
Volume of sample

.......... ml

Moles of sodium hydroxide added
Tit res

.......... ml

Moles of sodium hydroxide unconsumed
Moles of ammonia liberated ·
Weight of ammonium chloride in sample
Calculations:

.......... g
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QUESTIONS
1. Explain how this procedure could be modified for analysing a carbonate-bicarbonate mixture. Could it be used for a mixture of hydroxide,
carbonate, and bicarbonate?

2. The first dissociation constant for a solution of carbon dioxide in
water is based on the total carbon dioxide content, i.e. ,
+
-7
K = [H l [Hco;J 1 [co J = 4.2x 10
2
1
(i) Given that the absorption coefficient (i.e., the volume at STP of
gas dissolved by unit volume of solvent under a partial pressure of the
gas of 1 atm) for carbon dioxide in water at 20° is 0. 88, calculate the pH
of a saturated solution of carbon dioxide in equilibrium with air (0. 03%
carbon dioxide by volume).

(ii) Since carbon dioxide obeys Henry's Law satisfactorily up to 5 atm

pressure, it is clear that the reaction with water proceeds only to a
slight extent. Treating the dissociation as a two-step process co 2+ H2o
...-H co ~H+ + HC03 and assuming that 1% of the gas has reacted
2 3
with water, calculate the 'true dissociation constant of carbonic acid'.
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Name

• • • • • • • '·-".'_..! • • •

0

••••••••••••••••

(iii) The pH of the solution obtained when a carbonate has been
titrated to its equivalence-point is usually less than that calculated in (i).
Explain.

3. Assuming that 25 ml of 0. 1M hydrochloric acid was used in titrating the borax and that the volume of the solution at the equivalencei)oint
was 50 ml, calculate the pH of the solution at the equivalence-point.
(K

a

~ 6

X

10- 10)

4. It was stated in the introduction that one of the advantages of borax
over sodium carbonate as a standard substance for acidimetry was its
much higher molecular weight. Explain . What are the requirements
for a satisfactory primary standard?

5. It was stated in the introduction that the pH of a solution of sodium
hydrogen carbonate is given approximately by:
pH ~ ~ (pK + pK 2) ~ 8.3
1
Does this pH vary with the concentration of sodium hydrogen carbonate?
Is the solution a buffer solution?
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6. Write an equation illustrating the mercurous nitrate test for
ammonia.

Exercise 22

PERMANGANATE TITRATIONS
Potassium permanganate is a powerful oxidising agent and is extremely
valuable for volumetric work. It is, however, difficult to obtain pure,
and in solution is readily decomposed by light, heat, and traces of organic
material (e.g., filter paper, rubber); additionally, the solutions tend to
deposit manganese dioxide which catalyses further decomposition. For
these reasons potassium permanganate is not used as a primary standard.
Nonetheless, provided that your apparatus is clean, an initial standardisation of the solution provided will be valid for the duration of this
assignment.
A useful discussion of the stabilities of certain volumetric solutions is
given by B. W. Durham, J. Chern. Educ., 28,387, 1951, and also in
many texts.
In acid solutions the partial ionic equation for the reaction of permanganate ions is
+
2+
Mn0 4 + 8H
+ 5e .:==-Mn
+ 4H 0
2
2
The electrode potential of the Mn04/Mn + couple is given by
E = Eo -

RT
nF

(Mn 2+)
(Mn04)(H+)8

E0

=

1.52 volt

By manipulating the pH of the solution it is possible to vary E and
thereby to oxidise selectively several components of a mixture.
PROCEDURE
(a) Standardisation of permanganate solution. Use your 500 ml volumetric flask to collect 300 ml of approximately 0. 02 M permanganate
solution from the store. Note that this volume is more than adequate for
your requirements and you may have trouble obtaining more; it would be
necessary to standardise any further permanganate solution you might
collect.
Calculate the quantity of sOdium oxalate required to make 250 ml of
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0. 05 M solution. Accurately weigh this quantity from a bottle of dry
salt, dissolve it in warm deionised water, and make up to 250 ml in a
standard flask.
NOTE: Oxalates are very poisonous, and attack glass slowly.
Pipette 25 ml of the oxalate solution into a conical flask and acidify
with 25 ml of 1M sulphuric acid. Warm the mixture to 60° and titrate
slowly with the permanganate solution until the warm solution retains a
slight pink colouration after standing for 30 seconds.
All titrations should be carried out in duplicate. The partial ionic
equation for oxalate ions is
2C204 ~2C0

2

+

2e

Calculate the molarity of the permanganate solution.
(b) Determination of oxalate in the trioxalatoferrate complex ..

Accurately weigh about 0. 2 g of the potassium trioxalatoferrate complex
prepared previously. Boil this sample with 50 ml of 1 M sulphuric acid
in a conical beaker. Allow the mixture to cool to about 60° and titrate
with the permanganate solution as before. Repeat the determination.
Calculate the percentage by weight of oxalate in the sample and compare with the theoretical value.
(c) Determination of iron. Use the approximate value supplied for
the percentage of iron in the ferrous salt to calculate the amount of salt
required to give a titre of about 40 ml with the permanganate solution.
Accurately weigh out this quantity, dissolve in 100 ml of water, ·add 10 ml
of 3 M sulphuric acid and titrate with the permanganate solution. Carry
out a duplicate determination.
Calculate the percentage of iron in the sample.
(d) Determination of manganese. In this analysis, an amount of
oxalate in excess of that required by the equation
Mn0

2

+

c 2o 4 2-

+

+
2+
4 H __,.Mn

+

2C0

2

+

2H 0
2

is added to a sample of manganese dioxide and the excess is determined
by titration with permanganate solution.
Accurately weigh out about 0 . 5 g of the impure manganese dioxide
sample and transfer to a 400 ml beaker; add 0. 1 g more than the amount
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of sodium oxalate that would be required if the sample were pure. Add
25 ml of water and 50 ml of 3M sulphuric acid. Cover the beaker with a
watchglass and warm gently until the evolution of carbon dioxide ceases
and the residue is free from black particles. Dilute the solution to about
250 ml, warm to 60°, and titrate with the permanganate solution.
Calculate the percentage of manganese dioxide in the sample. This
back-titration technique can also be used for cations such as calcium that
form insoluble oxalates.
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Name ............................ Date ............ Mark ........ .
PERMANGANATE TITRATIONS

(a) Standardisation of permanganate solution
Molecular weight of sodium oxalate
Weight required for 250 ml of 0. 05 M

........... g

Weight of watchglass + sodium oxalate

........... g

Weight of watchglass

........... g

Weight of sodium oxalate

........... g

Concentration of oxalate solution

........... M

Titres of permanganate against 25 ml of oxalate solution
..........

..........

Concentration of permanganate solution

.. ........ ml
........... M

Comments and calculations:

(b) Determination of oxalate in complex

Weight of watchglass + complex

........... g

Weight of watchglass

........... g

22.6

Weight of complex

.......... g

Tit res

.......... ml

Weight of oxalate in complex

.......... g

Percentage of oxalate in complex
Theoretical percentage
Comments and calculations:

(c) Determination of iron
Mmole of permanganate in 40 ml of solution
Mmole of iron required
Approximate percentage of iron in salt (supplied)
Weight of salt required
Weight of watchglass +salt

.......... g

Weight of watchglass

.......... g

Weight of salt

.......... g

Tit res

.......... ml

Percentage of iron in salt
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Name
Comments and calculations:

(d) Determination of manganese
Weight of watchglass + manganese dioxide

.......... g

Weight of watchglass

.......... g

Weight of manganese dioxide

.......... g

Weight of sodium oxalate required

.......... g

Weight of watchglass + sodium oxalate

.......... g

Weight of watchglass

.......... g

Weight of sodium oxalate

.......... g

Titres

.......... ml

Mmole of oxalate added
Mmole of oxalate titrated
Mmole of manganese dioxide
Percentage of manganese dioxide in
sample

22.8
Comments and calculations:

QUESTIONS
1. Arsenic (III) oxide is probably the best primary standard for

permanganate.
state.

Write a partial ionic equation for the oxidation to the (V)

2. In neutral or weakly alkaline solutions, permanganate is reduced to
manganese dioxide, while in strongly alkaline solutions the manganate ion
Mn042- is produced. Write partial ionic equations to illustrate these
reductions .

3. Assign oxidation numbers to manganese in the following compounds:

Mn0 2 . . . . . . . . . .

MnCl 2 . . . . . . . . . .

K 2Mno 4 . . . . . . . . . .

KMn0 4 ,, ........ .

Mn 2 (so 4)3 ........ .

4. Write equations to show whether the oxides MnO, Mn 2o 3 , and
Mn 207 , are acidic or basic.
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5. Supposing that your trioxalatoferrate complex has been partially
decomposed according to the equation
+ 3K c o
+ 2 C0
2 K Fe(C o ) ___,. 2 FeC 0
3
2 43
2 4
2 2 4
2
would your permanganate titre be higher or lower than that obtained for
the pure substance ?

6. Solutions of ferrous ammonium sulphate are very much more
resistant to atmospheric oxidation than those of ferrous sulphate. Why?

7. Show that the equation for the pH dependence of the potential of
the Mn04/Mn 2+ couple reduces toE= E 0 - 0.095 pH when [Mn04l =
[ Mn2+] and hence calculate the pH values necessary to obtain E values
of 1. 00, 1. 30, and 1. 40. Consult a table of reduction potentials to
satisfy yourself that the three components of a mixture of chloride,
bromide, and iodide could be determined by titrating with permanganate
at the three calculated pH values .

Exercise 23

IODIMETRIC TITRATIONS
Iodine is so widely used in volumetric analysis that a special term,
iodimetry, is often applied to these determinations. Free iodine is reduced quantitatively by sodium thiosulphate which is oxidised to the
tetrathionate
2 8203

2-

+

+ 2 I

The end -point for the disappearance of free iodine is detected by using
starch indicator, which forms a blue addition complex with iodine.
Since the release of iodine from the complex may be slow, most of the
iodine is titrated and the solution diluted before the indicator is added.
The indicator s)lould be freshly prepared and cannot be used in alcoholic
or strongly acid solutions.
The best way of standardising the thiosulphate solution is against the
iodine liberated from potassium iodide by oxidation with potassium iodate
or bromate, the latter being less expensive
+
+ 5 I
+ 6H ~ 3 1
+ 3 H 0
2
2
Alternatively, but less desirably, permanganate or dichromate can be
used. Direct standardisation against iodine solutions is complicated by
the low solubility of iodine in water and by the volatility of iodine. These
difficulties are overcome by dissolving iodine in potassium iodide solution, in which it is very soluble and less volatile because of the formation of the triioclide ion, I 3 -.
Of the many determinations in which iodine is involved one of the most
interesting is that of copper. When solutions of copper and iodide ions
are mixed, part of the iodide is oxidised to iodine, while the copper is reduced to the cuprous state
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Cu

2+

+ I

!
Cu

2+

12

+
+

e

~cui

e...-c

+ 2 I - .,----"'Cul +

! I2

Eo = 0. 86 volt
Eo = 0. 54 volt
Eo = 0.32 volt

The liberated iodine is then titrated.
The cuprous ion disproportionates in water
+
2+
Eo = 0.17 volt
__,Cu
+ e .,..-Cu
+
Eo = 0. 52 volt
+ e --"Cu0
Cu

-

0
0
2
2 Cu+ ~Cu
+ Cu +
E = 0.35 volt
This value of 0. 35 volt is a function of the logarithm of the equilibrium constant and corresponds to
[ cu2+]

K

=

[ Cu+] 2

Cuprous ions can exist in contact with water only when they are
effectively isolated by precipitation or complex formation.
For accurate results the pH of the copper solution should be adjusted
to about 4 and this is done by means of a buffer -in this case, sodium
acetate-acetic acid. If the pH is too high the reaction ctoes not proceed
quantitatively to the right; if it is too low, the iodide ions are liable to
be re-oxidised by the air, a reaction which is catalysed by copper ions.
Cuprous iodide is white but the precipitate at the end of the titration
will be faintly buff-coloured owing to the triiodide ions adsorbed on the
surface. Besides introducing an error of up to about 0. 3%, this adsorption also renders the end -point somewhat difficult to detect. This may
be overcome by adding, just before the titration is complete, about 1 g of
potassium thiocynate. The cuprous thiocynate is less soluble than the
iodide and hence sharpens the end -point. In addition the thiocynate ions
will tend to displace the adsorbed triiodide ions. In fact, the lessexpensive thiocynate can be used to replace the iodide, provided a trace
of iodide is still present
Cui + CNS CuCNS + I
A further reaction of interest occurs when dilute sodium hydroxide is
added to excess copper sulphate; the page blue gelatinous precipitate

23.3
that separates is not a simple hydroxide, but a basic sulphate
+ 2a NaOH ~aCu(OH) .bCuS0
4
4 + aNa 2so 4
2
The values of !!:_and ~can be determined by adding a known amount of
sodium hydroxide to an excess of copper sulphate solution, filtering off
the precipitate and titrating the residual copper. In practice, it is better
to make several determinations using varying amounts of sodium hydroxide, when !!. and ~are estimated graphically.
The iodimetric determination of sulphides utilises the reversible
reaction
H S
+ s
(a+b) CuS0

2

The simple, direct procedure provides satisfactory results, provided
the concentration of hydrogen sulphide is not greater than 0. 01 M. At
this concentration, loss of the gas is avoided, side reactions are eliminated, and the precipitated sulphur does not carry down significant amounts
of iodine.
NOTE: Iodine is an expensive substance. Therefore, all solutions containing iodine in any form should be returned to the Iodine Residues
Bottle.
PROCEDURE
(a) Preparation and standardisation of 0. 1 M thiosulphate solution.
Weigh out accurately about 6. 2 g of the sodium thiosulphate pentahydrate
prepared previously. Dissolve the sample in water and make up to 250
ml in a standard flask. Place 25 ml of the standard 0.05 M iodine solution provided in a titration flask and add thiosulphate solution from a
burette until the colour due to the iodine has changed to light yellow.
Dilute this solution to about 200 ml with deionised water, add 2 ml of
starch solution, and titrate carefully until the blue colour disappears.
Allow the solution to stand for a few minutes to make sure the titration
is complete. Carry out a duplication determination. Calculate the
concentration of the thiosulphate solution and the 'purity' of your preparation, basing your calculations on Na S 0{'H o.
2 2
2
(b) The reaction between copper sulphate and sodium hydroxide.
Place 25 ml of the copper solution provided in a titration flask and add
dilute sodium carbonate until a faint permanent precipitate appears.
Redissolve this by adding dilute acetic acid dropwise and then add 30 ml
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of 10% potassium iodide solution. Titrate with the iodine solution using
the starch indicators as described in (a). Carry out a duplicate determination. Calculate the concentration of the copper solution.
Add to 25 ml of copper solution the volume (up to 25 ml) of 0.1
sodium hydroxide assigned by your demonstrator. Filter off the precipitate and wash through with a little water. Titrate the copper in the
filtrate and the washings . Combine your results with those of the rest
of the group. Plot the volumes of copper solution used to form the precipitate against the volumes of sodium hydroxide added. Select any
suitable point on the line of best fit and determine _g and .2.
(c) The solubility of hydrogen sulphide. Put about 200 ml of water in
your 500 ml standard flask and then run in from the dispenser 50 ml of
water saturated with hydrogen sulphide; make up to 500 ml. Pipette two
25 ml samples of this solution into titration flasks containing 25 ml of
0, 05 M iodine solution which has been acidified with 5 ml of 2M sulphuric acid. Back-titrate the residual iodine in the usual way. Calculate
the solubility of hydrogen sulphide
1
(i) in mole litre - and
(ii) in ml of gas per ml of water at laboratory conditions.

Calculate also the pH of the solution, given that, for the equilibrium
+
H S~H
+ HS

2

~

1.1 x 10

-7

mole litre

-1
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Name ............................ Date ........... Mark ......... .
IODIMETRIC TITRATIONS
(a) Standardisation of thiosulphate solution
Weight of watchglass + thiosulphate

.............. g

Weight of watchglass

.............. g

Weight of thiosulphate

.............. g

Concentration of 0. 05 M iodine solution

.............. M

Tit res

ml

Concentration of thiosulphate solution

.............. M

Total weight of reducing agent in sample, expressed
as Na 2s 2o 3 . 5H 2o

·············· g
.............. %

Calculations:
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(b) The reaction between copper sulphate and sodium hydroxide

Tit res

........... ml

Concentration of copper solution

........... M

Volume
NaOH
added

Titre

............ml ............ ml

Volume of 0.05 M
CuSO 4 equivalent
to titre
............ml

Volume of 0.05
CuS04 used in
precipitate
............ ml

From graph: when ......... ml of .......... M sodium hydroxide was
added, volume of 0. 05 M copper solution used to form
precipitate was . . . . . . . . . . ml

a/b
Calculations:

=

.••.......
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Name
(c) Solubility of hydrogen sulphide
Tit res

ml

Volume of residual 0. 05 M iodine

ml

Amount of iodine consumed

mole

Concentration of hydrogen sulphide
Solubility of hydrogen sulphide

........... M

ml ml

-1

pH

Calculations:

QUESTIONS
1. Indicate, with reasons, what effect you would expect the following
variations in experimental procedure to have on the results of the copper
determinations
(a) The standard iodine solution was exposed to the atmosphere for some
time

23.8
(b) the pH was too high

(c) The pH was too low

(d) The starch indicator is added at the beginning of the titration

2. Given the reduction potential

l

0

E = 1.40 volt
+ e~Cl
2
would you expect potassium chloride to react with copper ions in the same
way as the iodide?
Cl

3. Comment on the figure you obtained for the purity of your sodium
thiosulphate preparation.

4. A well-known analytical text (Kolthoff and Sandell) says, of the
iodinetric determination of copper : 'A reasonable excess of iodide is
always added to insure the complete reduction of copper.' Do you consider this to be a reasonable statement?

5. The interference of ferric iron with this determination of copper
is reduced by the addition of ammonium hydrogen fluoride. Write
equations to illustrate the interference of the iron and the action of the

23.9
Name ........................... .
fluoride.

Note also that the fluoride acts as a buffer.

6. Although the reversible oxidation of hydrogen sulphide by iodine
produces hydriodic acid, the titration is carried out in weakly acid
solution to prevent the production of sulphate by a side-reaction. Write
a partial ionic equation to illustrate this.

7. Devise and perform a simple test for the presence of iodine in the
'iodised' table salt provided.

Exercise 24

PRECIPITATION TITRATIONS
Precipitation reactions may be used in volumetric analysis if the ions to
be determined can be precipitated as insoluble compounds by the addition
of known amounts of suitable reagents. For example, in the titration of
chloride (or other halides with the exception of fluorides) with silver
nitrate, one finds the exact amount of a silver nitrate solution of known .
concentration which is just sufficient to precipitate completely the chloride as silver chloride. At the equivalence-point, the amount of silver
solution added from the burette (precipitant) is exactly equivalent to the
amount of chloride in the sample.
Indicators in precipitation titrations function by producing a suitably
coloured precipitate or colour in solution as soon as an excess of precipitant has been added. The point at which th!'l colour can first be observed
is termed the end-point. If the indicator has been properly chosen and
the titration performed carefully, the end-point should be very close to
the equivalence-point.
(a) Mohr's method. In the determination of chlorides and bromides
by titration with silver nitrate, a solution of potassium chromate can be
used to detect the end-point. Silver halides are much less soluble than·
silver chromate, and, as long as there is an appreciable concentration of
halide ions in the solution, no silver chromate is precipitated on addition
of silver nitrate. When all the halide has been precipitated, the first
excess of silver nitrate precipitates the brown silver chromate, indicating the end-point of the titration.
The relationship between equivalence-point and end-point can be
derived by considering the solubility products of silver chloride and
silver chromate.
The equivalence-:point: At this point the amount of silver added is
equivalent to the chloride; the concentrations of silver ions and chloride
ions in equilibrium with solid silver chloride are equal.
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K

so

(AgCl)

+
[Ag l

=

1.7

X

10

-10

=

= 1. 3 x 10

=

+

[Ag l
-5

[Cl-]
mole litre

-1

The end -point: At this point silver chromate just begins to precipitate. A typical indicator concentration is reached by adding 1 ml of 0. 2
M potassium chromate to the titration mixture. If we choose the reasonable figure of 50 ml as the final volume of the titration mixture, the concentration of chromate ions is:
1 X 0 · 2 = o.004molelitre-\
50
the concentration of silver ions can now be calculated.
=

-12
=
Ks (Ag Cr0 ) = 1.1x 10
2
4
0
[Ag+] 2 = 1.1x 10-12 /4x 10-3
+
[Ag ]

=

1. 7 x 10

-5

mole litre

=

2.8

X

10- 10

-1

Therefore the end-point lies very slightly beyond the equivalence-point;
the difference, expressed in millilitres of precipitant, is termed the
theoretical indicator error. In the above example, the difference between
the silver concentrations at the equivalence-point and the end-point is (1. 7
x 10-5 - 1. 3 x 10-~ which is 4 x 10-6 mole litre - 1 . This amounts to 2 x
10-7 mole in the actual volume (50 ml). If the precipitant is a 0. 1 M
solution of silver ions, the volume required to increase the concentration
of silver ions from the equivalence-point to the end-point is ( 2 x 10-7 x

0.1

1000) or 0. 002 ml. The theoretical indicator error is thus insignificant.
In practice the indicator error is greater than the theoretical value since
a finite amount of silver chromate must be present before the colour
change can be observed.
The Mohr titration can be carried out only in neutral solutions (see
Question 4).
(b) Adsorption indicators.
Precipitates have a tendency to adsorb
their own ions. When halide solutions are titrated with silver nitrate the
excess of silver ions, which is present in the solution beyond the equivalence-point, is adsorbed on the surface of the silver halide precipitate
(primary adsorption); there is thus a positively charged layer on the
surface of the precipitate, and this can adsorb ions with a negative charge
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(secondary adsorption). Anions of some organic acids such as fluoresceili and eosin, are adsorbed much more strongly than nitrate ions, and
silver halides precipitated in the presence of these acids give brightly
coloured 'adsorption complexes' at the end-point. The colour change at
the end -point occurs on the surface of the silver halide precipitate.
Silver halides with a layer of indicator adsorbed on the surface are
especially sensitive towards decomposition by light. Titrations using
adsorption indicators must be carried out with a minimum exposure to
sunlight or fluorescent light.
PROCEDURE
(a) Determination of chloride using Mohr's method, Accurately weigh
about 3 to 3. 5 g of the barium chloride used in the earlier assignments.
Dissolve the sample in water and make the solution up to 250 ml in a
standard flask taking care to mix thoroughly. Pipette 25 ml of the
solution into a conical flask and add between 5 and 10 ml of 0. 5 M sodium
sulphate. Shake the flask and allow it to stand for a few minutes; use a
graduated pipette to add 1 ml of 0. 2 M potassium chromate. Titrate the
mixture with the standard silver nitrate solution until the reddish colour,
formed by the addition of each drop of the precipitant, begins to disappear
more slowly. This indicates that most of the chloride has been precipitated and the titration should now be continued dropwise. The first
permanent brown tinge represents the end-point. Repeat the determination until concordant results (differing by no more than 0. 1 ml) are
obtained. Use the mean of these to calculate the percentage of chlorine
in the sample.
Combine these results with the percentages of barium and water
obtained in previous assignments and calculate the empirical formula of
the barium sample (i.e. the proportions H20 : Cl : Ba).
(b) Determination of chloride using an adsorption indicator. Pipette
25 ml of the barium solution prepared above into a conical flask; add
about 25 ml of water and 10 drops of fluorescein. Titrate this solution
with the silver nitrate while agitating the flask continuously. As the endpoint is approached the silver chloride begins to coagulate, and the local
development of a pink colour as silver nitrate is added becomes more
pronounced. At the end-point the precipitate suddenly assumes a pink or
red colour. Repeat the determination until titration figures agreeing
within 0. 1 ml are obtained.
Calculate the percentage of chlorine in the sample.
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Name . . . . . . . . . . . . . . . . . . . . . . . . . . . . Date . . . . . . . . . . . Mark .......... .
PRECIPITATION TITRATIONS
Concentration of silver nitrate supplied

............ M

(a) Mohr determination of chloride
Weight of watchglass + BaCl . 2H 0
2
2
Weight of watchglass

............ g

Weight of BaCl . 2H 0

............ g

Tit res

............ ml

Accepted titre

............ ml

2

............ g

2

Millimole of chlorine in sample
Total weight of chlorine in sample

............ g

Percentage of chlorine in sample
Summary of analysis of BaCl . 2H 0:
2
2
Theoretical

...

Barium
Chlorine
Water

Calculations:

..
..

%

..

Found

.. . ..
.. . .
.. .

%
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(b) Adsorption indicator method

Titres

ml

Accepted titre

ml

Millimole of chlorine in sample
Total weight of chlorine in sample

......... g

Percentage of chlorine in sample
Calculations:

QUESTIONS
1. Why is it that the silver chloride is seen to coagulate near the endpoint of these titrations?

2. It has been found that the red colour of the ferric thiocyanate ions
can first be observed when the concentration of the complex ion,
[ Fe(H 2o) SNC] 2 +; is about I0-5 M. The equilibrium constant for the
5
formation of the complex is
[ Fe(H 20) 5SCN2+]
= 130
K
[ Fe(H 0)r] [SeN-]
2
A silver solution is titrated with 0. 1 M thiocyanate solution, and the
final volume of the solution in the titration vessel is about 100 ml; the
concentration of the ferric indicator solution is 0. 02 M. Given the
solubility product for silver thiocyanate as
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Name
12
K (AgSCN) ~ 1. 0 X 10so
calculate the molar concentration of thiocyanate at the equivalence-point
and at the end-point, and find the theoretical indicator error (the volume
of 0. 1 M thiocyanate solution required to increase the concentration of
thiocyanate ions from the value at the equivalence-point to the value at
the end-point) .

3. What is the reason for addition of sodium sulphate to the chloride
solution in Section (a) ? Why is sodium sulphate not added when an
adsorption indicator is used?

4. It was stated in the introductory notes that the titration of halides
with silver nitrate by Mohr's method must be done in neutral solutions.
What would happen if the solution were acid or strongly alkaline?

The organic acid fluorescein <Ka "' 10 -8) does not function efficiently as
an adsorption indicator in acid solutions. Can you suggest an explanation for this?

Exercise 25

VOLUMETRIC GLASSWARE
You should remember that the success of many exercises will depend on
the precision of your measuring equipment and that this in turn will
depend on the care that you take of it and the skill with which you use it.
This exercise is designed to introduce you to the function, use, and care
of your glassware.
(a) Volumetric glassware
Cleaning: When water is poured from a clean glass vessel there should
remain on the inner surface an unbroken film of water. A few minutes
spent, as opportunity offers early in the year, in cleaning your glassware
will save you much time and trouble later. Usually a thorough washing
with detergent and warm water, followed by rinsing, will be adequate.
If you are unable to clean some apparatus satisfactorily, consult your
demonstrator, who may suggest some more vigorous method.
Volumetric Flasks: These are calibrated to contain a fixed volume of
liquid at a specified temperature and are used for, the preparation of
standard solutions. They are not reagent bottles. for the storage of
solutions. B-grade 250 ml flasks have a tolerance of:_ 0. 2 ml.
Transfer Pipettes: These are calibrated to deliver a fixed volume of
liquid under specific conditions. If the solution to be measured out is
corrosive or toxic, do not suck it into the pipette by mouth. The level
of liquid in the pipette is controlled by a finger, not the thumb. The
pipette should be vertical when adjusting the meniscus to the calibration
mark. When the pipette is discharging the solution, the tip should be in
contact with the walls of the receiving vessel and should be kept there
for about 15 seconds after the flow has apparently stopped. Some
liquid should remain in the tip even after delivery is complete; the
pipette is calibrated to allow for this. Never blow through a pipette.
It is easy to chip the tip of a pipette, thereby rendering it useless for
any accurate work. Check yours at frequent intervals. The specifications of a B-grade 25 ml pipette are an outflow time of 20-50 seconds, a
drainage time of 15 seconds and a tolerance of :_ 0. 05 ml.
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Graduated Pipettes: These are a hybrid between a transfer pipette and a
burette. They are used for measuring out variable volumes slightly
more accurately than by measuring cylinder.
Burettes: Before using a burette, check that it is clean, that there is no
grease in the vicinity of the tap or in the tip and that the tap is welllubricated and moving freely. Greasing a tap well is quite a skilled
task and you would be well advised to seek your demonstrator's assistance. In use, the burette should be clamped vertically. Before taking
the reading, allow at least 10 seconds after delivery has ceased for
drainage to be complete. You should fix on a method for reading the
meniscus and adhere to it. The tolerance of a B-grade 50 ml burette is
:.::_ 0.1 ml.
Measuring Cylinders: These are useful only for the approximate measurement of liquids .
Beakers and Flasks: These are used as containers for carrying out
reactions. They usually have a capacity about 10% greater than that
engraved on the side.
(b) Calibration of a pipette. This exercise is designed to introduce
you to your balance and to .the handling of a pipette. You are asked to
determine the weights of three samples of water delivered from your 25
ml pipette and to apply some corrections to compensate for the fact that
experimental conditions are not standard.
Weigh a clean, dry 100 ml beaker covered with a small watchglass;
you should handle the beaker with cloth or tissue to prevent transfer of
moisture from your fingers to the glass. Add 25 ml of deionised water
from the pipette and weigh again. Add two further 25 ml samples,
weighing after each addition. Calculate the mean weight of water
delivered by the pipette and the variation about the mean.
Because, according to Archimedes' Principle, the apparent weight
of an object immersed in a fluid is less than the true weight by the weight
of the amount of fluid displaced, it is necessary to apply a correction for
buoyancy when the density of the object is significantly different from
that of the weights used (here 8. 4 g em -3).
This correction can be
readily calculated, but you may read it from the nomogram supplied in
the laboratory.
In order to convert the corrected weight of water to a volume it is
necessary to know the density of the water at the temperature of the
laboratory. Obtain this value from the table in the Appendix.
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For the most precise work there are other corrections that should be
applied. Notice, for example, that if the pipette is used at a temperature
other than that for which it was calibrated, allowance should be made for
the thermal expansion of the glass. The cubical expansion of pyrex glass
is approximately 1o-5 deg-1, which, for a 25 ml pipette at 30° (ten
degrees above the standardisation temperature), produces an increase in
volume of 25 x 10 x 10- 5 = 0. 0025 ml; this is clearly negligible for
normal use.
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Name ............................ Date ........... Mark ......... .
VOLUMETRIC GLASSWARE
Experimental conditions

0

......... C

......... mmHg

Weight of beaker·
(1) ........ (2)

+water (2, 3, 4)

(3) . • . • . . . . . . (4) .........

g

(1) ........ (2) .......... (3) .. .. .. .. . g

Weight of water

g

Mean weight of water

g

Variation about mean
Buoyancy correction factor

+

m1

.

%
g

Corrected mean weight of water

g ml

Density of water at laboratory temperature
Corrected mean volume of water

.

.

ml

QUESTIONS
1. Which holds more, when filled to the graduation mark: a 25 ml
pipette or a 25 ml volumetric flask?

2. What is the meaning of the inscription 250 ml/C20°C/B (or its
equivalent) on your volumetric flask?

3. Under what circumstances is a pipette, operated in the ordinary
way, NOT to be used for measuring out liquids?

-1
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4. List at least four variables that affect the volume of liquid delivered
by a pipette and indicate, with reasons, what you would expect to be the
effect on the delivered volume of increasing each one of these variable
quantities.

5. The following titres were obtained with a B-grade burette when
weighed portions of potassium hydrogen phthalate were titrated with 0.101
M NaOH using phenolphthalein indicator:
Titre
Sample weight
19.8ml
0.408 g
28.7
0.594
Are these results within the limits of experimental accuracy?
Discuss.

6. The corrected weight of water in a volumetric flask filled to the
mark at 15° was 998. 87 g. A solution of 16. 988 g of silver nitrate was
made up to the mark in this flask at 25°. Calculate, with appropriate
precision, the concentration in mole litre -1 of this solution.
(Coefficient of cubical expansion of glass~ 2.5 x 10-5 deg- 1 , density of
water at 15° ~ 0.99913 g ml- 1 , AgN0 3 : 169.88).
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Name

............................

7. At what temperature would a Fahrenheit and a Celsius thermometer have the same reading?

8. The temperatures of two beakers of liquid are such that the
Fahrenheit temperature of one is -3 times the Fahrenheit temperature of
the other. Further, the same relationship obtains between the Celsius
temperatures. What are the temperatures of the liquid?

Exercise 31

INORGANIC PREPARATIONS
While it is probably true that pure synthetic inorganic chemistry, i.e. ,
the making of a compound for its own sake, is much more popular than it
deserves to be, nevertheless every experimental chemist needs raw
material and the search for and the application of new synthetic methods
is an important field.
Each preparation should be preserved in a suitable vessel labelled
with the names of the substance and the preparer, the yield and date and,
if known, the approximate purity. If the preparation involved several
steps, the approximate yield at each stage should be recorded for later
reference.
PREPARATION OF SODIUM THIOSULPHATE PENTAHYDRATE
Na s o . 5H 0
2 2 3
2
In the same way as sulphites may be oxidised to sulphates by atmospheric
oxygen, so they may also be oxidised by sulphur to yield thiosulphates in
which one of the sulphate oxygen atoms is replaced by sulphur. The two
sulphur atoms in the thiosulphate molecule are not equivalent; this can be
shown by preparing the thiosulphate with sulphur that has been labelled
with the radioisotope 35s. When such labelled thiosulphate is decomposed
with acid all the radioactivity is retained by the liberated sulphur,
indicating that there has been no exchange between the sulphur atoms in
the thiosulphate molecule.

s*

+

so~-~s*so~~

The only difficulty that is likely to be encountered in the preparation
arises from the high solubility of sodium thiosulphate. At 20°, 100 g of
water will readily dissolve about 150 g of the salt; hot solutions readily
become highly supersaturated on cooling and the salt may not crystallise.
During the preparation do not add excess water to the system and, if
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crystals have not formed by the next session, add a tiny seed crystal to
the solution. If crystallisation does not then begin immediately it will
be necessary to boil off some of the water carefully and then perhaps to
re-seed.
PROCEDURE
Place 15 g of anhydrous sodium sulphite, 5 g of finely powdered
sulphur and 40 ml of water in a conical flask. Place a small filter funnel
in the neck of the flask to reduce loss of water by evaporation; boil the
mixture gently for about two hours. From time to time replace the water
that has boiled off, but do not add excess. Filter the hot solution to remove unreacted sulphur. Allow the filtrate to crystallise in a small
beaker. If crystallisation does not occur, proceed with the seeding
operations described above.
Dry the crystals between filter papers and allow them to stand in the
air until thoroughly dry. Do not heat the product in an attempt to
accelerate the drying as sodium thiosulphate melts incongruently at 49°.
Weigh the crystals and store for later use.
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Name ............................ Date ........... Mark .......... .
PREPARATION OF SODIUM THIOSULPHATE PENTAHYDRATE
Theoretical yield

.............. g

Actual yield

.............. g

Percentage yield
Weighing details and calculations:

QUESTIONS
1. Write equations to show how the folloWing reagents might be used
to differentiate between thiosulphates, sulphites, and sulphates:
(a) Dilute acid

(b) Lead acetate solution

(c) Iodine solution

31.4

2. What do you think is the best assignment for the oxidation numbers
of the two sulphur atoms in thiosulphate?

3. Suggest a molecule in which you would expect two or more atoms
or ions to be equivalent and hence to exchange with one another.

Exercise 32

PREPARATION OF TIN (IV) IODIDE
The bond between a pair of atoms acquires increasing covalent character
and becomes more localised as the electronegativity difference between
the two atoms decreases. Such increasing covalent character in the bond
leads to a crystal lattice which is composed of discrete molecules between
which the forces of interaction are relatively weak.
In contrast to the behaviour of ionic lattices, the. dissolution of such
molecular lattices in water may result in the decomposition of the compound. For this reason the preparation of tin (IV) iodide is carried out
in the absence of water, which is removed by reaction with acetic
anhydride to give acetic acid; acetic acid is used as the medium for the
reaction.
PROCEDURE
Reflux 3 g of stannous chloride dihydrate with 25 ml of a 1 : 1
mixture of glacial acetic acid and acetic anhydride for fifteen minutes in
a 50 ml round-bottom flask fitted with a condenser. Allow the mixture
to cool.
Remove the condenser and add 3. 3 g of iodine in portions, shaking the
mixture well between additions. Replace the condenser and boil the
solution for a few minutes. If the solution is not completely clear at this
stage, pour a few crystals of iodine down the condenser. On cooling,
deep orange crystals should form. Filter off the product and dry the
crystals between filter papers.
Preserve the sample in the usual
manner.
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Name ............................ Date ........... Mark ......... .
PREPARATION OF TIN (IV) IODIDE
Theoretical yield

............ g

Actual yield

............ g

Percentage yield

............ %

Weighing details and calculations:

QUESTIONS
1. Write an equation for this preparation.

32.4
2. What is the shape of the Sni molecule?
4

The electronegativities of tin and iodine are 1. 7 and 2. 5 respectively;
would you expect:
(a) the bonds in the molecule to be polar?
(b) the molecule to have a dipole moment?

3. Would you expect Pbi4 to be more stable than Sni4 or less stable?

32.5
Name ............................ .
4. From the reduction potentials given below decide whether the
compound Tll 3 is more probably thallium (III) iodide or thallium (I)
triodide.

E

0

=

+0.54 volt

Exercise 33

Of the many complex anions containing six-coordinate iron (III), probably
the best known is the ferricyanide ion, Fe(CN)~- which in accordance
with the 1957 Nomenclature Rules adopted by the International Union of
Pure and Applied Chemistry, is systematically named hexacyanoferrate
(Til) . In the analogous trioxalatoferrate (III) ion each oxalate group
occupies two of the six positions around the iron. It is thus a chelate
complex and the oxalate group is said to be bidentate.
Ferrous oxalate is dissolved in a solution of potassium oxalate in the
presence of hydrogen peroxide, which oxidises the iron to the trivalent
state. Crystallisation of the complex is assisted by adding ethanol to
the solution. The green product is decomposed to yellow ferrous
oxalate by the action of strong light and hence should be stored in darkness.

PROCEDURE
Dissolve 5. 0 g of ferrous ammonium sulphate in 20 ml of warm water
to which 1 ml of dilute sulphuric acid has been added. Dissolve 2. 5 g of
hydrated oxalic acid in 25 ml of warm water. Mix the two solutions and
while stirring continuously bring the mixture to boiling. Remove the
burner and allow the granular yellow precipitate of ferrous oxalate to
settle. Decant off the supernatant liquid and wash with 25 ml of hot
water; decant again.
Add to the ferrous oxalate residue a solution of 3. 5 g of potassium
oxalate in 10 ml of water. Keep the mixture at about 40° and, while
continuously stirring, slowly add 10 ml of 20-volume (6%) hydrogen peroxide. Now heat the mixture to incipient boiling and redissolve any
ferric hydroxide precipitate by the careful addition of 10% oxalic acid
solution; do not add excess.
Filter while hot; adjust the temperature of the filtrate to 75°,
extinguish your burner and add 10 ml of ethanol. Allow the product to
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crystallise in your locker. Collect the crystals by suction filtration,
wash with 10 ml of 50% aqueous ethanol followed by 10 ml of acetone,
and then spread them to dry on a watchglass in a dark place. Weigh the
product to the nearest 0. 1 g. Store in a dark place.
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Name ............................ Date ........... Mark ......... .
PREPARATION OF POTASSIUM TRIOXALATOFERRATE (III)
Theoretical yield

............ g

Actual yield

............ g

Percentage yield
Weighing details and calculations:

QUESTIONS
1. How could you distinguish between the prepared compound and the
hypothetical double salt 3K2c 2o 4 . Fe 2 (c 2o 4)3. 6H 20?

2. In this procedure, crystallisation of the product was facilitated by
the addition of ethanol. Why is the salt less soluble in ethanol than
water? Do you consider this practice to be generally sound?
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3. Write partial equations for the internal oxidation and reduction
reactions occurring when the compound is decomposed by light. What
is the overall equation?

4. Can you suggest why the product should be less stable than
potassium hexacyanoferrate (III).

Exercise 41

THE CHEMISTRY OF CATIONS IN AQUEOUS SOLUTION
(a) Formation of complexes. To understand the reactions of cations
in aqueous solution it is necessary to make use of theories that were
applied originally to coordination compounds. The study of coordination
compounds, that is, coordination chemistry, had its foundations in the
investigations of metal complexes of the type [ Co(NHa) 6] Cl3 hexaamminecobalt (III) chloride). A complex ion may be broadly defined (I. U. P .A. C.)
as any ion containing more than one element. Therefore, as all cations in
solution are solvated, these solvated ions may be considered as complexes.
The converse variety, namely simple cations, are only rarely encountered,
for instance in gas discharge tubes.
Though the use of the term complex generally applies to metal complexes, recent international meetings of chemists have chosen to classify
polyatomic anions of the non -metals as complex anions . Thus the wellknown sulphate and phosphate for example are complex anions. This may
seem unusual until it is remembered that related anions such as thiosulphate (S 2oa2l and tetrathio antimonate (SbS4 3 -) have often been designated
as complex anions, yet they are no different in type from sulphate and
phosphate.
In the following experiments attention is focussed on the behaviour of
cations in aqueous solution. It is useful to introduce the following terms
basic to coordination chemistry. The group bound to the metal is known
as the ligand (from ligare = that which should be bound) and the metal is
referred to as the central metal ion (or central metal atom). For
example, iron (II) in water becomes the hexaaquo complex [ Fe(Hz0) 6] 2+
where Fe is the central metal ion and the six H20 molecules are the
ligands. Coordination compounds are characterised by the presence of
the coordinate bond. In [ Fe(Hz0)6l 2+ a lone pair of electrons from the
oxygen of a water molecule is donated to the central metal ion. In this
example six such electron pairs are donated, one from each of the water
ligands. The number of bonds that the central metal atom utilises to hold
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its ligands is known as the coordination number of the metal. In the example quoted the coordination number of the iron atom is 6.
The coordination number varies from complex to complex, but values of 6 and 4
are the most common.
It is usually possible to assign a fixed number of water molecules to
a particular cation, the actual number being chiefly dependent upon geometrical considerations. This number of bound water molecules is often
6, for example [Fe(Hz0)6l 2+, [Co(Hz0) 6 J 2+, [Al(H20) 6J 3+. However, the number bound may not be known precisely so that the general
subscript~ is used, e.g. [K(H20lxl +, [Ba(H20)xl 2+. The time that a
particular water molecule spends attached directly to the central metal
may vary from about 10-8 sec to several days. With few exceptions,
e.g. , chromium (III), all the metal ions encountered in the first year
course exchange their bound water molecules with solvent water very
rapidly so that a complete interchange has occurred within about one second at room temperature. Thus their reactions are fast and, in particular, chemical equilibria are attained rapidly.
The variety of ligand types known is large and includes almost all
anions (e.g., N02, N03, F-, CC, Ncs-, CNl, neutral molecules (e.g.,
NH3, H20, CO), organic anions (e.g., C2042-), and organic molecules
(e.g. , amines). Under the correct conditions these ligands may replace
the water ligands bound to a metal and such reactions are often accompanied by colour changes. These colour changes are useful in the identification of cations .
We can represent the reactions of metal ions in water in terms of an
equilibrium involving the aquo complex and the new complex, i.e.,
[ M(H20)nl m+ + nL :-"' [ M(L)nl m+ + nH20 where L represents a
neutral ligand such as NH3. lf L is an anion then the charge of the metal
complex is altered upon substitution of the neutral water ligands by L,
. L = F - and M = Fe 3+
e.g., 1f
[Fe(H 0) ] 3+ + 6F-~[FeF ]
2 6

6

3

- + 6H 0
2

For any chemical reaction at equilibrium we may define an equilibrium
·constant which is a measure of the extent of the reaction. Thus the
extent to which fluoride replaces water will depend upon the equilibrium
expression
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K
~ [ FeF 6 ]
stab
[ Fe(Hz0)6 3+1

[ F-] 6

where Kstab is a constant known as the stability constant of the [ FeF 6] 3 complex. Kstab is dependent on the temperature and the square brackets
in the equilibrium expression refer strictly to the activities of the species
concerned. The larger the value of Kstab then the more thermodynamically stable is the complex concerned.
(b) Dissolution of precipitates. The dissolution of 'insoluble' precipitates often involves complex formation. For example, the precipitation
of silver chloride can be represented by the equilibrium
+.
-~
Ag(H 0) · + Cl ..--- AgCl(s) + 2 H 0
2

2

2

In the presence of ammonia a second equilibrium is established
+

2H 0

2

As the silver ammine is formed, the concentration of Ag(H 2 0)~ decreases
and the first equilibrium must move to the left, resulting in the dissolution of solid silver chloride. Similarly, for the formation of the chlorocomplex at sufficiently high concentrations of chloride ions the reaction
is
Ag(H
+ 2 Cl- ;::=::Agel; + 2 H 0
2
2
In this case a large excess of chloride ion is necessary as the chlorocomplex is very much less stable (Kstab ~ 10-5) than the silver ammine
(Kstab ~ 107).
The amphoteric nature of some hydroxides can be explained in terms
of equilibria between aqua-cations and hydoxo-complexes. Consider, for
example, the aquated aluminium ion, Al(HzO)~+, which is, in fact, a
reasonably strong acid, with a pKa of 5 (compare acetic acid, pKa ~

o);

4. 76)

If the solution is sufficiently alkaline, replacement of the coordinated

water by hydroxyl groups proceeds until we obtain the uncharged species,
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Al(OH) 3(Hz0) 3 , which has the lowest solubility of the possible forms
and precipitates as 'aluminium hydroxide'. In fact, water is often
expelled during precipitation of these 'hydroxides' and the solid is in
reality a hydrated oxide.
At even higher concentrations of hydroxyl ions the reaction can
proceed even further to form the soluble aluminate ion, Al(OH)4(HzO)z
or, as it is sometimes written, Alo;.
The factors which determine whether a particular hydroxide is
amphoteric are quite complex and no simple rule can be given.
(c) Variable oxidation state and redox reactions
B Sub-Group metals: These metals usually have two common
oxidation states -that corresponding to the Group number, !l, and a
lower state, n-2.
As any Group is descended, the lower valency state
becomes stabilised and the higher state becomes oxidising in character.
Transition metals: These show a wider range of oxidation states
associated with the incompletely filled Q. orbitals. However, the higher
oxidation states are not represented by simple cations with higher
charges, but as oxyanions, e.g. , chromate and permanganate . In
contrast to the B Sub-Group metals, the higher oxidation states become
stabilised as a Transition Group is descended.
Hydrogen peroxide: Hydrogen peroxide is somewhat more dissociated than water, the ionic product for the equilibrium
+

being 1. 5 x 10 -l 2 at 20° in the pure substance and of the order of 10-9
in 50% aqueous solution. Thus, in alkaline solution, the hydroperoxy
radical, H02, is the oxidising species. Hydrogen peroxide is a powerful oxidising agent in both acid and alkaline solutions, but it can also act
as a reducing agent towards more powerful oxidising agents, in which
case oxygen is liberated. Tracer investigations show that the oxygen
comes entirely from the hydrogen peroxide.
The half-reactions in
acid solution may be represented as
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H202

+

2H

02

+

2H

+
+

;:=:- 2 H 20

Eo = 1. 76 volt

o

Eo = 0.69 volt

+

2e

+

2 e;;;:::: 2 H

2 2

Therefore, with permanganate
5 e ..--"Mn

either of the reactions
2
2Mn + + 5H 0 ~2Mn0

2 2

+

4 H 20

E

4

+

or 2 Mn0 4 + 5 H o + 6 H
2 2

2+

~

E
2 Mn

~

+ 50

2

0

0

=

1. 52 volt

=

0.24 volt

0

+ 8H 0

E = 0.83volt

2

0

is possible, but it is the second one, with the greater E value, that proceeds.
In alkaline solutions, the corresponding half-reactions are

+ H0-

2

0

+ 2 e-""' 2 OH

E = 0. 88 volt

~

and

+ H o
2

+

o

2

+ 2 e ..,...~Ho
2
+

2 e -"' H 0

..,.- 2 2

+

OH

+ 2 OH

-

E

0

= -0. 08 volt

(d) Sulphides.
Hydrogen sulphide is a very TOXIC gas, which is
soluble in water to the extent that a saturated solution at ordinary temperatures is about 0.1 M. It is a weak acid, ionising in two stages
H S _..,. H+ + HS
K = 10-7
2
1
+
2
HS _,.H
+ S K = 10-15
2
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so that clearly the concentration of free sulphide ions in acid or neutral
solution is extremely small; e.g., at pH = 7, [ s2-] = 10-9 , while in 0. 1
M hydrochloric acid, pH = 1 and [ s 2 -l = 10-21,
By varying the pH, it is possible to precipitate selectively sulphides of
different solubilities and use is made of this in the sulphide separation
scheme for the separation and identification of cations.
When the sulphides have been separated into acid-insoluble (Group II
of the Separation Table) and the acid -soluble (Group IV), the Group II
sulphides may be further subdivided by utilising the fact that some of them
are amphoteric. As you are aware, the chemistries of sulphur and oxygen are very similar in some respects and it is therefore not surprising
that some sulphides will dissolve in concentrated sulphide solutions in the
same way as some oxides and hydroxides dissolve in pxcess alkali. Thus,
the amphoteric sulphides dissolve in sodium hydroxide, sodium sulphide,
ammonium polysulphide, etc., to give solutions containing thio-anions,
which are quite analogous to the more familiar oxyanions, e.g., stannite,
Sno~-and thiostannite, SnS~-. One interesting feature is that, when
ammonium polysulphide is used to dissolve the sulphides of tin (II), arsenic (III), and antimony (III), the excess sulphur oxidises the elements to
their higher states, so that, on acidification of the resulting solution, the
higher sulphides are precipitated. This is readily observable in the case
of tin, because the colours of SnS and SnS 2 are very different.
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Name ............................ Date ............ Mark ......... .
FORMATION OF COMPLEXES
In this assignment the results should be reported as Observations and Interpretations wherever provision has been made for this; equations of
particular interest and relevance are to be given. The concentration of
cation solutions provided is usually 0. 1 M. Make sure you are using the
right concentration for each test and follow the directions closely. If
you are unable to make any test work satisfactorily, repeat it before consulting your demonstrator.
(a) Ammine complexes
1. To 1 ml portions of 0. 1 M solutions of copper, nickel, and silver
in small test tubes add 2 M ammonia dropwise until the solutions (a) are
just alkaline and then (b) contain an excess (10 drops or more) of ammonia. Record your results in the following table
(a) Alkaline

(b) Excess Ammonia
Copper

0
I

Nickel
0
I

Silver
0
I

2. Divide the copper solution from 1(b) into two parts
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(i) Add 2 M hydrochloric acid dropwise.
0
I
(ii) Add about 1 ml of sodium hydroxide and heat.

0
I

3. (i) To 1 ml of 0. 1 M cobalt solution, add 6 M ammonia until a
precipitate forms and redissolves. If at any stage in this exercise a
precipitate forms which is not soluble in an excess of ammonia, the
sample should be discarded.
0
I

(ii) Boil the solution from (i), cool and add a few drops of concentrated ammonia.

0
I
(b) Halide complexes
1. (i) To 4 drops of 0. 1 M silver solution, add concentrated hydro-

chloric acid until a precipitate forms and then just redissolves. To the
resulting solution add water dropwise until a change is observed. Record
the approximate volumes of acid and water added.
0
I
(ii) To 4 drops of 0.1 M cobalt solution, add about 1 ml of concen-

trated hydrochloric acid and note the colour change.

Then add water
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Name ............................ .
until a further change occurs, recording approximate volumes as in (i).
0
I

(iii) Repeat (ii), using 0. 1 M copper solution in place of the cobalt
solution.
0
I

(iv) In terms of your observations, comment, if possible, on the
relative stabilities of the chloro-complexes of silver, cobalt, and copper.
2. Revise the discussion given for iodimetric titrations on the stability of copper (I) in aqueous solution. Unless the univalent state is stabilised by complex formation or by precipitation , it will disproportionate
into copper (II) and copper.
(i) Add about 1 g of metallic copper to 10 ml of 1 M copper solution
and boil the mixture gently in a casserole or small beaker. Is there any
noticeable change? Now add about 5 ml of concentrated hydrochloric
acid and continue boiling, recording any changes in colour observed.
From time to time transfer, by means of a dropper, a few ml of the
solution into 10 ml of water; if the resulting solution is blue, and not
colourless, the reduction is not complete. Continue boiling gently,
adding a little acid if required, until the reduction is complete. Pour
the solution into about 50 ml of water and retain the precipitate.
0
I
(ii) Divide the precipitate from (i) into two parts and examine its
behaviour with (a) concentrated hydrochloric acid and (b) chlorine water.
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(a) Hydrochloric Acid

(b) Chlorine Water

0
I

3. (i) To 3 ml of a 0. 1 M solution of mercury (II), add 2 M sodium
hydroxide until the pH is above 10, as shown by indicator paper.
0
I

(ii) to another 3 ml portion, add 0. 1 M potassium iodide until a
precipitate forms and redissolves. Note carefully the colour of the precipitate. To the resulting solution add 2 M sodium hydroxide until the
solution is strongly alkaline. Compare your observations with those in
(i).

0
I

(iii) The alkaline solution prepared in (ii) is known as Nessler's
reagent and is used as a very sensitive test for ammonia; e.g., in the
examination of water supplies for bacterial contamination. Test for the
presence of ammonia in dilute ammonium chloride solution by adding a
few drops of this solution to the Nessler's reagent.
0

I

(c) Relative stabilities of complexes
1. To 100 ml of water, add 1 ml each of 0. 1 M ferric chloride and
0. 1 M ammonium thiocyanate.
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Name
0
I

2. Place four 10 ml portions of the solution from (1) into separate
test tubes and add respectively 6 drops of 0.1 M (a) phosphoric acid, (b)
oxalic acid, and (c) sodium fluoride to three of the samples; retain the
fourth for comparison. Compare the intensities of the colours of the
solutions with the reference and hence comment on the relative stabilities
of the thiocyanato-, oxalato-, phosphato-, and fluoroferrate complexes.
0
I

3. Use the remainder of the thiocyanato solution to test the complex-

ing powers of sulphate and hydroxide.
0
I

QUESTIONS
1. Can you suggest structures (i.e. , arrangements of the ligands
around the central metal ion) for the complex ions: Ni(NH 3
Ag(NH 3);,
2- an d FeF 3- ?
,
Hgi
C0 Cl 24
4
6

)r.

2. K2Cuc1 4 and (NH 4) FeF 6 dissolve in water to give conducting sol3
utions. What are the ionic species in each case and how many ions are
formed from each molecule?
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3. Why was the reduction of copper (II) by metallic copper (b. 2)
carried out in the presence of concentrated hydrochloric acid?

4. When mercuric iodide is precipitated as in b. 3, it is initially
yellow, but changes rapidly to red. Explain.
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OXIDES AND HYDROXIDES
(a) Reactions with sodium hydroxide. Add dilute sodium hydroxide
solution dropwise and then in excess to 1 ml of each of the following test
solutions. Carry out any special tests indicated.
1. Magnesium
0
I

2. Aluminium

0
I

3. Zinc

0
I

4. Cadmium
0
I

5. Tin (TI)

0
I

Now add two drops of bismuth nitrate solution to the solution of tin in
sodium hydroxide:
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0
I

6. Lead (II)
0
I

Now add two drops of hydrogen peroxide to the solution of lead in
sodium hydroxide and warm.
0
I

7. Iron (II)
0
I

The ferrous hydroxide precipitate should be pale green, but it darkens rapidly because of atmospheric oxidation. Shake the tube vigorously
until darkening is appreciable. Dissolve the precipitate in a minimum
quantity of dilute hydrochloric acid. Add to this solution and to a fresh
sample of the original solution two drops of potassium ferrocyanide
solution.
0
I

8. Cobalt
0
I
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Name
The cobaltous hydroxide is oxidised by air only very slowly, but
rapidly by hydrogen peroxide to the black hydrated (III) oxide. Test.
9. Nickel
0
I

Neither air nor hydrogen peroxide will oxidise this precipitate. Add
a little bromine water to the alkaline suspension, when black hydrated
Ni0 2 should form.
10. Copper

0
I

The precipitate darkens on boiling with the formation of black copper
oxide. Test.
(b) Reactions with ammonia solution.

Add ammonia solution dropwise
and then in excess to 1 ml of each of the following test solutions.
1. Magnesium
0
I

Now add ammonium chloride solution in excess to the suspension.
0
I

2. Aluminium
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I

3. Zinc
0
I

4. Cadmium
0
I

(c) Miscellaneous reactions
1. To two 1 ml samples of saturated calcium chloride solution add
respectively ammonia solution, and saturated barium chloride solution.
0

List the hydroxides of magnesium, calcium, and barium in order of
decreasing solubility.

2. Dilute 1 ml of bismuth nitrate solution (in nitric acid) with water.
Is this reaction reversible?
0
I

3. When hydroxide ions are added to silver solutions, silver oxide is
precipitated. Devise tests to show whether this is an acidic or basic
oxide.

4. Add 1 ml of 0.1 M sodium carbonate solution to 1 ml samples of
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Name
the aluminium, zinc, lead, and magnesium test solutions. Centrifuge
off the precipitate in each case and wash thoroughly with water. Add a
drop of hydrochloric acid to each and note carefully which of the precipitates effervesce and liberate carbon dioxide.

QUESTIONS
1. Explain the difference in behaviour of zinc and cadmium hydroxides towards an excess of sodium hydroxide.

2. How do you explain the fact that some of the precipitates in c . 4 were
hydroxides, while others were carbonates (actually basic carbonates)?

3. Comment on the fact that aluminium hydroxide does not dissolve
in ammonia solution.

4. Why is barium hydroxide preferred over sodium hydroxide for
some titrations and for the preparation of pure oxygen by electrolysis?

5. Given that Kb for ammonia is 1. 8 x 10- 5 and that K80 for magnesium hydroxide is 10-11, calculate the final concentration of ammonium
chloride necessary to prevent the precipitation of magnesium hydroxide
from a solution that is 1 M in ammonia and 0. 1 M in ammonia.
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6. Ammonium chloride also prevents the precipitation of zinc hydroxide by ammonia. Using the same concentrations as above and lo-17
for Kso for zinc hydroxide, calculate the concentration of ammonium
chloride necessary to prevent the precipitation of the zinc. Do you
think that this is a reasonable result? Explain.

7. Compare the relative stabilities of the II states of lead and tin,
and comment on the reflected trend.
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VARIABLE OXIDATION STATE AND REDOX BEHAVIOUR
(a) Chromium
1. Slowly add sodium hydroxide solution to about 3 ml of chromium
(III) chloride solution until it is present in excess.
0
I

2. Oxidise the resulting solution by adding a little solid sodium peroxide. CAUTION: This reagent is dangerous and should be handled only
with a clean spatula and not allowed to come into contact with organic
material. Warm the solution.
0
I

3. Carefully add dilute sulphuric acid to the yellow solution until the
colour changes to orange. Notice that this change is reversible on the
addition of alkali. If you have difficulty with any of tests 3-5, carry
them out on a fresh sample of potassium chromate solution.
0
I

4. Divide the acidified solution from 3 into two parts.
add lead nitrate or acetate solution.

To the first,

0
I

5. To the second, add a few ml of amyl alcohol and some hydrogen
peroxide.
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0
I

(b) Manganese
1. Recall the oxidation states discussed in the exercise on permangan-

ate titrations. Mix a little manganese dioxide with about twice the amount
of lead dioxide and boil CAREFULLY with a little concentrated nitric acid.
Dilute the solution and allow it to settle.
0
I

2. Add a few drops of potassium permanganate solution to about 1 ml
of manganous sulphate solution
+
2+
Eo
+ 8H
+ 5 e .,----"'Mn
+ 4H 0
Mn0
1. 52 volt
4
2
+
Eo
+ 4H
Mn0
+ 3 e ~Mn0 + 2 H 0
1. 70 volt
2
2
4
~

~

0
I

(c) Arsenic
Br
12

+

2
+

2 e

~2

Br

2 e.F 2 I

Aso!- + 2H

+

+ 2

e~As0

3-

3

+H 0
2

Eo

1. 07 volt

Eo

0.54 volt

Eo

~

0. 56 volt

1. Add bromine water to acidified sodium arsenite solution.

0

I

2. Add a solution of iodine in potassium iodide to acidified sodium
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arsenite solution.
0
I

3. Buffer 1 ml of the stock arsenite solution by adding a few drops of
dilute hydrochloric acid, followed by an excess of sodium bicarbonate
solution. Add iodine solution dropwise.
0
I

4. Acidify some sodium arsenate solution and add potassium iodide
solution dropwise.
0
I

(d) Hydrogen peroxide
1. Recall an example of hydrogen peroxide acting as an oxidising
agent in alkaline solution.

2. Add barium chloride solution to 1 ml of sodium sulphite solution.
Dissolve the precipitate with a few drops of concentrated hydrochloric
acid; the solution may still be slightly milky because of some sulphate
impurity in the sulphite - filter if necessary. Add a few drops of
hydrogen peroxide.
0
I

3. Add a little hydrogen peroxide to 1 ml of acidified potassium
permanganate solution.
0
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4. Add a little sodium hydroxide, followed by a few drops of hydrogen
peroxide, to 1 ml of silver nitrate solution.

0
I

QUESTIONS
1. Considering only the reactions in acid solution, which of the

following oxidising agents become
tion of the medium is increased:
chlorine ................. , iron
................. , and arsenate

stronger as the hydrogen ion concentradichromate ........................ ,
(ITI) ................. , permanganate
................. ?

2. From a consideration of the reduction potentials
3+
2+
0
Mn
+ e--"'Mn
E = 1.51 volt
..-+
3+
0
+ 4H + e ...Mn0
-"Mn
+ H20
E =0.95volt
2
suggest why manganese (!II) compounds are unstable in aqueous solution.

3. What are the differences between the products obtained by dissolving chromium hydroxide in sodium hydroxide, and ammonia?

4. Devise a scheme, utilising procedures you have already followed,
for separating iron, chromium, and aluminium from a solution containing
a mixture of the three .

5. In a standard method for determining iron in steel the sample is

41.23

Name
dissolved in concentrated hydrochloric acid. Zimmerman -Reinhardt
reagent, a solution of manganese (II) sulphate in phosphoric acid, is then
added and the iron (II) is titrated with permanganate. What is the twofold
function in the Zimmerman-Reinhardt reagent?

6. What is the equilibrium constant for the reaction
AsO

3+
3

I

2

+

3H 0 ---"' AsO
2 .....-4

+

2I

-

+
+ 2 H ?

If 1 litre of solution containing initially 0. 1 mole of each of arsenite
and iodine was buffered to pH 6, what would be the concentration of iodide
ions at equilibrium?
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SULPHIDES
(a) Precipitation of cadmium sulphide
10 You are provided with a solution 0 o1 M in cadmium chloride and
2 M in hydrochloric acid o Given that the solubility product of cadmium
sulphide, Kso (CdS) is 10-28, calculate the minimum concentration of
sulphide ions necessary to precipitate cadmium sulphide from the
solution, and the actual concentration of sulphide ions in 2 M solution of
hydrochloric acid saturated with hydrogen sulphide o

20 Draw 5 ml of the cadmium solution from the dispenser and saturate it with hydrogen sulphide o Filter or centrifuge off any precipitate o
Add 5 ml of water to the solution and note whether any precipitate forms;
if so, explain why o Saturate again with hydrogen sulphide and separate
the precipitate o Calculate the concentrations of hydrogen and sulphide
ions present at this stage o

3 o Add a further 10 ml of water and saturate with hydrogen sulphide o
Filter o Calculate the concentrations as before o

4o Discard half the filtrate, add 10 ml of water and saturate with
hydrogen sulphide. Calculate the concentrations as before 0
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(b) Solubility of metal sulphides

1. Add sufficient dilute hydrochloric acid to separate solutions of zinc,
copper, and calcium to make them about 0. 5 M in hydrogen ions.
Saturate each solution with hydrogen sulphide.
0
I

2. Prepare a buffer solution by mixing 5 ml of 2M ammonium chloride with 5 ml of 2 M ammonia. Adjust the pH of 4 ml samples of each of
the solutions zinc, copper, and calcium to between 8 and 9 by adding
about 3 ml of the buffer. Saturate the solutions with hydrogen sulphide.

0
I

3. Adjust the pH of a third set of solutions of zinc, copper, and calcium, to about 11 by adding an equal volume of 2 M ammonia to each, and
saturate them with hydrogen sulphide.
0
I

(c) Solubility of metal sulphides in acid
Take two samples of about 1 ml of each of the copper, iron, lead, zinc,
and mercury solutions and add a drop of sodium sulphide solution to each.
Test the action of dilute hydrochloric acid on one set, both in the cold and
on warming. Repeat with the second set, using dilute nitric acid. Complete the following table by inserting suitable descriptions of the extent of
the reactions, e.g., insoluble, slow, soluble; comment on the different
solubilities observed and give equations for the dissolution of zinc sulphide in hydrochloric acid and of copper sulphide in hot, dilute nitric acid.
Hvdrochloric Acid
Cold
Hot
I

Sulphide
Copper
Iron
Lead

0

I

•••••••••

Nitric Acid
Cold

. .. . .. . . . .

. . . .. . . . . .
i

Hot

...........
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Sulphide
Zinc
Mercury

Ii

Hvdrochloric Acid
Cold
Hot

Nitric Acid
Cold
Hot

t~==~~~~--~~~---

I! ......•. -· . . ....
' ......... .

0

~

0

•

0

'

Comments and equations:

(d) Solubility of metal sulphides in polysulphide solutions
1. Precipitate the sulphides of bismuth, tin (II), arsenic (III), and
antimony (III) by adding sodium sulphide or by passing hydrogen sulphide.
Centrifuge and discard the supernatant liquid. Make the residues into
slurries with a little water and divide each into two parts. Carry out
the following tests and record the results in the table below.
(i) Record the colour of each sulphide.
(ii) Test the solubility of the first portion in dilute sodium hydroxide.
(iii) Test the solubility of the second portion in yellow ammonium
polysulphide.
Bismuth

Tin

Arsenic

Antimony

.. . .

(i)
(ii)
(iii)

(iv) Add dilute hydrochloric acid to the tin solution from (iii).
0
I

(v) Write typical equations describing the solution of these sulph-
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ides in sodium hydroxide and ammonium polysulphide.
(vi) Comment on your observations on the solubility of bismuth
sulphide in the reagents .
(e) Miscellaneous reactions
1. Precipitate some lead chloride by adding dilute hydrochloric acid
to the lead stock solution; pass hydrogen sulphide through the suspension.
Carefully observe the changes that occur .
0
I

2. Warm a little sodium sulphide solution with powdered sulphur and
note the change of colour. Separate off the solution, cool it and add
dilute hydrochloric acid.
0
I

3. Acidify some potassium permanganate solution with hydrochloric
acid and pass hydrogen sulphide until the solution is decolourised. Allow
the precipitate to settle and add barium chloride solution.
0
I

4. Add some sodium hydroxide to potassium permanganate solution
and pass hydrogen sulphide until the solution is decolourised. Acidify
with hydrochloric acid and add barium chloride.
0
I

QUESTIONS
1. The usual way of separating copper and cadmium is to form the
complexes cuprocyanide Cu(CN)~- and cadmicyanide Cd(CN)~- in ammoniacal solution and then to pass H2S. The copper complex is much more
stable than that of cadmium, so that only cadmium sulphide is precipita-
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Name
8
ted. Given that: (1) the stability constant for cuprocyanide is 1rt
(for
cadmicyanide = 10 17), (2) the total concentration of copper is 0. 1 M,
(3) the final solution is 0. 2M in cyanide, (4) the concentration of saturated hydrogen: sulphide solution is 0. 1 M and (5) the pH is 10, and using
values previously given for the dissociation of hydrogen sulphide and for
the disproportionation of cuprous ions in aqueous solution, show that the
solubility products of cuprous sulphide (lo-47) and cupric sulphide (lo-44)
are not exceeded.

2. Give formulae and names for the thio-compounds corresponding to
the following oxy-compounds:
calcium oxide .................................................... .
sodium hydroxide

.................................................

water
hydrogen peroxide
potassium stannate ................................................ .
ethanol
sulphuric acid
3. If the sodium polysulphide Na2S 3 is prepared by boiling sodium
sulphide solution with radioactive sulphur and then decomposed with dilute
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acid, it is found that the activity is distributed equally among all the sulphur atoms. However, if ethyl sulphide, EtSSSEt, is prepared in a similar way, it is found that only the central sulphur atom is radioactive.
Comment.

4. The solubility product of mercuric sulphide is about lo-54 so that
llitre of 0.1 M sodium sulphide solution should dissolve lo-53 moles of
mercuric sulphide. Bearing in mind that, for example, the volume of
the earth is to24litres, this does not appear to be a reasonable conclusion.
Explain. Actually, mercuric sulphide dissolves in concentrated sodium
sulphide to give Na2(Hg8 2), which precipitates mercuric sulphide when
H2S is passed. Explain what happens.

5. It is well known that the first member of a Periodic Group is not a
typical member of the Group, and hence we would expect some marked
differences between the chemistries of oxygen and sulphur. Can you list
some that you have encountered and relate these to the differences in
electronegativity (0 : 3. 5, S : 2. 4)?

6. Reliable experimental determinations of the solubility product of
nickel sulphide report values ranging from lo-21 to lo- 28 . Again, the
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experimental value for cadmium sulphide is lo-25 in contrast to that of
lo-28 calculated from thermodynamic data. Can you suggest reasons for
these apparent discrepancies?

Exercise 42

QUALITATIVE ANALYSIS
(a) Separation and identification of cations. Take a 100 ml measuring cylinder to your demonstrator and obtain 20 ml of an unknown solution
containing two cations and two anions. Use about 5 ml of the solution for
the cation separation. Make sure that precipitation is complete at each
stage before proceeding to the next group. Identify the cations by means
of tests you have already performed and by special tests from the
analysis tables provided.
'
Group I: add several drops of 2 M hydrochloric acid to the unknown
solution; if a precipitate forms, add more acid dropwise until precipitation is complete. Centrifuge off the chlorides of silver, lead, and
mercury (I).
Group II: adjust the acid concentration of the centifugate from Group
I to about 0. 3 M and saturate with hydrogen sulphide. Centrifuge off the
sulphides of mercury (black), lead (black), bismuth (dark brown), copper
(black), cadmium (yellow), arsenic (yellow), antimony (orange), and tin
(II brown, IV yellow). Digest the precipitate with yellow ammonium
sulphide in a casserole and centrifuge if necessary. The sulphides of
Group IIA (mercury, lead, bismuth, copper, and cadmium) are insoluble;
those of Group Iffi (arsenic, antimony, and tin) will dissolve.
Group III: boil the centrifugate from Group II to remove hydrogen
sulphide; add a few drops of concentrated nitric acid and boil again.
Add about 0. 3 g of solid ammonium chloride, followed by a slight excess
of 2M ammonia. Centrifuge off the hydroxides of iron (red), chromium
(green), and aluminium (white).
Group IV: add about 1 ml of 2M ammonia to the centrifugate from
Group III and saturate with hydrogen sulphide. Filter off the sulphides
of zinc (white), manganese (pink), cobalt (black), and nickel (black).
Group V: acidify the centrifugate from Group IV with acetic acid and
evaporate carefully to dryness in a casserole, adding, just before the
residue is completely dry, about 2 ml of concentrated nitric acid.
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Dissolve the residue in water, add about 0. 2 g of solid ammonium chloride,
make ammoniacal, and add ammonium carbonate solution. Centrifuge
off the carbonates of calcium, strontium, and barium.
Group VI: the centrifugate from Group V may contain magnesium,
potassium, and sodium. Tests for the presence of the ammonium radical
must be made on the original unknown solution.
(b) Separation and identification of anions. The following scheme is a
much-simplified group separation for anions. You must not overlook the
possibility that both anions in your solution belong to the one sub-group.
Group I: add lead nitrate or acetate solution to 1 ml of the unknown
solution.
(i) White precipitate: (See Group II) chloride (dissolves on boiling), bromide, sulphate, sulphite, thiosulphate (turns black on boiling),
phosphate, oxalate, carbonate.
(ii) Yellow precipitate: iodide, chromate.
(iii) Black precipitate: sulphide .
(iv) No precipitate: nitrate, nitrite, acetate.
Group II: in order to differentiate further between the anions of
Group I(i), add barium chloride to 1 ml of the original solution.
(i) White precipitate, soluble in dilute hydrochloric acid: sulphite,
phosphate, oxalate.
(ii) White precipitate, effervescing with acid: carbonate.
(iii) White precipitate, insoluble in dilute hydrochloric acid:
sulphate.
(iv) No precipitate: chloride, bromide.
CONFIRMATORY TESTS
If you find the following tests inconclusive, consult your demonstrator. Carry out the tests on the original unknown solution.
(i) Halides: add silver nitrate to the unknown solution, acidified
with dilute nitric acid.
Chlorides: white precipitate, soluble in ammonia solution.
Bromides: pale yellow precipitate, soluble in dilute ammonia with
difficulty.
Iodides :
yellow precipitate, insoluble in dilute ammonia.
(ii) Nitrites: (a) warm with dilute sulphuric acid, brown nitrogen
dioxide evolved. (b) add solution to acidified potassium iodide solution,
brown iodine colouration.
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(iii) Brown ring test: if nitrites are present, destroy by carefully
adding urea solution, followed by dilute sulphuric acid and warm until the
evolution of gas ceases.
Add a cold concentrated solution of ferrous sulphate to the solution
and pour concentrated sulphuric acid carefully down the side of the tube
so that it does not mix with the solution. A coloured ring at the junction
indicates: nitrate (dark brown), bromide (red-brown) or iodide (violet).
(iv) Sulphites: (a) decolourise acidified permanganate, dichromate,
and iodine solutions. (b) sulphur dioxide liberated with dilute acids;
test by smell and dichromate paper.
(v) Thiosulphates: as for sulphites, except that sulphur is also
formed with acids.
(vi) Oxalates: (a) decolourise acidified permanganate. (b) precipitate with calcium chloride solution, insoluble in acetic acid.
(vii) Phosphates: acidify with concentrated sulphuric acid and add an
excess of ammonium molybdate. Heat. Yellow precipitate.
(viii) Chromates: red precipitate with silver nitrate, soluble in
dilute acid.
(ix) Acetates: strong smell of vinegar on acidification.
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Name ............................ Date ........... Mark ......... .
QUALITATIVE ANALYSIS
Report the results of the separation schemes for both cations and
anions and then the confirmatory tests used, with equations.
CATIONS
Separation into Groups:

Confirmatory Tests:

ANIONS
Separation into Groups:
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Confirmatory Tests:

Composition of unknown
QUESTIONS
1. Why is it necessary to boil off the hydrogen sulphide after (a) Group
II and (b) Group IV?

2. Why is nitric acid added at the beginning of Group III and why is it
added after the hydrogen sulphide has been removed?

3. Why does magnesium carbonate (K 80 = 10- 5) not precipitate in
Group V?

4. The reason for evaporating to dryness under acid conditions in
GroupiVis to reduce the concentration of ammonium salts in the solution.
Why is this done?
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Name
5. Sodium hydroxide may be used in Group II to dissolve the amphoteric sulphides, but, if this is to be done, hydrogen peroxide must be
added to the centrifugate from Group I before hydrogen sulphide is
passed. Why?

6. Discuss the fact that, while the sulphides of arsenic and antimony
are soluble in ammonium polysulphide, bismuth sulphide is not.

Exercise 51

FACTORS INFLUENCING CHEMICAL REACTION
RATES AND EQUILIBRIA
Some of the many factors that may affect the rate of a chemical reaction
and the final position of an equilibrium are
1. Extent of contact between reactants . Homogeneous reactions will
proceed faster than equivalent reactions in which there is more than one
phase present. A heterogeneous reaction may be accelerated by increasing the area of the interface between the phases by stirring two liquids
vigorously, by finely grinding a solid reagent, by bubbling a gas, and so
on. Notice the curious facts that the vapour pressure of small drops of
liquid is greater than that of the liquid in bulk and that a solid is more
soluble when finely powdered, indicating that physical as well as chemical
equilibria may depend on the state of subdivision.
2 . Concentration. The overall dependence of the rate of a reaction on
the concentration of the reactants may be complex because the reaction
may proceed in several steps. However, it is clear that an increase in
the concentration of the reactant molecules should accelerate the rate by
increasing the frequency of collisions between the molecules.
3. Temperature. The rate of reaction increases with temperature
according to the relation
rate of reactiolli'C 1/ time of reactionoe exp ( -E /RT)
where E is called the activation energy. From this we obtain
log (1/t)

=

K/T

where K = · -E/2.303R
4. Radiation. The energy barrier opposing a particular reaction may
be overcome by irradiating the system. This results in the production of
high-energy species such as excited molecules, free atoms and radicals,
and ions. Irradiation may initiate a chemical reaction or provide an alternative mechanism for one that proceeds slowly under normal thermal
activation.
5. Catalysis. By providing an active surface for the reaction or by

51.2
entering into an intermediate compound, catalysts may accelerate a reaction enormously, but they do not alter the position of the final
equilibrium.
Many reactions begin with an induction period, during which there is
no apparent change. This may be due to the fact that the reaction proceeds in several steps, one of which is relatively slow or, alternatively,
the reaction may be auto -catalytic, so that one of the products catalyses
the forward reaction. The first type is exemplified in this exercise,
while a well-lmown example of the second is the titration of hydrogen
peroxide with permanganate, which proceeds very slowly until sufficient
manganous ions are present to catalyse the reaction. There are many
interesting examples of these 'clock reactions' and the one you will be observing here - the addition of the hydrogen sulphite ion to aldehydes - is
an important characterising reaction in organic chemistry. You will be
discussing this later in the year.
The mechanism suggested for this addition is
HCHO + HSOs ----;. HCHOHSOs
HCHO +

SO~- + H20 __., HCHOHSO; + OH
oH

+ Hso;

_,so~-

+ H

o

2
The last reaction is virtually instantaneous but the first two are much
slower. As soon as the hydrogen sulphite ions are consumed, the pH of
the solution rises owing to the free hydroxyl ions present and this is
indicated by the change of the phenolphthalein indicator to the red form.
By keeping the concentration of formaldehyde much higher than those of
the other reactants, the interpretation is much simplified. If the ratio of
the concentrations is kept constant, simply by diluting the mixture with
varying amounts of water, then the reaction rate is a linear function of the
dilution (consult R.L. Barrett, J. Chern. Educ., 32, 78, 1955).
In the following exercise, you should record all observations and
interpret them as fully as you can. Provide equations where applicable.
PROCEDURE
(a) Effect of particle size and concentration. Compare the rates of
evolution of hydrogen in the following systems:
1. Place small amounts of granulated zinc and zinc dust in separate
test tubes. Cover the samples with 1 M sulphuric acid.
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2. Place a small piece of granulated zinc in a third tube and cover
with 3 M sulphuric acid.
3. Add one drop of 0. 5 M copper sulphate to the tube containing
granulated zinc in (1) above.
(b) The action of light. Add 1 ml of 5% bromine solution in carbon
tetrachloride to 10 ml of petroleum ether (60 - 80° BP range). Divide
into two parts. Keep one portion dark by placing it in your locker and
place the other in direct daylight on the windowsill. Compare the
colours of the samples from time to time.
(c) Effect of temperature. Place 10 ml of the permanganate solution
(containing 1 g of potassium permanganate per litre of 2. 5 M sulphuric
acid) in a large test tube. Drop in a nail and warm the solution, by
placing the tube in a beaker of warm water until the colour disappears.
Rinse the nail. This pre-treatment is necessary to prepare the surface
of the nail by removing any impurities likely to interfere with the desired
reaction.
Prepare a beaker of water at about 30° and maintain the temperature
as closely as possible. Place a large test tube, containing 10 ml of the
permanganate solution and a second thermometer, in the beaker. When
the solution has attained the bath temperature, drop in the nail and
record the time, t sec, required for decolorisation. Record also the
average temperature for the solution for the period of the reaction.
Wash the nail and repeat the experiment at about 50°, 70°, and 90°.
Plot a graph of log (1/t) against the reciprocal of the absolute temperature.
(d) A clock reaction.
Place 10 ml of 0. 3 M formaldehyde solution
in a 250 ml flask and add 0. 5 ml of phenolphthalein solution and 40 ml of
water. Pipette 10 ml of sulphite solution (0. 2 M in sodium hydrogen
sulphite and 0. 05 Min sodium sulphite) into a large test tube. Add the
sulphite solution rapidly to the formaldehyde, swirling vigorously to ensure thorough mixing. Record the time in seconds for the colour to
appear.
Repeat this with three more 10 ml samples of formaldehyde, but
adding different amounts of water so that the reaction time varies over a
suitable range. Plot a graph of time against volume of water added.
Comment on your results.
lf time permits, repeat one of the mixtures but warm the solutions
to about 100 above the ambient temperature by placing them in a water
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bath before mixing. Compare the reaction times.
(e) Chemical equilibria
1: Add 3 ml of 1% dimethyl glyoxime solution to 20 ml of 0. 05 M
nickel nitrate solution; shake the mixture, allow it to stand, and filter.
Place 2 ml aliquots of the filtrate into six test tubes and add (i) a few
drops of 2 M ammonia solution (ii) solid calcium carbonate (iii) a few
drops of 3 M sodium acetate solution (iv) a few drops of dimethyl glyoxine
solution (v) a few crystals of nickel nitrate and (vi), after suspending a
little of the original precipitate in the solution, 2 M sulphuric acid dropwise. Explain your observations by considering dimethyl glyoxime as a
weak acid, HD, which gives a slightly-soluble nickel complex, NiD
2
+
2
Ni + + 2HD~ NiD
+ 2H
2
2. Mix 1 ml of 0. 1 M ferric chloride solution with 1 ml of 0. 1 M
ammonium thiocyanate. Dilute to 20 ml and divide the solution into
seven parts. Retain one for comparison and treat the others as follows
(i) add some more ferric solution (ii) add some more thiocyanate
solution (iii) add some sodium fluoride solution (iv) warm and allow to
cool (v) cool in ice and allow to return to room temperature and (vi) add
some solid ammonium chloride. Comment on your observations.
(f) The ethyl acetate equilibrium.
Place exactly 5 ml of 3M hydrochloric acid in your 10 ml measuring cylinder. This acid acts as a
catalyst for the reaction and its concentration remains unchanged. Now
add as accurately as possible one of the following mixtures, as assigned
by your demonstrator:
Mixture
Number
i

Water

Volume, ml, of
Acetic Acid
Ester

Ethanol

1
3

0
0
0
0

0
5
4

v
vi

0
0

0
1

4
4

1
0

vii

0

1

0

4

ii

5
0

iii
iv

2

0
0
0
0
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Transfer the mixture to a stoppered flask and leave for a week.
Add a few drops of phenolphthalein indicator and then titrate rapidly with
0. 5 M sodium hydroxide. The titration must be performed as quickly as
possible because the end -point will drift as the equilibrium adiusts itself.
Combine your result with those obtained by other members of the group.
Calculate the value of the equilibrium constant,

K

=

[ ester 1 [ water 1
[ alcohol 1 [ acetic acid 1

for each of the equilibrium mixtures. The densities of acetic acid,
ester, and alcohol are 1. 05, 0. 90, and 0. 79 g ml-l respectively.
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Name ........................... Date ........... Mark .......... .
FACTORS INFLUENCING CHEMICAL REACTION
RATES AND EQUILIBRIA
(a) Effect of particle size and concentration
1. Granulated zinc and zinc dust

2. More-concentrated sulphuric acid

3. Effect of adding copper

(b) The action of light

Observations and comments:

(c) Effect of temperature
Temperature
Readings Mean, °C

Time
t sec

1/t

log(1/t)

1/T
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Calculated value of activation energy, E

(d) Clock reaction
Temperature, °C

Volume of water, ml

Time, sec

Comments:

(e) Chemical equilibria
1. Nickel-dimethyl glyoxime system
Reagent

Observation

Interpretation
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Name ............................ .

Reagent
(ii) CaC0

Observation

Interpretation

Observation

Interpretation

3

(iv) precipitant

2. Iron thiocyanate system
Procedure
3
(i) Add Fe +

(ii) Add SCN
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Procedure

Observation

Interpretation

(iii) Add NaF

(iv) Warm

(v)

Cool

(f) The ethyl acetate equilibrium
........... M

Concentration of sodium hydroxide
Mixture
Number

Total
acid

Concentration mole litre -1
Acetic
Ester
Ethanol
Water
acid

i
ii
iii
iv
v
vi
vii

.

.

.
.

.
.

K
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Name ............................ .
Calculations:

QUESTIONS
1. The reaction
(CH ) CCl +
33
proceeds by the mechanism

OH

~

(CH ) CCl~ (CH ) C

33

33

+

(CH ) COH
33

+ Cl

+

Cl

(slow)

+

+ OH ,;:=-(cH ) COH (fast)
33
The concentration of which species will control the reaction rate?
(CH ) C
33

Would you expect the reaction to proceed in a polar solvent more
rapidly than in a non -polar solvent?

2. Why does the concentration of water appear as a term in the
equilibrium constant for ethyl acetate (Section f) when it is absent from
most of the equilibrium constants you have studied for systems involving
water?
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3. To give a rough indication of the effect of temperature on the rate
of reaction it is often stated that a ten -degree rise in room temperature
will double the reaction rate. 1f this is so what is an average figure for
the activation energy of chemical reactions?

Exercise 61

THE SOLUBILITY PRODUCT OF SILVER ACETATE
In a saturated solution of a sparingly soluble salt the following equilibrium
is set up
+
xM A (solid)¢xMY (aq.) + yA
(aq.)
X y

The solubility product, K , is given by
so
= [My+]x[Ax-ly
K
so
where Kso is constant for a definite temperature. Consideration of the
equilibrium shows that any increase in the concentration of either of the
ions by the addition of an electrolyte containing a common ion causes a
decrease in the solubility of the salt MxAy; conversely a decrease in the
concentration of either of the ions brought about by some means causes an
increase in the solubility of the salt MxAy.
Silver acetate is a convenient salt for the purposes of this exercise;
the solubility is such that the concentrations of ions in equilibrium with
the solid are sufficient to enable the solubility product to be determined
by titrimetric analysis of the silver ions present. In the Volhard method,
silver thiocyanate is precipitated from saturated solution of silver acetate
by titrating with a solution of thiocyanate ions; a ferric salt (e.g., ferric
alum) is used as the indicator. Up to the equivalence-point the reaction
is:
+
Ag
+ SCN ---3> AgSCN
After the equivalence~point has been reached there is no appreciable concentration of silver in the solution; further addition of the precipitant
increases the thiocyanate concentration. The ferric indicator reacts with
the excess precipitant forming a red complex ion
3+

-

2+

Fe(H 0)
+ SCN ~Fe(H 0) SCN
2 6
2 5
The first appearance of a .red colour in the solution corresponds to the
end -point. The titration should be carried out in acid solution to prevent
the formation of insoluble ferric compounds.
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PROCEDURE
Add 0. 5 g of silver acetate to each of three conical flasks; number
the flasks 1, 2 and 3 respectively. Use a burette to add:
40 ml of deionised water to flask 1
40 ml of 0. 05 M sodium acetate solution to flask 2
40 ml of 0. 05 M silver nitrate solution to flask 3
Shake the flasks vigorously several times during the next two hours, then
leave to stand in a dark place till the next laboratory session.
Record the temperatures of the solutions and filter about 25 ml of each
of these solutions into dry flasks. Analyse each of the solutions in turn
as follows: pipette 10 ml of the filtered solution into 15 ml of deionised
water and add 5 ml of 2 M nitric acid;· add 1 ml of the ferric indicator
solution and titrate the solution with 0. 05 M potassium thiocyanate
solution till the first appearance of a red co lour. Carry out a duplicate
titration in each case. Record the results for each solution in the report
sheet.
From your experimental data, calculate the solubility product of
silver acetate and its solubility in mole litre -1 in each of the solutions.
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Name ............................ Date ........... Mark .......... .
THE SOLUBILITY PRODUCT OF SILVER ACETATE

............ oc

Temperature of saturated solutions
Flask 1

Flask 2

Flask 3

Thiocyanate titres, ml

Concentration of silver in solution, mole litre

-1

Concentration of acetate in solution, mole litre

-1

2
-2
Solubility product of silver acetate, mole litre

Solubility of silver acetate in solution,

mole litre

-1

QUESTIONS
1. The solubility product of silver oxide, which is precipitated when
hydroxide ions are added to silver solutions, is of the order of 2 x 10 -s.
Do you think it would have been wiser to have used ammonium acetate instead of the sodium salt as a source of acetate ions?

2. What are the units for solubility product?
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3. The solubility product of silver acetate can be determined by
analysis of the saturated solution as described. The solubility product
for lead chloride is quoted as 2 x 10-5 at 250; do you think that the solubility product of lead chloride could be obtained with reasonable accuracy
by analysis of the saturated solution?

4. What would have been the effect on your experimental solubility
product if you had acidified 25 ml of the saturated silver acetate solution
with one drop of concentrated nitric acid:
(a) before filtration
(b) after filtration
and then removed a 10 ml aliquot for analysis?

Exercise 62

SOLUBILITY PRODUCTS AND IONIC EQUILIBRIA
(a) Precipitation and solubility effects. Although the solubility
product expression describes the behaviour of sparingly soluble salts
accurately in dilute solutions there are occasions when the experimental
solubility is much greater than the value calculated from the solubility
product. In these cases a simple equilibrium such as
Ag + + Br - ~AgBr
·
is not adequate to explain the process of solution. The increased
solubility is generally explicable in terms of complex formation or the
formation of colloidal suspensions.
Consider firstly the solubility of silver bromide in the region where
there are roughly equimolar amounts of silver and bromide ions; this is
the normal solubility region and the solubility observed is that which can
be calculated from the solubility product. The process is completely
described by the equilibrium written above. Outside this region, when
either silver or bromide ions are present in a moderate excess, the
solubility product is exceeded, but the silver bromide forms extremely
small particles, which adsorb free ions onto their surface. These
colloidal particles are all either negatively charged or positively charged
depending upon which ions were in excess; these charges stabilise the
suspension and no precipitate is observed. The apparent solubility of
the salt is increased.
Addition of either silver or bromide ions beyond this second region
also involve the addition of an ion of charge opposite to the charge on
the colloid. At suitable concentrations these oppositely charged ions
can neutralise the charges on the colloids with resultant destabilisation
and concomitant precipitation of the silver bromide.
At concentrations of either silver or bromide ions which are higher
than in any of these regions, the salt may again appear completely
soluble. In such cases this increased solubility may be explained by
the formation of complex ions, e.g. ,
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AgBr + Br-~AgBr;
AgBr + Ag

+

c=: Ag 2Br+

The object of this section of the assignment is to examine qualitatively
these different solubility regions. The student should consult
E. Matijevic et al.,J. Chern. Educ., 38, 397, 1961, and R. Ramette,
J. Chern. Educ., 37, 348, 1961, for more complete discussions.
(b) The sensitivity of analytical reactions.

Common analytical tests
such as the precipitation of silver and the formation of the blue copper
ammine complex have a lower limit to their sensitivity. A negative test
may indicate that the reactants were not present in quantities sufficient to
produce a detectable change. The sensitivity of such tests is related to
the solubility product or some equivalent equilibrium constant pertaining
to the observable phenomenon. This exercise compares the sensitivity of
two tests for copper.
(c) The formula of the silver ammine complex ion. Treatment of a
solution of silver ions with an excess of ammonia establishes the equilibrium
+
+
Ag + nNH ..,--Ag(NH )n
3
3
for which the equilibrium constant K is

+

K

=

[Ag(NH 3)n1
+
n
[Ag 1 [NH 31

(1)

Addition of potassium bromide to this equilibrium mixture until silver
bromide just begins to precipitate brings into operation the further
equilibrium
+
Ag + Br .,-AgBr (solid)
This equilibrium is described by the solubility product
Kso

=

[Ag +1 (Br -1

(2)

Equations (1) and (2) are simultaneous and substitution of the expression
for [Ag+1 from (2) enables K to be written
(Ag(NH3);i] [Br-1

K =

(3)

Kso [NH31 n
Rearranging this equation and taking logarithms gives the form
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log [Br J

= l og

. KK

so

3

[Ag(NH )~]

(4)

Since K is large, almost all the silver in solution will be present as the
diammine. Further, if the total concentration of ammonia is made
sufficiently high, the proportion present in the complex may be neglected.
If the concentration of silver be kept constant over a series of mixtures,
then under the conditions above, equation (4) reduces to
log v 2 = n lOg v 1 + constant.
Here, v 1 is the volume of ammonia solution added to a particular mixture
and v 2 is the volume of bromide solution necessary to bring about incipient precipitation of silver bromide; clearly, v 1 and v 2 are proportional
to the respective concentrations. Thus, a plot of log vz against log v1
should be a straight line, with slope !!.·
PROCEDURE
(a) Precipitation and solubility effects. Clean seven 6 x ! inch test
tubes and number them 1 - 7. Place in them 5 ml of silver nitrate
solution at the concentrations listed in the result sheet. Now add 5 ml
of potassium bromide solution as directed, taking care to mix rapidly
as you add it. Allow the solutions to stand for about ten minutes and
record your observations.
Filter about 5 ml of each of the solutions showing any turbidity into
clean test tubes. Record the turbidity of the filtrate.
To all solutions now add three drops of 2 M magnesium sulphate and
record your observations.
(b) The sensitivity of analytical reactions. Dilute 10 ml of the stock
1000 gamma ml 1 copper solution (1 gamma= 10-6g) to 100 ml in a
graduated cylinder; set aside 20 ml of this 100 gamma ml- 1 solution.
Dilute 10 ml of the remainder to 100 ml and again set aside 20 ml;
repeat the dilution procedure until you have 20 ml of solution for each of
the concentrations 1000, 100, 10, and 1 gamma ml- 1 of copper.
Add 1 ml of 2 M ammonia solution to 10 ml of each of these copper
solutions and to 10 ml of deionised water. Determine the minimum
concentration of copper detectable by viewing the samples against a white
background. If time permits, you might attempt to fix the limit more
closely by preparing solutions with concentrations intermediate between
the limits already found.
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Repeat the procedure using 0. 1 ml of 0. 1 M potassium ferrocyanide
as the test reagent in place of ammonia.
(c) Formula of the silver ammine complex ion. Dilute 40 ml of the
stock 0. 05 M silver nitrate solution to 200 ml with deionised water;
this does not need to be done with great accuracy. Prepare two burettes
for dispensing 2 M ammonia and 0. 02 M potassium bromide respectively.
Burette 25 ml of the 0. 01 M silver solution into a conical flask and
add a measured volume, v 1, of about 40 ml of the ammonia solution.
View the solution against a dark background and titrate with the bromide
solution until the first permanent turbidity appears. Record the volume ,
v2, of bromide solution added and the total volume, V, of the mixture.
Repeat the procedure using the same quantity of silver solution but
using each of the volumes 30, 20, 17, 12. 5, and 10 ml of ammonia
solution. In each case, just before the end-point is reached, add sufficient deionised water to bring the total volume of the solution to V ml.
Plot log v2 against log v1 and evaluate n. for the complex from the
gradient of the line of best fit.
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Name ............................ Date ........... Mark ......... .
SOLUBILITY PRODUCTS AND IONIC EQUILIBRIA
(a) Precipitation and solubility effects
Tube

1

2

4

3

5

6

7

0.01

0.02

4.0

0. 0004

o. 0004 o. 0004

Concentration of silver nitrate added, M
0.0004

0.0004

0.0004

0.0004

Concentration of potassium bromide added
4.0

0.2

0. 004

o. 0004

Concentrations after mixing, M
Silver
Bromide
Turbidity of solution, before and after filtering
Before
After
Effect of adding magnesium sulphate solution

. . . . .. . . . . . .

.. . .. .

. . .. . .

.. .. . . .. .. . . . .....

(b) Sensitivity of analytical reactions

Concentration of
copper solution
1000 ml- 1
100
10
1

Detectable with
ammonia?

Detectable with
ferrocynanide?
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...........
Comments:

(c) Formula of silver ammine complex ion
Volume of ammonia
added, v 1 ml

Volume of bromide
added, v 2 ml
••

0

•

•

•

•

•

•

••••••••

........ .

•

•

•

•

•

•

•

•

0

•

••••••••

. . . .. . . . .
.... . ... .

........ .

•

•

•

Comments and calculations:

•

. . . . .. . . .

•

•

•

•

•

0

•

•

. . ... . . . .
. . . .. . . . .
Value for!!.

log v 1

•

•

•

•

•

•

•

•

. ....... .
••••••••

........ .
. ....... .
•

0

0

••••••
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Name
QUESTIONS
1. A common problem on solubilities is: the solubility product for
silver chloride is 1 x lo-10; calculate the solubility of silver chloride in
0.1 M potassium chloride. The answer given is 1 x 10-9 moles litre-1.
Criticise this answer.

2. A solution of 0.1 M silver nitrate is made 2M with respect to
ammonia. What weight of sodium bromide (MW ~ 103) must be added to
1 litre to bring about incipient precipitation of silver bromide? The
stability constant for the silver diammine complex ion is 1. 5 x 10 7.

3. What would have been the effect on the results in Section (c) if 20
ml aliquots of silver solution had been used, the amounts of ammonia
remaining the same?

4. The thiocyanate test for ferric ion is said to be sensitive to better
than 5 ppm of iron in solution. Calculate what weight of ferric alum
(NH4)2 so 4 . Fe2(S04)3. 24H 20
(molecular weight approximately 1000)
is required to give a positive test when dissolved in 1 litre of water.
Are the tests for copper (Section (b~ more sensitive than this one for iron?

62.8

5. A standard method for purifying sodium chloride is to pass hydrogen
chloride gas into a saturated solution of the salt, which is thrown out of
solution. Are we justified in saying that, owing to the common ion effect,
the solubility product of the sodium chloride has been exceeded?

6. The solubility products of silver chloride, bromide, and iodide are
1.2 x 10-10, 3.5 x lo-13, and 1.7 x 10-16. Explain why silver chloride
is soluble in ammonia, silver bromide is sparingly soluble and silver
iodide is insoluble.

FOUR-PLACE LOGARITHMS

I

I
I

I

7

I

I

I

4 5
~1_2__3+----4---61 7 8 9

3

4

5

6

0086
0492
0864
1206
1523

0128
0531
0899
1239
1553

0170
0569
0934
1271
1584

0212
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VAPOUR FR~SSURBAt,m DENSITY OF WATER
AT DIFFEREN'f TEMPERATURES
\

Temp.
(oC)

Water
p

d

(mmHg)

(g mC 1)

0

4.579

0.99987

5

6.543

0.99999

10

9.209

0.99973

11

9.844

0.99963

12

10.518

0.99952

13

11.231

0.99940

14

11.987

0.99927

15

12.788

0.99913

16

13.634

0.99897

17

14.530

0.99880

18

15.477

0.99862

19

16.477

0.99843

20

17.535

0.99823

21

18.650

0.99802

22

19.827

0.99780

23

21.068

0.99756

24

22.377

0.99732

25

23.756

0.99707

26

25.209

0.99681

27

26.739

0.99654

28

28.349

0.99626

29

30.043

0.99597

30

31.824

0.99567

TABLE OF RELATIVE ATOMIC WEIGHTS (1961)

Based on the Atomic Mass of 12c

o:::

12

The values for atomic weights given in the table apply to elements as they exist in nature, without artificial alteration
of their isotopic composition, and, further, to natural mixtures that do not include isotopes of radiogenic origin.
ALPHABETICAL ORDER
Symbol

Name
Actinium
Aluminum
Americium
Antimony
Argon

Arsenic
Astatine

Barium
Berkelium
Bervllium

Bis~uth
Boron
Bromine
Cadmium
Calcium
Californium
Carbon
Cerium
Ceslum
Chlorine
Chromium
Cobalt
Copper
Curium
Dysprosium
Einsteinium
Erbium
Europium
Fermium
Fluorine
Francium
Gadolinium
Gallium
Gennaniwn
Gold
Hafnium
He!.lum
Holmium
Hydrogen
Indium
Iodine
Iridium
Iron
Krypton
Lanthanum
Lead
Lithium
Lutetium
Magnesium
Manganese
Mendelevium

Ao
AI
Am
Sb
M

"At

Ba
Bk

Atomic number
89
13
95
51
18

33

Atomic weight
26.9815

137.34

4

Bi
B

83
5

9.0122
208.980
J0.8lla
79.909°
112.40
4D.08

g,

~5

Cd
Ca

Co
Cu

48
20
98
6
58
.'55
17
24
27
29

Cm
Dy

""

162 ..'50

63

167.28
1.51.96

Cf

c
c,
c.
Cl

Ci

g,

g,
Eu
Fm
F
F'
Gd
Ga

c.,
Au

Hf
He
Hu

H
ln
I

,,"Fe

88

99
58

9
87
84
31
32
79
72
2
67
I
49

.'}:3

"
26

Mn

Md

101

c.

!i

L"
Mg

6:3..')4

100

.36
37
82
3
7l
l2
25

Ph

J2.0JJJ5a
140.12
132.905
35.4S3b
.'51.9!101<
58.!:1:3.'32

18.9984
157.2.5
69.72
72.59
196.967
178..!9
4.0026
l64Jl30
1.00797n
114.82
126.9044
1!18.2
S.'5.b47~

8.1.80
I:3R91
:207.19
6.939
174.97
24 ..112
54.93/iO

Atomic Number

Mereury

Hg

80

Molybdenum
~eon

Neptunium

Nickel
Niobium

97

Be

symbol

Ne~ymium

121.75
39.948
74.9216

8S

56

Name

,,""

42

Nd

60

Np
Ni
Nb

93
28
4l
7
102
76
8
48
15
78
94
84
19
59
61
91

N

Nitrogen
Nobelium
Osmium

(),

Oxygen

0

Palladium
Phosphorus
Platinum
Plutonium
Polonium
Potassium
Praseodymium
Promethium
Protactinium
Radium
Radon
Rhenium
Rhodium
Rubidium
Ruthenium
Samariwn
Scandium
Selenium

Pd
p
Pt
Pu
Po

Silicon

Silver
Sodium
Strontium

Sulfm
Tantalum
Technetium
Tellurium
Terbium
Thallium
Thorium
Thulium

Tin
Titanium
Tungsten
Uranium
Vanadium
Xenon
Ytterbium
Yttrium

Zino
Zirconium

N<>

,.,.K
Pm

p,
R•

Rn

Re
Rh

Rb
Ru
Sm
Sc

Se

Si
Ag
N•

s,
s

Ta
Te
Te
Tb
11
Th

Tm
Sn
Ti
w
u
v
Xo

Yb

y
Zn

z,

Atomic weight
200.59
95.94
144.24
20.183

10

58.71
92.906
14.0067
190.2
15.99944
106.4
30.9738
195.09

39.102
140.907

88

88
186.2
102.905
85.47
101.07
150.35
44.956
78.96

75
45
37
44
62
21
34
14
47
ll
38
16
73
43
52

28.086a
107.87()1>
22.9898
87.62
32.064~

180.948
127.60
158.924
204.37
232.038
168.934
118.69
47.90
183.85
238.03
50.942
131.30
173.04
88.905
65.37
91.22

65
81
90
69
50
22
74
92
23
54
70
39
30
4()

a Atomic weights so designated are known to be variable because of natural variations in isotopic
composition. The observed ranges are:
Hydrogen
Boron
Carbon

+ 0.00001
+

o. 003

+ 0.00005

Oxygen
Silicon
Sulphur

+ 0.0001
+ 0.001

+

o. 003

b Atomic weights so designated are believed to have the following experimental uncertainties:
Chlorine
Chromium
lwn

~0.001

0. 001
+ 0.003
t

Bromine
Silver

+ 0.002
t

o. 003

STANDARD ELECTRODE (REDUCTION) POTENTIALS
Half-reaction
Li+

K+
Rb+
Cs+
Ba2+
Sr 2+
Ca 2+

Na+
Mg'+

AI'+
Mn2 +
Zn(NHJ,"
Zn 2+
Cr 3+
Ni(NH,),"
2C0 2 + 2H+
· Fe 2 +
Ag(CN),Co(NH,),'+
Cd'+
PbSO,
Co2+
Ni2+

Sn 2+
Pb'+
Fe3+
2H+
Co(NH,),'+
S-t-2ff'·
Slf+
CuZ+

+ e
+ e
+ e
+ e
+ 2e
+ 2e
+ 2e
+

+

+
+
+
+

+
+
+
+

e
2e
3e
2e
2e
2e
3e
2e
2e
2e

+ e
+ 2e
+ 2e
+
+

+
+
+
+
+
+
+
+
+

2e
2e
2e
2e
2e
3e
2e
e
2c

2e
e

Li
<±K
;;Z.

:;:t

Rb

~

Cs

:;±

Ba

~

Sr
~ Ca
:;±

Na

:;± Mg
:;± AI
:;± Mn

<± Zn +4NH3
:;± Zn

:;± Cr
:;± Ni

-t 6/V'H 3

<± (COOH) 2
:;± Fe
<± Ag + 2CN<±Co+ 6NH 3
+± Cd
""'Pb + so,•:;± Co
:;± Ni

+± Sn
:;± Pb
:;± Fe
:;± H2
"'' Co(NH,),'+
~ H2S
:;;:±: Sn2+
~

cu+

log K

£0 volt

-51·5
-49·5
-49·5
-49·4
-98·5
-97·6
-97·0
-45·9
-80·2
-84·3
-40·0
-34·8
-25-8
- .17·7
-17·3
--16·5
--15·9
- 7·7
-14·5
-13·6
-12·0

-3·05
-2·93
-2-92
-2·92
-2-91
-2·89
-2·87
-2·71
-2·37
-1·66
-1·18
-1·03
-0·76
-0·74
-0·51
-0·49
-0-47
-0·45
-0·43
-0-40
-0·36
-0·28
-0·27
-0·14
-- 0·13
-0·04

- 9-4
- 9·1
- 4·6
- 4·2
- 2·0
0·0
l·g
4·8
5·1

2·7

0·00
01
0·14
0·!5

0·16

Half-reaction
so;-+ 4H+
AgCI
Hg,C/ 2
Cu2+
Fe(CN),'0 2 -1- 2H,O
Cu+

+ 2e
+ e
+ 2e

+
+

2e
e
4e
e
2e
e
2e
e
2e
e
2e
e
2e
e
e
2e
3e
2e
2e
4e
2e
6e
2e
2e
5e
3e

+
+
[+
Cu'+ + Cl- +
H As0, + 2H+ +
Mno,- +
+
Cu'+ + Br- +
O, + 2H+ +
Fe'+
+
Hg22+
+
Ag+
+
Cu'+ + [- +
2Hg2+ +
NO,- + 4H+ +
+
Pt'+
+
0, + 4H+ +
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Exercise 1

EMISSION SPECTROSCOPY
INTRODUCTION
Emission spectra are produced from luminous and incandescent
bodies, and consist, in the optical region, of bright coloured lines or
coloured bands on a dark background. Absorption spectra are produced
from electromagnetic radiation which has passed through a material.
Continuous spectra are emitted by incandescent solids. In the optical
region, such a spectrum is observed as a continuous, brightly coloured
band and includes radiation of every wavelength in the region covered by
the spectrum. Line spectra are characteristic of atoms that have been
excited and are emitting their excess energy. Band spectra are
characteristic of excited molecules.
The electrons of an atom can exist only in discrete energy levels
i.e. , the energy levels are quantised. Normally, the electrons are in
the lowest energy states, known as the ground state of the atom. If
sufficient energy is added, e.g. , by thermal or electrical means, one
or more of the electrons may be raised to higher energy states.
Electrons in these higher energy states lose their energy by emitting
electromagnetic radiation and returning towards the ground state. The
frequency of the radiation emitted may be calculated from the relationship
~ E = h v
where t.E =energy change, erg
-27
h = Planck's constant, 6. 62 x 10
erg-sec

v

= frequency of vibration per sec

The wavelength can then be obtained from
v = c/}.. = c i7
where c = velocity of light, 3 x 1010 em sec -l, }.. =wavelength, em
and
=wavenumber, cm-1

v
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In the visible and ultraviolet regions of the spectrum, the wavelength is
usually expressed in millimicrons, m,u
1 m,u
~ 10-3,u
10-6mm ~ 10-7cm
0

1 A (angstrom) ~ 10 -1 m,u ~ 10-8 em
In returning to the ground state an electron may make several discrete
jumps or energy changes and emit light of different wavelengths. Since the.
energy levels are quantised, the values of v and). are quantised and the
spectrum consists of sharply defined lines. Since there are definite
energy states and since only certain changes are possible according to the
quantum theory there are only a limited number of wavelengths possible in
the emission spectra. When high energy excitation sources are used,
there is a greater possibility of having more lines appear in the spectrum.
The intensity of a line depends upon the probability of the required energy
transition taking place, and thus depends on the number of electrons populating the upper energy level. The number of lines depends on the number of available and allowable jumps between different levels.
In lithium there are two ls electrons and one 2s valence electron.
When a lithium atom is excited in a flame, the 2s electron may absorb
enough energy to be raised to the 2p orbital. When the electron releases
this energy and returns to the normal or ground 2s state, it emits the red
line of 670.8 m,u normally associated with the principal line of the lithium
spectrum. Such a transition from an excited state to a normal state is
called a ground ·state transition. The 610 m,u line in the lithium spectrum
is not a ground state transition because in this case the lower state is itself an excited state. Flame spectra are composed mainly of ground state
transitions, while with higher energy sources such as the electric arc the
transitions are mainly between excited states.
Since the electrons can only exist in discrete energy levels, which are
different for each element, the wavelengths of the emitted light are characteristic of the element. The unique wavelength of light for each element
provides a very sensitive means of analysis. In qualitative analysis by
the spectrochemical method, it is not necessary to examine and identify
all the lines in the spectrum, because the strongest lines will be present
at definite wavelengths and serve to identify the element. As the quantity
of the element in the source is reduced, these lines are last to disappear
from the spectrum. As a result, they have been called the persistent
lines or the 'raies ultimes' (R. U. lines).
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The outer electrons of the metallic elements are excited much more
easily than those of the non-metals. Thus, emission spectroscopy and
flame photometry are most effective and most commonly applied for the
analysis of metals and metal salts. At the low energies provided by a
flame only the most easily excited atoms e.g. , the alkali metals, can be
caused to emit their characteristic wavelength .sufficiently to be measured
with simple equipment. Interference caused by many other metals and
salts is not present at the low energy of the flame. At the higher energies of the electric arc all metals can be excited sufficiently to cause
emission of energy as light. However, an extremely complex emission
spectrum with many lines (due to the extra excited states) is produced.
If the excitation of the atom results in the gain of so much energy that an
electron is detached from it the atom becomes a positive ion and is said
to be ionised. An ionised atom may recapture an electron and return
eventually to the ground state. If the ionised atom reverts first to an
excited state, and then to the ground state the first part of the process
corresponds to the emission of unquantised energy, which makes a contribution to the continuous spectrum (the continuity of which results from
the variation in kinetic energy of the electrons recaptured by a large
number of ionised atoms) and the second part of the process, which releases a quantised amount of energy, corresponds to the emission of a
particular line in the line spectrum of the recapturing atom.
PROCEDURE
The spectroscopes used cover the visible range from 3900 5\. to
0
7500 A . They have been adjusted so that the yellow sodium (D) line at
589. 3 m i< (one of the closely-spaced sodium doublets - the other is at
589.6 mp) just touches the left hand side of the 590 graduation line which
has been extended downwards. (Note that between 390 ffiJ.l and 500 m,"
each interval of the wavelength scale~ 2 ffiJ.Io while above 500 mp each
interval ~ 5 mJ.L.) The scale can be read to about 1 m p.. Most of the
spectral lines emitted by excited atoms are too weak to be detected with
the naked eye, and the usual spectrographic technique involves the recording of the spectra on a photographic plate; however, for the elements
which will be studied in this experiment, one or two lines are sufficiently
strong in the visible region to be seen with the spectroscopes provided.
(a) Spectra of discharge lamps. Examine the discharge lamps
provided. List the wavelength, colours, and approximate intensity
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(strong, medium, weak) of all the lines that can be observed. Compare
with the lines given in Table I and identify the element giving rise to the
lines.
Examine the light coming from the 'fluorescent' room lighting tubes.
The continuous radiation bands come from the fluorescent coating, but
the tube is also filled with a gas. Identify it and comment on the operation of the tube.
Compare the spectrum of light coming from a torch globe with that
coming from the sun (using a very small slit width). Comment.
NOTE: Do not point the spectroscope directly at the sun.
TABLE I
Spectra produced in electric arcs and discharges
(Intense lines only)
Wavelengths in

m~t,·

Cadmium

468

480

509

644

Caesium

456

459

621

672

697

Helium

471

447

588

492

688

Lithium

460

610

671

Mercury

405

436

546

577

579

Neon

614

627

638

640

651

Potassium

404
583

405
691

578
694

580
767

581
770

Rubidium

420

422

572

616

630

Sodium

589

590

Zinc

468

472

481

636

(b) Flame Spectra.

707

A simple thermal energy method of producing
emission spectra consists of volatilising the substance in a non-luminous
Bunsen flame. When a metallic chloride is heated in this way, the flame
is coloured by the vapour of the volatile chloride and light is emitted.
The metallic chloride may be either (i) dissolved in a solvent and introduced into the flame by means of an atomiser or (ii) the solid chloride
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may be introduced into the flame on a platinum wire. Note that there are
fewer lines appearing in the spectrum as compared to discharge tube
spectra due to the lower excitation energy (see Table II).
Adjust the gas and compressed air to the burner to produce a nonluminous flame two to three inches high. The inner cone must be defined sharply. Illuminate the wavelength scale of the spectroscope by fitting the 6 volt globe to the small tube on the side. Focus the spectroscope and open the slit by turning the knurled ring until sufficient light
enters the instrument; the slit should be as narrow as possible in order
to define the spectral lines sharply.
•
Insert the inlet tube to the atomiser in one of the bottles of test
samples; record the wavelength, colour, and intensity of all visible
lines. Examine the spectrum for the presence of impurities; sodium is
a common contaminant of many salts and the sodium doublet is very
strong. Wash out the system with distilled water and then repeat for the
other samples.
Keep the compressed air adjusted so that the solutions
are sprayed efficiently, giving intense flames, but little effluent; about
20 psi is a suitable value.
NOTE: Do not mix the tops of the sample bottles.
Now spray the test samples containing unknown ions and identify the
constituents as far as possible.
TABLE IT
Flame spectra
(Prominent lines only are listed, p marks 'persistent' lines)
Wavelength in m,:t
Barium
Boron
Cadmium
Caesium
Calcium
Lithium
Potassium
Rubidium
Sodium
Strontium
Thallium

487
519
480
456p
423
610
405
420p
589p
461p
535p

514
544
509
459p
554
671p
767p
422p
590p
606

554p
548

603

618p

620p

770p
780
660

665

1. 6

(c) The spectrum of hydrogen. In the case of the hydrogen atom.
when an electron from a higher orbit (in terms of the Bohr theory) returns
to one of lower !!. value, energy is emitted. If the electron returns to the
n ~ 1 level, the energy is high, and the wavelength short; if to the n = 2
level, then the energy is lower, and the wavelength longer, and so on.
It happens that the wavelengths of the lines corresponding to an
electron returning to the n = 1 level are too short to be visible to the
human eye; for the lines corresponding to the electron going to the n = 2
level they are visible, but for the lines corresponding to the electron
going to the n ~ 3 level, the wavelengths are too long, these lines lying in
the infrared portion of the spectrum. The wavelengths of the lines are
given by

!. =
A

-

1
v = R(2 nf

1
- 2)

em -1

ni

where ni and nf are the initial and final Bohr orbitals involved. The
constant R is known as the Rydberg constant, and for hydrogen has the
value 1. 09 x 105.
Examine the visible spectrum of hydrogen with the spectroscope and
determine from which Bohr orbit the electrons came which resulted in
the production of the red, violet, and blue lines observed.
NOTE: Fluorescence effects on the glass tube cause many weak lines to
appear in addition to the hydrogen lines; disregard these.
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Name ............................ Date ........... Mark ......... .
EMISSION SPECTROSCOPY
(a) Spectra of discharge lamps
Lamp

Wavelength

Colour

1

2

3

4

Comments on fluorescent tube:

Comments on sunlight and torch light:

Intensity

Element

1.8
{b) Flame spectra

(i) Test solutions
Element

Wavelength

Colour

Intensity

Barium

Caesium

Calcium

Lithium

Potassium

Rubidium

Sodium

Strontium

Thallium

(ii) Unknown solutions
Solution 1.

Wavelengths and intensities observed

Elements present ................. .
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Name
Solution 2.

..............................

Wavelengths and intensities observed

Elements present .................... .
(c) Hydrogen spectrum
Wavelength

Intensity

. Colour

Calculations:

QUESTIONS
1. A potential of 2.10 \"olt applied to a sodium atom provides sufficient energy to produce a 3s - 3p transition. Calculate the wavelength
frequency and wavenumber of the radiation which will be emitted as the
electron returns to the ground state (h = 6.625 x 10-34 joule sec, c =
2. 998 x 10 8 metre sec-1, e = 1. 602 x lo- 19 coulomb).
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2. Why is flame-testing in qualitative analysis restricted to relatively
few elements? Why do these elements yield coloured flames? Can you
explain why the first two members of Group II, Be and Mg, do not give
flame tests, while the last three, Ca, Sr, and Ba, do.

3. Calculate what wavelength of light is required to dissociate iodine
molecules into atoms, given that the dissociation energy is 36. 1 Kcal ·
mole-1 and that one of the iodine atoms produced by the dissociation is in
an excited state, 21.6 Kcal mole-1 above the ground state.

Exercise 3

NEAR-INFRARED COLORIMETRY
Molecules absorb energy in various regions of the electromagnetic spectrum. Electronic rearrangements need energies which are associated
with light in the visible and ultraviolet regions. Vibration of molecular
bonds. for which a dipole moment change occurs will abs.orb energy in the
infrared at frequencies which correspond to the vibration frequencies or
multiples (overtones) thereof. Changes in the rotational energy of
dipolar molecules. require far less energy and absorptions occur in the
far-infrared and microwave range.
The s.imple colorimeter with which you are provided has. a phototransis.tor as a sensing device. The output of this trans.istor is. proportional to the amount of radiation falling on it. Near-infrared light in the
range 5000 to 20,000 ~(or 20,000 to 5000 em - 1) produces electrons. and
ass.ociated positive 'holes' in the transistor, and under the influence of
an applied potential these migrate to the electrodes, thus generating the
photocurrent. This current is amplified by two germanium transistors
and is measured on a 0 to 1 milliamp meter. The source of the infrared
radiation is a tungsten filament bulb with a filter to remove the visible
light. The test solutions are placed in the light path in 1 em glass cells;
it should be noted that glass cells could not be used to make measurements
in the far-infrared region since glass absorbs these longer wavelength
radiations .
The fundamental frequencies of the various molecular vibrations lie
too far into the infrared to be observable with this instrument, but the
absorption of the overtone frequencies for some liquids are within its
. lim;ited range.
· · Copper solutions are characteristically blue and therefmc,e must absorb
red light. The maximum absorption in fact occurs at 8000 A . This
absorption produces a mild electro~ic rearrangement of the electrons in
the hydrated copper ions, Cu(H20)4 +. When the water ligands are replaced by a more strongly-bound ligand such as ammonia, the absorption
shifts towards the visible; thus more infrared light is transmitted to the
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detector. On the other hand, when the copper is surrounded by ligands
such as chloride ions which are less strongly bound than water, the
absorption shifts to lower energy and thus further into the infrared.
Thus shifts in the absorption peak for coordinated copper to higher
(visible) and lower (infrared) energies are indicated by this instrument
as increases and decreases respectively in the transmittance reading.
The basic relationship of colorimetry is the Beer-Lambert Law which
states, for absorption of monochromatic light,
log (10 /Id) = ked
where ! 0 is the intensity of the light beam incident on the sample;
Id is the intensity of the light beam after it has travelled a distance
!!_through a solution of concentration 2_;
~is the constant of proportionality.
In other words, the absorption is proportional to the number of molecules
in the light path. When£. is expressed as a molar concentration, and!!_
is in em, the constant ~is known as the molar extinction coefficient for
the particular absorbing species, at the particular wavelength in use.
PROCEDURE
(a) Standardisation of the instrument. Switch on the nine volt power
supply and allow the instrument to stabilise. Adjust the ZERO knob
until the reading is steady on O%. Place an empty cell in the cell-holder
as close to the shutter as possible; open the shutter, press the READ
button, and adjust the 100% knob until a full scale deflection is obtained
on the meter; release this button as soon as possible since heat
transmitted from the'infrared E!@lurce causes the zero to drift. Finally
check the zero with the shutter closed, resetting if necessary.
(b) The infrared absorPtion of some liquids.
Check the zero
position. Fill the cell with carbon tetrachloride (CAUTION. The
vapours are toxic) and place it in the holder; press the READ button and
record the percentage transmittance of the liquid. In the same manner
obtain the percentage transmittance of each of the liquids provided.
Include bromine, which is supplied in a special cell, among the liquids.
At the conclusion of these readings check the value obtained for carbon
tetrachloride.
NOTE: Before each reading check and adjust the zero position
(shutter closed). When changing liquid samples rinse the cell thoroughly
with acetone and allow it to dry. Wipe the outside of the cells with soft
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tissue. Do not place your fingers on the optical faces or drop the cells.
(c) Determination of copper. Fill the cell with distilled water and
adjust the ZERO and 100% levels. Dilute the stock solution of copper
sulphate to make up a series of about fifteen solutions with concentrations
in the range 0. 2 to 0. 01 M. This may be done by measuring the number
of drops needed from your dropper to fill the cell, and to then mix drops
of water and copper sulphate in the required ratios. Measure the
percentage transmittance for each solution (check the zero in between
solutions). Plot log (reading/100) versus concentration and draw the
line of best fit through the points .
Weigh out accurately about 1 g of the copper alloy and dissolve it in
the minimum amount of 6 M sulphuric acid. Make the solution up to 250
ml in a volumetric flask. Measure the percentage transmittance of the
solution and use the calibration curve to determine the concentration of
the copper in the solution; calculate the percentage copper in the alloy.
(d) Effect of ligands on copper absorption. Use the calibration curve
constructed in part (c) to select a concentration of copper which gives
about 20% transmittance. Fill the cell to the three-quarters level with
copper solution having this concentration, and measure the percentage
transmittance; add a sufficient number of drops of concentrated ammonia
(15 M) to convert the hydrated copper ions to copper tetrammine ions,
and again measure the percentage transmittance. Determine from your
curve whether the dilution caused by the addition of ammonia could
account for the observed change in absorption.
Select a copper solution to give a transmittance of about 80%.
Repeat the above procedure with concentrated hydrochloric acid in place
of ammonia. Use just suffi~~ent concentrated hydrochloric acid to form
the yellow complex ion CuCl4 .
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Name ............................ Date .......... Mark ......... .
NEAR-INFRARED COLORIMETRY
(b) Infrared absorption of some compounds

Reading

Sample

Comment

carbon tetrachloride
acetone
ethanol
aniline
water
bromine
carbon tetrachloride

(c) Determination of copper
Solution
Number
1

Copper
Concentration, M

R~ading

%
:

'

............ .

2
3

4
5
6

7
8
9

.......... ...
~

Log
(Reading/100)
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Solution
Number.·

Copper
Concentration, M

Reading

%

Log
(Reading/100)

10

..............

11

12

...............

13
14

...............

15

Weight of watchglass +alloy
Weight of watchglass

............. g

Weight of alloy

............. g

Meter reading

............. %

Concentration of copper

............. M

Percentage of copper in alloy
Calculations:

............. g
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Name ........................... .
(d) Effect of ligand on copper absorption
Transmission for Cu(H 0)!+ solution
2

............. %

Transmission for Cu(NH )!+ solution
3

............. %

Comments:

2
Transmission for Cu(H 0) + solution
2
Transmission for

CuCl~- solution

............. %
............. %

Comments:

QUESTIONS
1. Why does bromine show no absorption in the infrared?

What might you expect if some iodine were dissolved in the bromine?

Would you expect any absorption for hydrogen or hydrogen chloride?
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2. The infrared spectra of celestial bodies can provide much useful
information about the nature of the surface composition. However, it is
virtually impossible to carry out such studies from the surface of the
earth. Why?

Exercise 43

PROPERTIES OF CRYSTALS
This exercise examines some of the properties of the solid state. Although the broad principles of crystal structure and properties are well
established and some useful generalisations can be made, there are many
detailed considerations which must be taken into account for individual
structures.
The external form or habit of a crystal can sometimes be varied,
without changing the actual packing of the atoms within the lattice, by
growing the crystal in different media. The habit is controlled by the
rates of growth of the various faces or crystal planes. The fastergrowing faces grow themselves out so that the final habit is defined by the
slower-growing faces. In the cubic crystals, whose habits are to be examined in this exercise, the 100 planes (cubic faces) contain alternate
cations and anions, while the lll planes (octahedral faces) contain successively all cations and all anions. Thus the final habit depends on whether
anions and cations add together or whether there is mutual interference
between the ions on additipn so that a complete layer of one type of ions
must be laid down before the second type of ions deposits.
In addition to variations in the external form of the crystals of a substance, differences in the internal symmetry brought about by changes in
the mode of packing of the atoms are also possible. Substances that can
exist with two or more crystal structures are said to be polymorphic. In
the case of elements, polymorphism is given the special name of allotropy.
Allotropes may be either of the packing variety, differing only in the
arrangement of the basic lattice units (e.g., rhombic and monoclinic sulphur both have puckered eight-membered rings), or of the bonding type, in
which the nature of the basic molecular unit is different (e.g., diamond
and graphite, red and yellow phosphorus).
All crystal lattices contain a significant number of imperfections which
give rise to properties such as fluorescence and semi -conductance.
These may be physical defects such as grain boundaries and dislocations,
or chemical defects arising from the presence of excess or substitutional
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atoms or from vacancies in the lattice. Silver mercuri-iodide exhibits
polymorphism resulting from a change between the ideal and a defect
structure. In the low temperature modification, the iodine atoms form a
close-packed lattice, with silver and mercury atoms occupying some of
the tetrahedral holes in a regular manner. Above the transition temperature of 50. 70, the iodine atoms retain their arrangement but the silver
and mercury atoms become randomised; the conductivity of the lattice
increases one hundred-fold.
The existence of isomorphism was recognised by Mitscherlich in
1819, but the exact definition of the phenomenon has not proved easy. In
general, the phenomenon of isomorphism requires that: the crystals must
belong to the same crystallographic class; the molecular formulae must
be analogous; the constituent ions of comparable sizes and the interatomic
bonding forces must be of the same kind.
When a substance which is capable of forming strong intermolecular
hydrogen bonds crystallises, the hydrogen bonds control the packing of the
molecules in such a way that an open network structure is formed. If
suitably-sized molecules of another substance are present during the
crystallisation process these may be trapped in the network to form a
clathrate compound. These are not true compounds but may attain definite compositions under the correct conditions. Thus molecules of chlorine, hydrogen sulphide, and the larger inert gases may all be trapped in
ice.
Many properties of solids are closely related to the crystal structure
and general predictions about the behaviour of a solid can be made from a
knowledge of this structure. However, properties such as solubility depend on a number of factors and care must be taken in extending the predictions.
Since this exercise consists of a large number of small investigations
the procedures are given in the result sheets .
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Name ............................ Date ............ Mark ......... .
PROPERTIES OF CRYSTALS
(a) Crystal habit
1. Examine under the microscope and sketch the following crystals: (i)
sodium chloride grown from aqueous solution (ii) potassium chloride
grown from aqueous solution (iii) silver chloride grown from an ammoniacal solution (iv) sodium chloride grown from 2 M urea solution in water.

2. All these crystals belong to the cubic system and have the same packing of cations and anions. Discuss the relationships and explain the
differences between their habits.

(b) Polymorphism
1. Recall earlier exercises on the precipitation of mercuric iodide and
the effect of heat on this substance.
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2. (i) Ammonium chloride changes from one cubic form to another at
183°; one form has the face-centred cubic (sodium chloride) structure,
while the other is body-centred cubic (caesium chloride structure).
Which form would you expect to be stable above the transition temperature?

(ii) Place the sealed tube containing ammonium chloride and 1, 2, 4

trichlorobenzene in a paraffin bath at about 170° and maintain at this
temperature for about 30 minutes. Raise the temperature to 190° and
maintain. Record your observations. Assuming that the tube did not
explode, what would you expect to observe on raising the temperature
still further?

(iii) A dilatometer containing 10 g of ammonium chloride and 100 ml of
paraffin oil is placed in a bath at 150° and the volume is recorded after
equilibrium is attained. The increases in the equilibrium volume are
then recorded at 170° (1.55 ml), 190° (4.43 ml), and 210° (5.98 ml).
Calculate:
(a) the coefficient of expansion of paraffin in deg - 1 , assuming that it
is constant over the range, and

(b) the density of the high-temperature form of the chloride, given
that the density at room temperature is 1.47 g ml- 1 .
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Name
3. Ammonium nitrate can exist in at least six polymorphic forms.
you explain why this is so?

Can

(c) Allotropy
(i) Place about 3 g (1 level teaspoon) of sulphur and 10 ml of xylene
(or toluene) in a large test tube. Heat CAREFULLY over a bunsen until
the sulphur has completely dissolved and the solution is boiling gently.
Suspend the tube in a beaker of boiling water and allow the sulphur to
crystallise. After some time allow the bath to cool slowly so that crystallisation continues. Pour off the xylene into a beaker and transfer some
of the crystals to a watchglass. Examine them under a microscope,
sketch and explain your observations. Return all sulphur and xylene to
the appropriate Residues Bottles .
1.

(ii) Would you expect the rhombic or the monoclinic sulphur to be more

soluble in carbon disulphide?

(iii) Rhombic and monoclinic sulphur are packing allotropes; i.e., the
forms differ only in the way in which the s 8 rings are packed. Can you
suggest how and why the two structures differ?

2. The red and yellow forms of phosphorus are bonding allotropes.

Ex-
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plain, in terms of the difference in bonding, the much greater volatility
and chemical reactivity of the yellow form.

3. White tin changes to another allotrope, grey tin, below 13°, but the
rate of transformation is normally very slow and it is thus difficult to determine the transition temperature. However, if electrodes of white and
grey tin are placed in a solution of stannous chloride at any temperature
other than 13°, a potential difference exists between them and the transition temperature can readily be determined as the temperature at which
the potential difference becomes zero or at which the polarity of the cell
is reversed. What is happening at the grey tin electrode at say 25°?
Would you expect this electrode to be negative or positive with respect to
the white tin at this temperature?

(d) Defect structures
1. Recall the effect of heat on zinc oxide.

Explain what is happening.

2. (i) Subject the sodium chloride crystals sealed into an evacuated tube
to the high-frequency discharge from the Tesla coiL Observe and explain the colour change that occurs .

(ii) The alkali metal halides are known to take up small amounts of
alkali metal or halogen when heated in the appropriate vapour. Suggest
how these excess atoms might be accommodated in the lattice.
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Name ............................. .

3. Using the cell provided, measure the resistance at room temperature
of a disc of silver mercuri-iodide, which undergoes a crystallographic
transition at 51°. Place the cell in an oven at about 40° and record the
resistance after about 40 minutes. Repeat at about 60° and 80°. Note
any colour change and show that the transition is accompanied by a large
increase in the conductivity of the substance.
Temperature, °C
Resistance, ohm

4. It is well known that zinc sulphide fluoresces in UV light. However,
when it is freshly prepared, it has no fluorescence; When heated above
500°, some sulphur sites become vacant and some zinc atoms occupy
interstitial positions, and the solid fluoresces blue. If the substance is
heated above 1100° with a trace of copper (about 1 copper atom to 104
zinc atoms), the fluorescence becomes yellow-green and the substance
also exhibits phosphorescence. Observe the behaviour under UV light
of the samples provided.

(e) Isomorphism
1. Discuss the following observations:
(i) Potassium chloride and potassium bromide form a complete range
of solid solutions; potassium chloride and sodium chloride form solid
solutions over limited composition ranges only, and potassium chloride
and lithium chloride show no miscibility in the solid. All these compounds have the sodium chloride structure.
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(ii) Sodium chloride and calcium fluoride belong to the same crystal
class but are not isomorphous.

(iii) Silver bromide has the sodium chloride structure, while silver
iodide has the zincblende arrangement (at room temperature).

(iv) Silver bromide can dissolve up to 70% of silver iodide but it shows
little solubility itself in silver iodide.

(v) Sodium chloride, ammonium iodide, and potassium cyanide are
isomorphous.

2. When one considers an isomorphous pair such as sodium nitrate and
calcium carbonate it is clearly unnecessary that isomorphous salts
be chemically similar. However, mixed crystals of these two salts
cannot be prepared. Explain.

3. What can you suggest concerning the nature of the mixed precipitate
of copper hydroxide and sulphate prepared in the exercise on iodimetric
titrations ?

4. Examine the crystals provided which show oriented over-growths of
potassium alum on chrome alum.
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.............................

5. Under what circumstances does the addition of A to B increase the
melting point of B? Is it necessary that A and B be isomorphous?

(f) Clathrate compounds

Place about 5 ml of the aqueous solution of hydroquinone in a test
tube and immerse the tube in an ice-bath. Pass hydrogen sulphide slowly through the solution until a precipitate forms. Show that this is not a
normal covalent compound by centrifuging off some of the precipitate,
dissolving it in water and adding a drop of lead nitrate solution. Suggest
how the formation of a clathrate can be used to purify a chemical compound.

(g) Packing of spheres
1. Using spheres of the same size, prepare models to illustrate facecentred cubic and hexagonal close packing and body-centred cubic packing.
2. Using suitably-sized spheres, prepare models of the sodium chloride
and caesium chloride structures and relate these to the appropriate
models in 1.
(h) Relationships between properties and crystal structure
1. Record for each of the substances below the type of crystal lattice
(ionic, molecular, etc . ) and on the basis of this, predict the melting
point, hardness, solubility in water and carbon tetrachloride, and electrical conductivity. Explain any apparent anomalies.
(i) Silica
(ii) Iodine
(iii) Potassium bromide

43.10
(iv} Naphthalene
(v) Lead
(vi) Calcium carbonate
(vii) Silicon carbide
2. Compare the resistances at room temperature of nichrome, germanium and carbon.

(i) Effect of rate of crystallisation on particle size
(i) Mix 10 ml of solution A (containing 175 g of di-ammonium hydrogen
phosphate per litre) with 10 ml of solution B (containing 175 g of tartaric
acid per litre). Add 15 ml of solution C (containing 575 g of magnesium
chloride per litre) and mix thoroughly. Now add sufficient 3 M ammonia
to dissolve the precipitate, and then 2 ml excess. Divide the mixture
into two parts. Allow one to stand, and shake the other vigorously for
30 seconds and allow to stand. Compare the particle sizes under the
microscope.

(ii) What are the compositions of the two precipitates that form?

(iii) What is the function of the tartaric acid?

Exercise 52

DISTRIBUTION EQUILIBRIA
For the ideal distribution of a solute, A, between two immiscible solvents,
P and Q, the Nernst distribution law holds, i.e.,
[A] P

K

=

[A] Q

distribution or partition coefficient.

=

This equation applies for dilute solutions where the solute is in the
same molecular state in both solvents, but it must be modified to allow
for any association or dissociation of the solute molecules. Thus distribution investigations may provide useful information concerning the
molecular complexity of a substance in solution.
For the system formed when acetic acid is distributed between water
and benzene we have both the simple distribution equilibrium
= [ AB] I [Awl
1
and the association equilibrium of the acid in benzene
(A )B "- 2 AB for which K = [ AB] 2 I
2
2

Aw ::::;AB, for which

K

[ (A 2)B]

From these equations it can be readily shown that the ratio of the
total concentrations of acetic acid in benzene (CB) and in water (Cw) is
given by
=

cw

Thus the observed partition ratio should increase linearly with total
concentration in the aqueous layer. A plot of CBICw against Cw should
2
have a slope of 2K1 and an intercept of K.
K2
Similarly, the effective concentration of free solute molecules will be
reduced by reaction of the solute, either with the solvent, as in hydrolysis, or with a second solute, as in the formation of a complex. For
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example, it is possible to determine by distribution the concentration of
free ammonia molecules in an aqueous solution of the copper tetrammine
complex. The solution of the complex is shaken with chloroform and the
ammonia extracted into the organic phase is titrated. If the distribution
coefficient for ammonia between chloroform and water is known and if it
is assumed that the distribution and complex formation equilibria are independent of one another, then the proportion of the total ammonia coordinated to the copper is readily calculable.
NOTE: It is essential for this work, particularly when the solute has very
different solubilities in the two solvents, that equilibrium be attained and
that the two phases be completely separated before analysis. The separating funnel should be shaken vigorously for at least two minutes, with
frequent relief of pressure by inverting and opening the tap, and then set
aside to allow separation to occur. Discard all fractions that are likely
to be mixtures of the two phases and rinse out all measuring and titration
vessels after each step. Return all waste organic solvents to the
Residues Bottle.
PROCEDURE
(a) The association of acetic acid in benzene. Prepare about 30 ml
of approximately 0. 5 M acetic acid by diluting the stock acid in a measuring cylinder. Add about 30 ml of benzene and transfer the mixture to a
separating funnel. CAUTION: Benzene is very poisonous and can be
assimilated into the body by ingestion, inhalation, and absorption through
the skin; do not pipette benzene or spill it on your hands.
Shake the mixture thoroughly as directed in the introduction and allow
the layers to separate. Run off most of the aqueous layer into a beaker.
Then run the intermediate fraction, which is likely to be a mixture, into
a second beaker and, finally, run exactly 20 ml of the benzene layer into
a clean measuring cylinder.
Pipette 1 ml of the aqueous layer into a titration flask containing
about 20 ml of water, add a few drops of phenolphthalein and titrate with
0.02 M sodium hydroxide to obtain the titre Tw.
Transfer the 20 ml benzene sample to a titration flask. Rinse the
cylinder several times with water and add these washings to the flask.
Titrate as before and record the titre TB.
Return all mixtures containing any benzene to the funnel. Allow to
settle and discard as much as possible of the aqueous layer. Add about
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50 ml of distilled water, shake and again discard the water layer. Now
add about 30 ml of acetic acid of suitable concentration and repeat the
entire procedure.
Carry out at least five determinations using acetic acid concentrations
in the range 0.1- 1M. Plot CB/Cw against Cw and estimate the values
of the two equilibrium constants from the graph.
(b) Formula and stability of the cuprammonium ion. Place 50 ml each
of 1. 2 M ammonia solution and chloroform in the separating funnel and
equilibrate the mixture as described in the introduction. If necessary,
swirl the contents of the funnel gently during the settling period to assist
in separation of the layers.
Draw off 10 ml of the aqueous layer with a pipette and run into about
100 ml of water in a titration flask. Titrate with 0. 5 M hydrochloric
acid, using methyl orange, to obtain the titre T1.
Place a 100 ml measuring cylinder containing about 80 ml of water
under the funnel and run in exactly 20 ml of the organic phase. Transfer
to a titration flask, rinsing out the cylinder several times with water.
Titrate as before, but using 0.05 M hydrochloric acid, to obtain the titre
T2·
At the conclusion of the titration, decant off and discard as much as
possible of the aqueous layer in the flask. Return the remainder to the
measuring cylinder. Add water until the volume of the aqueous layer in
the cylinder is 10 ml. Now return the contents of the cylinder to the
separating funnel. Shake and repeat the entire procedure. Repeat the
process several times. Return the chloroform to the Residues Bottle.
Calculate the distribution coefficient for ammonia between water and
chloroform.
Place 5 ml of 0.5 M copper sulphate solution, 45 ml of 1.2 Mammonia and 50 ml of chloroform in the separating funnel. Equilibrate and
allow to settle. Discharge from the funnel into a measuring cylinder
containing about 50 ml of water as much as possible of the chloroform
layer. Do not allow any drops of the aqueous layer to pass through the
tap. Titrate with 0. 05 M acid as before and record T3.
The chloroform may be used for further distributions as before.
For successive partitions, use 5 ml of copper solution and varying volumes (35, 25, 20 ml) of ammonia solution, making the volume of the
aqueous layer up to 50 ml each time with water.
Return the chloroform to the Residues Bottle. Calculate the formula
of the complex and its stability constant.
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Name ............................ Date ............ Mark ......... .
DISTRIBUTION EQUILIBRIA

(a) The association of acetic acid in benzene
Concentration of sodium hydroxide solution

.......... M

Concentration of stock acid

.......... M

Volume of stock acid
.......... ml
Concentration of diluted acid
.......... M

ml
.......... M

ml

CB

.......... M

CB /CW ......... .

Estimated values of equilibrium constants from graph
K

=

· · · · · •••. .

1
Calculations:

K

2

=

.•........

mole litre

-1
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(b) The formula and stability of the cuprammonium ion

Concentration of 0. 5 M hydrochloric acid

.......... M

Concentration of 0. 05 M hydrochloric acid

.......... M

Tl

.......... ml

T

2

. . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . . ml

Concentration of ammonia in water layer, mole litre -l

Concentration of ammonia in chloroform layer, mole litre -l

Distribution coefficient

Accepted value of distribution coefficient
Concentration of 1. 2 M ammonia solution

.......... M

Volume of ammonia solution added
.......... ml
.......... ml
Ammonia in chloroform layer
....... Mmole
Free ammonia in water layer
....... Mmole
Total ammonia added
....... Mmole
Ammonia in complex
....... Mmole
Concentration of copper solution
Mmole of copper in 5 ml of copper solution

.......... M
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Name
Molar ratio, NH /Cu, in complex
3
Formula of complex
2+

Stability constant, assuming formula Cu(NH )
34
Calculations:

QUESTIONS
1. In calculating the CB/Cw ratios we have neglected the ionisation
of acetic acid in water. This could be taken into account by multiplying
Cw by (1 -a). Given that Ka = 1. 8 x 10-5 for acetic acid, calculate the
percentage error incurred in one of these ratios by neglecting the
ionisation.
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2. In an attempt to determine the degree of hydrolysis of aniline
hydrochloride according to the equation
+
__,..
+
+ H 0
C H NH + H 0 ~C H NH
6 5 3
2
6 5 2
3
'
15 g of the salt was shaken with 1000 ml of water and 100 ml of benzene
when 50 ml of the benzene layer was found to contain 0. 2360 g of aniline.
The partition coefficient of aniline between benzene and water is 11. 3 at
20°, the aniline being more soluble in benzene. Calculate the hydrolysis
constant for aniline hydrochloride at 20° and the pH of the hydrolysed
solution.

3. Would the benzene-water-acetic acid system act as an efficient
buffer for acids or alkalis added to the aqueous layer?

4. Would the experimental procedure of Section (b) be invalidated if
ammonia were very soluble in chloroform?

Exercise 53

THE SODIUM SULPHATE -WATER SYSTEM
This system contains several interesting examples of the phase relationships observed in two-component systems at physical equilibrium. These
relationships are subject to the Phase Rule, P + F = C + 2, which describes the interdependence of the number of phases, P (solid, liquid,
vapour), the number of degrees of freedom, F (temperature, pressure,
concentration) and the number of components, C (sodium sulphate, water);
notice that the hydrates of sodium sulphate are not regarded as separate
components in the sense of the Phase Rule because their compositions can
be expressed in terms of the basic constituents of the system.
Systems such as the present one are often studied in open vessels at
atmospheric pressure. Thus one degree of freedom is taken up and we
may apply the Phase Rule for condensed systems, P + F = C + 1; i.e. ,
the vapour phase is ignored in determining the values of the parameters P,
F, and C.
Because there exists a metastable heptahydrate of sodium sulphate as
well as the stable decahydrate, the temperature-composition diagram for
this system (Question 1) is in effect a composite of two diagrams. You
will find it helpful to answer Question 1 before starting the exercise.
The incongruent melting point, or transition point, of sodium decahydrate, which lies at 32.383° under one atmosphere is sharply defined and
readily reproducible and therefore is used as a fixed point for the calibration of thermometers . If the exercise were carried out in a closed
vessel under the vapour pressure of the system, this quadruple point four phases in equilibrium -would be found to occur at 32.4° and 30. 8
mm.
PROCEDURE
(a) Examination of thermometer. Obtain a 50° thermometer and
examine the inscriptions on it. Place it in a mixture of ice and water
and record the ice point indicated by the thermometer.
(b) The transition Na2S04- Na2so 4 .10H 20.
Take about 5 g of the
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decahydrate in a test tube containing a 50° thermometer. Place the tube
in a beaker of hot water until the temperature reaches about 40° . Stir
well but carefully with the thermometer. Stand the tube in an empty flask
and allow the temperature to fall below 31°. Seed the solution with a
small crystal of decahydrate, stir, and record the maximum temperature
attained during crystallisation. WARNING: if at any stage during this
exercise the thermometer becomes firmly embedded in a mass of crystals, do not attempt to withdraw it; warm the tube until the mass liquefies.
(c) The transition Na2so 4 - Na2so 4 .7H 2o. Reheat the tube in hot
water and allow the solution to cool to room temperature. Place the tube
in a bath at 150 and when the temperature falls below 17° stir carefully.
Record the maximum temperature attained during crystallisation. If
metastable equilibrium is achieved the temperature should remain constant at 24.20. Otherwise it will rise immediately to 32.4° and the decahydrate will crystallise. The addition of a seed of the decahydrate will
cause the heptahydrate to transform very rapidly to the stable phase.
Now add 1 ml of water to the crystals in the tube, warm, and then cool
to about 17° as before. Add 10 ml of cooled alcohol to the solution. The
heptahydrate should precipitate. Pour off the supernatant liquid and warm
the tube slowly. Observe the temperature arrest at 24. 2°.
(d) Lowering of the transition temperature . ·Weigh out about 5 g of
decahydrate and place it in a clean test tube. Add 0. 5 g of dextrose.
Heat to 40°, stir well and allow to cool to about 28°. Seed, stir, and
record the maximum temperature attained during crystallisation.
Weigh out a second 5 g sample of decahydrate and repeat the procedure
but adding 0. 5 g of sodium chloride in place of the dextrose.
(e) The eutectic Na2S04.lOH20 -Ice.
Weigh out about 10 g of ice.
Place in a large test tube and add about 1. 1 g of decahydrate. Stir well
and record the minimum temperature attained.
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Name ............................ Date ............ Mark ........ .
THE SODIUM SULPHATE -WATER SYSTEM
Recorded temperatures
(a) Ice point
(b) Transition temperature of decahydrate
(c) Transition temperature of heptahydrate
(d) Transition temperature with added dextrose
Transition temperature with added salt
(e) Eutectic temperature
Weighing details:

QUESTIONS
1. Temperature - Composition Diagram:

.......... 0 c
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(i)IdentifythepointsM, E, E', Q, Q', C, X, andY. Considering
the system as composed of condensed phases only, at atmospheric
pressure, list the phases present at each point and the number of degrees
of freedom, e.g., Q : Triple (transition) point; decahydrate, anhydrous,
solution; F = 0,
M
E

E'

Q'

c
X

y
(ii) Consider carefully the application of the Phase Rule to the mixture represented by K.

2. Under normal conditions the decahydrate effloresces when open
to the atmosphere. Explain.

The dissociation pressure of the decahydrate at 25° is 19.0 mm.
Calculate the minimum relative humidity of the atmosphere necessary to
prevent efflorescence.

3. Discuss the reasons why your thermometer may not have read
32. 4° at the decahydrate transition point.
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Name ............................ .
4. Arrange in order of increasing magnitude the vapour pressures at
25° of the decahydrate, the heptahydrate, and a saturated solution of
sodium sulphate.

5. Why did the addition of dextrose lower the decahydrate transition
temperature ?

Why was the lowering greater when sodium chloride was added?

What would be the nature of the solid that separates from these
systems below the eutectic E?

6. What would have been observed on cooling if some decahydrate had
been warmed to 40° and sufficient water added to dissolve all the anhydrous salt?

7. Explain how a eutectic mixture of ice and sodium chloride (-22.4°
at 23% of salt) can be used to maintain a constant temperature.

What happens to the volume of the solution in equilibrium with the
eutectic if the water vapour above the solution is pumped off?

Exercise 55

RATE OF DECOMPOSITION OF HYDROGEN PEROXIDE
The decomposition of hydrogen peroxide is a first-order process, i.e. ,
the concentration £ will change according to the differential equation
-dc/dt = kc, where 1£ is the rate constant with units of reciprocal time.
Integration of this equation yields ln (co let> = kt, where c 0 is the initial
concentration and Ct is the concentration at time L· Thus a plot of log
(c 0 /ct) against tshould be a straight line, with slope= k/2.303.
One way ol' checkffig a-set of kinetic data to see whether they relate to
a first-order process, without going to the trouble of plotting them out,
is to calculate the fractional change in concentration, c 1 /cz, for several
equal time intervals, t2 -t 1 . It is clear from the equation that these
should be equal. One such time interval commonly used is the half-time,
i.e. , the time required for the concentration to be reduced to a half of its
initial value. Here c1/c2 = 2, so that kt = 2.303log 2 = 0.693. The
half -life is often used to characterise radioactive species, which decay
according to the first-order law.
The rate of decomposition of hydrogen peroxide is normally small,
but it is increased in the presence of heterogeneous catalysts such as
finely-divided platinum and manganese dioxide. Decomposition can also
be accelerated by homogeneous catalysts such as enzymes (blood catalase
and amylase) and certain ions (ferric, manganous, and bromide).
Hydrogen peroxide can be either oxidised or reduced in acid solution
0

2

+

2H

+

+

2 2

2e~H o

E0
E

0

=

0.69volt

=

1. 76 volt

and should therefore be unstable to disproportionation in the same way
as Cu(I)
0
E = 1. 07 volt
However, there exists a considerable energy barrier to this reaction
and hydrogen peroxide is relatively stable. Homogeneous catalysts

55.2
obviate the need for crossing this barrier by providing an alternative
mechanism for decomposition and function because the reduction potentials of the appropriate couples
3+
2+
0
Fe
+ 2 e .;;::::::-Fe
E = 0. 77 volt
+
2+
0
Mn0 + 4H + 2e,. "Mn
+ 2H 0 E = 1.23volt
2
2
Br

+ 2 e ;;;::::::2 Br

0

= 1. 07 volt
2
lie intermediate between the potentials for the oxidation and reduction of
hydrogen peroxide. Thus we have the possibility of reactions such as
2+
+
o
H 0 + Mn MnO + 2 H
E = 0. 53 volt
2 2
...-2

and

Mn0

2

+ 2H

+

__,.,

+ H 0 .,_ Mn
2 2

2+

E

+

2H 0 + 0
2
2

0

E = 0.54 volt

with the net reaction
2 H 0 -l> 2 H 0 + 0
2
2 2
2
The decomposition can be retarded - negative catalysis - by the
addition of dilute mineral acids, ether, and glycerol. These inhibitors
act by 'poisoning' the surfaces of dust particles, which act as catalytic
centres, and commercial peroxide usually contains one of these retardants.
1
In this experiment, ferric ions at a concentration of 20 mmollitre are used as the catalyst. The addition of copper ions, themselves
having negligible catalytic activity, at a concentration of only 1 mmol
litre-1, produces a marked increase in the reaction rate. The copper
ions are said to promote the ferric-ion catalyst.
PROCEDURE
Dilute 25 ml of 'ten-volume peroxide' solution to 200 ml in an
Erlenmeyer flask. Place the flask in a large dish of water, the temperature of which should be maintained as close as possible to some
agreed value, say 20 or 25°. When the solution has attained the temperature of the bath, add 10 ml of the ferric catalyst solution, and
immediately withdraw two 10 ml samples for titration. Begin timing
the reaction from just before the withdrawal of the second sample.
Transfer these samples to titration flasks containing 10 ml of 2N
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sulphuric which, besides providing an acid medium for the titration,
should also effectively quench the decomposition reaction. Titrate as
quickly as possible with 0. 02Mpermanganate to obtain T 0 , the titre at zero
time.
After about ten minutes, withdraw another 10 ml sample, record the
time and titrate as before. Continue titrating 10 ml samples at intervals
of about ten minutes for the remainder of the session, noting the time in
each case. You should try to follow the reaction for at least one hour.
Plot log (T0 /Tt) against the elapsed time and estimate the value of~
from the slope.
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RATE OF DECOMPOSITION OF HYDROGEN PEROXIDE

Time
Clock

Elapsed

Titre
Tt, ml

0 min
0

Slope of plot = ........................................... = k/2. 303
Rate constant, k = .•.•...••..•.......... min

-1

Calculations:

Place 10 ml of ten-volume hydrogen peroxide in a clean 100 ml
measuring cylinder. Add 2 ml of concentrated detergent solution and
mix gently. Now add about 1 g of manganese dioxide. Estimate from
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the height of the foam how much oxygen is evolved.

QUESTIONS
1. What is meant by ten -volume hydrogen peroxide?

Assuming that the density of the solution is 1 g ml-1,
calculate the weight, volume, .and the molar concentration of the peroxide
solution.

2. What is the half -time of the reaction?

3. Why is it unnecessary to convert the titres obtained into molar
concentrations of hydrogen peroxide before plotting the graph? Is it
necessary to know the precise concentration of the permanganate
solution?
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Name
4. Write an equation for the reaction of permanganate with peroxide.
Which substance is the oxidising and which the reducing agent?

5. What change in the slope of the plot would be observed if
(i) the initial concentration of peroxide were higher

(ii) more catalyst were used

(iii) the reaction were carried out at 0° ?

Exercise 63

POTENTIOMETRIC TITRA TIONS
The Nernst equation
E = E

0

-

RT
-log
nF

[reduced form]
[ oxidised form]

shows that the potential of an electrode or half-cell varies as the relative
concentrations of the oxidised and reduced forms in the solution vary (see
Exercise 73). If such an electrode is coupled with a reference electrode
whose potential remains constant throughout, then the titration of one of
the species in the half-cell will cause the emf of the couple to vary with
the extent of the titration. Measurement of this change in emf leads to a
convenient and accurate method for determining the end-points of
titrations.
A glass and a calomel electrode form the couple commonly used in
acid -base titrations. The glass electrode is essentially a glass tube
terminating in a thin-walled bulb and containing a silver-silver chloride
electrode in dilute hydrochloric acid. The potential difference between
the test solution and the glass electrode is a linear function of the pH of
the solution.
H
E = constant - RT
nF P
No standard electrode potential can be cited for the glass electrode as
it varies with the construction. The potential of the glass -calomel pair
must therefore be standardised by means of a buffer of known pH. The
variation in potential during the course of titration is measured against
t he reference calomel electrode which consists of a tube containing a
paste of mercury and mercuric chloride (calomel) in a potassium chloride
solution; electrical contact with the titration solution is made through a
fine fibre or a sintered glass disc.
The elegtrical resistance across the bulk of the glass electrode is
high (Q.· 10 ohms) and the emf of the couple is amplified before being
measured. The pH meter amplifies this signal which is read on a scale
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directly calibrated in pH units.
As an acid-base titration approaches the end-point the concentration of
hydrogen or hydroxyl ions becomes very small, and continued small
additions of titrant cause increasingly large changes in the pH of the solution. Consequently the pH rises most steeply at the end-point, and a plot
of pH versus ml of titrant added enables the end-point to be determined.
In redox systems many electrodes consist of an inert metallic conductor such as platinum in contact with the oxidised and reduced forms of a
material. Thus a platinum electrode in a solution of either a reduced or
oxidised form of a material will form a half-cell as soon as the first drop
of titrant is added. The glass electrode is suitable as a reference electrode in redox titrations. pH meters generally have a scale marked in
millivolts and are used to follow the change in potential of the couple as
the titration proceeds.
In Section (b) of this exercise you will be titrating a sample of ferrous
ions with a standard dichromate solution using the platinum-glass electrode system. Up to the end-point the meter measures tb,e emf of the (Pt),
Fe2+ /Fe3+ -glass electrode system; beyond the end-point all the ferrous
ions are consumed, and chromic ions have been produced in their place;
the meter then measures the emf of the (Pt), er 2 o~- /Cr 3+ -glass electrode system. The end-point is characterised by a jump in potential
corresponding to this change from one system to the other. Plotting emf
against ml of titrant added enables the end-point to be found.
PROCEDURE
(a) Acid -base titration curves. In this section you will be preparing
titration curves for the systems strong acid-strong base, strong acidweak base, weak acid-strong base, and weak acid-weak base, by plotting
the pH measured after successive additions of titrant versus the volume
of titrant added. At the same time record the colour changes in an indicator suited to each particular system.
The strong acid and base may be taken as completely dissociated into
ions, but the dissociation constants of the weak acid and base are to be
calculated from the experimental observations. This may be done in two
ways
(i) Record the pH of the 0. 1 M solution of each and combine these with
the concentrations at the equivalence-points determined by titration; and
(ii) Use the relationship pH = pK when half the equivalent amount of
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titrant has been added to read off pK from the graph of pH versus ml of
titrant.
For each titration, choose a suitable indicator from those provided.
The end-point for titrations such as these carried out without using a pH
meter is a matter of subjective observation and may differ slightly from
the equivalence-point; in general, both of these may be appreciably different from the neutral-point.
The instruments will have been standardised against a buffer solution
before the session commences and should hold this standardisation
throughout the session. There should therefore be no need to adjust any
control, except to switch from CHECK to pH when the meter is being used.
The electrode assembly is FRAGILE and must be treated with utmost care.
When a series of measurements is complete, return the meter to the
CHECK position, lift the electrodes from the solution and rinse them thoroughly with a jet of water from a washbottle; it is not necessary for the
present purpose to dry the electrodes. Store the electrodes in deionised
water or buffer when not in use; they must not be allowed to dry out.
In the following titrations assume that the original concentration of all
the reagents is 0. 5 M and, using the determined values for the dissociation constants of the weak acid and base, calculate from the theoretical
relations the pH of each titration mixture initially, at the equivalencepoint, and after 5 ml of excess titrant has been added.
(i) Strong acid -strong base. Place 20 ml of 0. 5 M hydrochloric acid
in a 250 ml beaker and add 80 ml of water, followed by a few drops of a
suitable indicator. Lower the electrodes into the solution and record the
pH. Add 2 ml of 0. 5 M sodium hydroxide from a burette, stir well with
a glass rod (KEEP CLEAR OF ELECTRODES) and again read the pH.
The successive volumes of titrant added need not be equal, but may be
varied in accordance with the rate of change of pH. Where the pH is
changing rapidly, the increments of titrant should be small, although, in
this particular titration the break in the curve is so sharp that you will
probably overshoot it. Carry the titration at least 5 ml past the endpoint.
Record all results in the tabulations provided, noting as you proceed
any significant changes in the indicator colour.
(ii) Weak acid -strong base. Repeat the procedure using 0. 5 M acetic
acid instead of hydrochloric acid.
(iii) Strong acid-weak base. Pipette 20 ml of the ammonia solution
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into a 250 ml beaker and dilute with 80 ml of water. Add a few drops of
a suitable indicator and titrate with the 0. 5 M hydrochloric acid as before.
(iv) Weak acid-weak base. Repeat the procedure in (iii) but titrate
the ammonia with the 0. 5 M acetic acid solution instead of the hydrochloric acid.
(b) Redox titration. Place 20 ml of 0. 1 M solution of ferrous sulphate
in a 250 ml beaker and add 80 ml of water and 5 ml of 2 M sulphuric acid.
Replace the calomel electrode with the platinum electrode provided.
Switch the instrument to CHECK and lower the electrode system carefully
into the ferrous solution. Ask your demonstrator to adjust the instrument
to a suitable reading on the millivolt scale. Switch the instrument to the
0-14 pH setting and titrate the ferrous solution with the 0. 02 M dichromate
solution, adding 2 ml quantities of the titrant and then recording the millivolt reading after stirring the mixture. The successive volumes of
titrant added need not be equal, but should be varied to suit the rate of
change of meter reading (see Section a (i)). Record your results and
plot meter reading y_ the volume of titrant added. Determine the endpoint for the titration. Carry out a duplicate titration and note the
reproducibility of the method.
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Name ............................ Date ........... Mark ......... .
POTENTIOMETRIC TITRATIONS
(a) Acid -base titrations
(i) HCl/NaOH

(ii) CH 3COOH/NaOH

Indicator . . . . . . . . . . . . . . . . . . . . . . . Indicator ........................ .
Volume NaOH
added, ml

pH

Indicator
change

Volume NaOH
added, ml

pH

Indicator
change
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(iii) HC1/NH 3

(iv) CH COOH/NH 3

3

Indicator . . . . . . . . . . . . . . . . . . . . . . .
Volume HCl
added, ml

pH

Indicator
change

Indicator ....................... .
Volume CH 3COOH
added, ml

. . . . . .. . . . . . .

pH

Indicator
change

.. .. . .. . ...... .
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Name ............................ .
Calculation of concentrations and dissociation constants
Concentration of HCl (provided)

.............. M

Equivalence-point for NaOH Y. HCl

.............. ml

Concentration of NaOH

.............. M

Equivalence-point for CH COOH Y. NaOH
3
Concentration of CH 3 COOH

.............. ml

Equivalence-point for NH 3 Y. HCl
Concentration of NH 3

.............. M

.............. ml
.............. M

Equivalence-point for NH Y. CH COOH

.............. ml

Concentration of NH

.............. M

3

3

3

pH of diluted (0.1 M approx.) CH COOH
3

pKa by method (i) above
pKa by method (ii) above
pH of diluted (0. 1 M approx.) NH

3

pKb by method (i) above
pKb by method (ii) above
Calculation of titration curves
System HCl/NaOH
(i) Initial pH
(ii) pH at equivalence -point
(iii) pH after 25 ml of NaOH added
System CH 3 COOH/Na0H
(i) Initial pH
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(ii) pH at equivalence -point
(iii) pH after 25 ml of NaOH added
System NH/HCl
(i) Initial pH
(ii) pH at equivalence-point
(iii) pH after 25 ml of HCl added
System NH3/CH3COOH
(i) Initial pH
(ii) pH at equivalence-point

(iii) pH after 25 ml of CH 3COOH added
(b) Redox titration

Volume K 2cr 2o7
added, ml

Meter reading,
millivolt

..............

Volume K 2er 2o 7
added, ml

Meter reading
millivolt
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Name

Volume K 2C r 20 7
added, ml
••••••••••

!

Meter reading,
millivolt

Volume K2cr2o 7
added, ml

Meter reading,
millivolt

••••

Concentration of dichromate solution
Titres

............... M

............ ml

Accepted titre

............... ml

Concentration of ferrous solution

............... M

QUESTIONS
1. (i) What percentage error
would have resulted in the standardisation of acetic acid against sodium hydroxide if the neutral-point had
been taken as the end-point, instead of the equivalence-point?
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(ii) What would have been the determined concentration of acetic acid

if the methyl red end-point had been taken?

2. The dissociation constants for the tribasic acid, orthophosphoric
acid, are K1 = 7 x 10-3, K2 = 6 x 10-8 and K3 = 4 x l0-13. What indicators would you select for titration with strong base to the first and
second equivalence-points?

3. The acid dissociation of the amino acid glycine may formally be

represented as
+H 3NCH 2COOH + H20 ~+H 3 NCH 2 Coo- + H o+
3
and

pK 1

=

2.3

pK 2

=

9.7

Calculate the pH of the isoelectric point, at which the concentrations
of the positive and negative ions are equal ( and small) and the substance
exists mainly in its zwitterion form, +H 3 NCH 2COO-.

4. Explain the indicator action of phenolphthalein in terms of its
molecular structure. If the phenolphthalein is added to sodium hydroxide
of sufficient concentration, say 2 M, it immediately turns pink, but the
colour slowly fades on standing. Explain.
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Name

.............................

5. An unknown student takes an unknown weight of an unknown weak
acid, dissolves it in an unknown amount of water and titrates it with a
strong base of unknown concentration. After 10.00 ml of base has been
added, the pH concentration of hydrogen ion in the solution is 1. 0 x 10-5
M. He continues the titration and estimates from the titration curve that
22.22 ml of base are required to reach the first equivalence-point.
Calculate the first dissociation constant of the acid.

6. Why is it unnecessary to standardise the millivolt reading before
carrying out the ferrous -dichromate titration?

If the readings obtained during this titration were in fact the actual
potentials of the electrode system, show how you could obtain the standard electrode potential for the Fe3+ /Fe2+ system from your titration
curve and a known value for the potential of the glass electrode.

7. In some redox titrations the glass electrode would not be suitable
as a reference. Why?

Why can it be used in this particular case?

Exercise 64

ACID-BASE BUFFER SOLUTIONS
As described by Le Chatelier's Principle all systems in equilibrium are
in general terms buffered in that a given addition of one of the components
of the equilibrium produces a rather smaller change in the concentration
of that component. In practice, however, the term buffer solution is
applied specifically to solutions that resist marked changes in hydrogen
ion concentration despite the addition of strong acid or base. In this
restricted sense a solution containing an acid and its conjugate base in
concentrations of the same order of magnitude is a buffer solution. The
usual equilibrium considerations apply; if, for example, hydrogen ions
are added they react with the base to produce the conjugate acid; similarly, added hydroxyl ions react with the acid to produce the conjugate
base, and in each case the pH is relatively unaffected.
If the general buffer solution of a weak acid and one of its alkalimetal salts is considered, it can be shown that
+ l
[salt]
H = pK
P
a
og [acid]
while for a weak base and one of its salts the relationship is
[salt]
pH = pKw - p~ -log [acid]
where pKw - pKb = pKa for the base.
In these equations both the salt and acid concentrations may be taken
as those used in making up the solution; these approximations are valid
only in the pH range 4 to 10. Outside this range these concentrations
would have to be calculated from the appropriate equilibrium constants.
The buffer capacity of a solution may be regarded as the amount of
strong acid or alkali required to change the pH by a given amount. The
larger this quantity the better the buffer. The buffer capacity is at a
maximum when the concentrations of acid and salt are equal.
In this exercise you will study the behaviour of acid -base buffers with
the aid of the colour changes of indicators. Indicators are weak acids or
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bases, and within the working range both the acid form, Ina, and the base
form, lnb, are present in varying amounts according to the relationship
[Ina I
1og - In
[Inb]
The working range, i.e., the range over which the indicator appears to
change colour, is approximately two pH units, from pH = pKJn + 1 to
pKin - 1. The value of pKin is determined from the pH of the solution
in which the concentrations of Ina and Inb are equal.
Citric acid, CHzCOOH- COH.COOH- CHzCOOH (MW = 210), is a
tribasic acid with dissociation constants of K1 =8. 4 x lo-4, K2 = 1. 8 x
l0-5, and K3 = 4. 0 x 10-6. Because these constants are so close
together it is possible to prepare a sequence of overlapping buffers involving consecutively the species citric acid (H3Cit), NaHzCit, Na2HCit
and Na 3Cit. This is not possible in the case of phosphoric acid, for
which the dissociation constants are widely separated (7 x 1o-3, 6 x 10-8,
and 4 x lo-13).
pH

= pK

-

PROCEDURE
(a) Determination of the indicator constant. Choose one acid -base
indicator from the following
thymol blue
red
1. 2 - 2. 8 yellow
methyl orange
red
3. 1 - 4. 4 yellow
bromocresol green
yellow
3. 8 - 5. 4 blue
methyl red
red
4. 2 - 5. 4 yellow
and, by mixing appropriate volumes of the sodium citrate solution (containing 21. 0 g of citric acid in 1 litre of 0. 2 M sodium hydroxide) with
either 0.1 M hydrochloric acid or sodium hydroxide according to the
table below, prepare a series of buffer solutions, A, B, ... which
straddle the working range of the indicator. Add 1 ml of the indicator
to each solution.
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Citric Acid - Citrate Buffers
Volume
0.1 M HCl
9.0 ml
8.0
7.0
6.67
6.0
5.5
5.25
5.0
4.5
4.0
3.0
2.0
1.0
0.5

Volume
citrate
1.0 ml
2.0
3.0
3.33
4.0
4.5
4. 75
5.0
5.5
6.0
7.0
8.0
9.0
9.5

pH
1.17
1.42
1. 93
2.27
2.97
3.36
3.53
3.69
3.95
4.16
4.45
4.65
4.83
4.89

Volume
0.1 M NaOH
0.0 ml
0.5
1.0
2.0
3.0
4.0
4.5
4.75

Volume
citrate
lO.Oml
9.5
9.0
8.0
7.0
6.0
5.0
5.25

pH
4.96
5.02
5.11
5.31
5.57
5.98
6.34
6.69

Also prepare solutions X and Y by adding 0. 5 ml of indicator to 10 ml
of 0. 1 M acid and alkali respectively.
Place tube X in front of Y and observe the resultant colour against a
light background; this is the colour shown by the indicator when equal
amounts of the acid and base forms are present. Compare this colour
with that shown by A, B, ... and choose the best match. Hence determine pKin'
(b) Determination of degree of hydrolysis and dissociation constant.

Prepare a series of citrate buffers in the range 4.96-5.57 and add 0.5 ml
of methyl red to each. Add the same amount of indicator to 10 ml of
ammonium chloride solution and cork the tube. The ammonium chloride
solution contains 5. 352 g of salt dissolved in distilled water free from
carbon dioxide.
Match the colour of the salt solution with the indicator solutions,
interpolating if necessary. Calculate (i) the degree of hydrolysis of the
ammonium ion and (ii) Ka and Kb for the acid NH~ and its conjugate base
NH3.
(c) Construction of a buffer solution.

From the concentrations of the
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solutions of disodium hydrogen phosphate and sodium dihydrogen phosphate provided, calculate what volumes of these solutions must be mixed
to give 20 ml of buffer solution at pH 6. 8. The second dissociation
constant of phosphoric acid is 6. 2 x 10-8; pKa = 7. 21. Prepare the
buffer and add a little bromothymol blue indicator (yellow 6. 0 - 7. 6 blue).
Check the pH of the mixture on the meter. Divide the solution into equal
parts and determine its buffering capacity towards acid and base as before.
(d) Determination of buffer capacity.
following five buffer solutions

A'

B'

Use two burettes to make up the

C'

D'

E'

0. 5M acetic acid, ml
5
18
15
10
2
0. 5 M sodium acetate, ml
2
5
10
15
18
In addition take 20 ml of 0. 25 M ammonium acetate and call it solution F'.
Measure the pH of each of these solutions on the pH meter and use a
burette to find
(i) the volume of 0. 5 M hydrochloric acid solution necessary to change
the pH of 10 ml of each solution by 1 pH unit;
(ii) the volume of 0. 5 M sodium hydroxide necessary to change the pH
of 10 ml of each solution by 1 pH unit.
Record and comment upon your results.
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Name ............................ Date ............ Mark ........ .
ACID-BASE BUFFER SOLUTIONS

(a) Indicator constant and buffer capacity
Indicator chosen
Working range
pH of matching buffer
pKin
(b) Hydrolysis and dissociation constants

Estimated pH of ammonium chloride solution
Degree of hydrolysis of ammonium ion. (o.)
Ka for ammonium ion
Kb for ammonia
Calculations:

(c) Design of buffer
Calculations:
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Volume of NaH PO ( .............. M) required
2 4
Volume of Na 2HP0 4 ( .......•...... M) required

............. ml
............. ml

pH from meter
Volume of 0.1 M acid used to overcome buffering
action

............. ml

Volume of 0.1 M base used to overcome buffering
action

............. ml

(d) Determination of buffer capacity
Solution

pH

Volume HCl
required, ml

A'
B'
C'
D'
E'
F'
Comments:

'' •'' I''''''

Volume NaOH
required, ml
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Name
QUESTIONS
1. Is a 0.1 M solution of ammonium acetate an efficient buffer?
Would you expect it to have a buffer capacity as great as a mixture of 0. 1
M sodium acetate and 0. 1 M acetic acid?

2. Given that pKin = 7. 0 for bromothymol blue, calculate for Part 3
of the exercise
(i) the proportion of the indicator in the acid form at pH = 6. 8

(ii) the volumes of 0. 1 M acid and alkali reqt,~ired to adjust the pH of
the buffer to the formal limits of buffer capacity, i.e. , pKa :!:. 1.
Compare these volumes with those observed.

3. A solution is 0. 04 M in H2co 3 , for which K1 = 4. 2 x 10-7 and K2
4. 8 x 10-11. Sufficient sodium hydroxide is added stepwise to the
solution to raise the pH successively to 5, 7, 9, and 11. Calculate for
=
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each pH the fraction of total carbonate material present as H co 3 ,
2
HC03 and CO~- and sketch a plot of each of these fractions against pH.
pH

Fraction as

H Co
2 3
5
7
9

11

••

0

•••

co23 -

0

.......
••••

0

••

.......

4. Can you explain why the successive dissociation constants should
be very much closer for citric acid than they are for phosphoric acid?
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Name
5. Why, in general, is pKJn not exactly in the centre of the pH working
range?

Exercise 71

ELECTROLYTIC CONDUCTANCE
Solutions of electrolytes conduct an electric current and obey Ohm's Law.
The current conducted by a solution depends among other things upon the
number of ions present, and from this aspect weak electrolytes conduct
electricity less ably than strong electrolytes.
Where solutions are sufficiently dilute all forces of attraction between
ions become negligible and the ions are free to move and conduct electricity independently. Kohlrausch suggested that the equivalent conduct!ill2£ of any electrolyte is made up of two independent conductances, one
characteristic of each ionic species, e.g. ,
ANa

ANaCl
AHCl

=

AH

+

+

+

ACl

+

A Cl

This suggestion has been thoroughly investigated and is supported by a
vast amount of experimental evidence; some values for equivalent ionic
conductances at infinite dilution are .listed below. The high values for
hydrogen ions and hydroxyl ions should be noted.

Cation
H+
+
K
NH+
4
Ag+
Na +
2
1
:aBa +

ION CONDUCTANCES AT INFINITE DILUTION AT 25°
-1
2
-1
A+ohms em 2
Anion
em
A ohms

349.82

OH

198.5

73.52

Br

78.4

73.4

I

76.8

61.9

Cl

76.3

50.1

N03

71.4

63 · 6

HCO-3

44 · 5

~Mg2+
53.1
~so~79.8
I
Note that these are actually equivalent conductances and symbols such

71.2

as iMg2+ are used to stress this point.
Throughout this exercise the current flowing through the cell is used
as a measure of the conductance of the solution (see Question 7).
In the first part of this exercise you will compare the conductances of
hydrogen and hydroxyl ions with those of other ions, this comparison being
relevant to Section (b). In addition you will examine the apparent degree
of ionisation of electrolytes as reflected by their conductances which are
proportional to the populations of ions present.
The titrations carried out in Section (b) illustrate that conductance
measuremen1scan be applied to determinations of end-points for various
titrations; e.g., in Section (b)(i) the essential reaction is
+ OH ~ H 0
2
The addition of hydrochloric acid to sodium hydroxide results in the
removal of hydroxyl ions by hydrogen ions up to the end-point, and their
replacement by chloride ions which have a much lower conductance. The
total conductancelof the solution thus falls until the end-point is reached;
beyond the end-point an excess of hydrogen and chloride ions is added and
the observed conductance should increase.
The end -point for the titration is obtained by plotting the volume of
hydrochloric acid added versus the conductance, and finding the point
where the two· straight lines intersect.
Detailed analyses of this type should enable you to predict the shapes
of the graphs you should obtain in Sections (b)(i) and (b) (ii).
H+

PROCEDURE
(a) Comparative conductance measurements. You are provided with
a conductance cell, a 24 volt AC power supply, and a milliameter. The
electrical circuit for the system is shown on the face of the power pack.
WARNING: do not short-circuit the conductance cell as this will blow the
rectifier on the meter.
Plug in the cell and immerse it in the test solution, making sure that
the electrodes are covered. Switch on the power supply and measure the
conductance of the solution in terms of the current in milliamps which
flows through the electrolyte. In this manner make comparative
measurements of the conductances of the solutions listed in the results
sheet. Wash the cell thoroughly with water before immersing in each
test solution.
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Record your measurements on the results sheet and explain your observations.
(b) Conductance titrations
(i) Standardisation of sodium hydroxide against hydrochloric acid.
Pipette 25 ml of the sodium hydroxide solution into a 400 ml beaker and
dilute it to about 200 ml with deionised water. Connect the conductance
cell to the AC supply and immerse in the sodium hydroxide solution,
making sure that the electrodes are covered. Switch on the power supply.
Fill the burette with the 0. 01 M standard solution of hydrochloric acid
and add the acid to the hydroxide solution, taking those readings required
to complete the results sheet. It is suggested that the titrant be added in
5 ml aliquots in all titrations.
In these titrations it is necessary to stir the solution after each
addition of acid; carefully lift the conductance cell from the solution and
make sure that the cell is held vertically above the beaker while stirring
so that no droplets of solution are lost.
Plot the current in· milliamps flowing through the cell against the
volume of acid added and determine the end-point for the titration. Calculate the molarity of the sodium hydroxide solution.
(ii) Titration of ammonia solution with hydrochloric acid.
Pipette
25 ml of the ammonia solution into a 400 ml beaker and dilute the solution
to about 200 ml with deionised water. Set up the conductance cell, making sure that the electrodes are covered, and switch on the power supply.
Place the hydrochloric acid solution in the burette and carry out the
titration taking those readings recommended in the results sheet.
Plot the milliamp reading against volume of acid added and determine the end -point graphically. Calculate the molarity of the ammonia
solution.
(iii) Titration of magnesium sulphate with barium hydroxide solution.
Pipette 25 ml of the 0. 01 M barium hydroxide solution into a 400 ml
beaker and dilute to about 200 ml with deionised water. Set up the conductance cell and titrate the solution with 0. 01 M magnesium sulphate
taking such readings as are recommended in the results sheet. Obtain
the end -point for the titration graphically and calculate the molarity of
the barium hydroxide solution.
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Name ............................ Date ............ Mark ......... .
CONDUCTANCE TITRATIONS
(a) Comparative conductance measurements
Solution

Conductance (in terms of current)

deionised water

............ mamp

0. 01 M hydrochloric acid

............ mamp

0. 01 M sodium hydroxide

............ mamp

0. 01 M sodium chloride

............ mamp

Interpretation:

0. 1 M acetic acid

............ mamp

0. 01 M acetic acid

............ mamp

0. 001 M acetic acid

............ mamp

Interpretation:

0. 01 M acetic acid

............ mamp

0.01 M ammonia solution

............ mamp

A mixture of equal volumes of acetic acid
and ammonia solutions

. . . . . . . . . . . . m amp

Interpretation:
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(b) Conductance titrations

(i) Standardisation of sodium hydroxide
Concentration of hydrochloric acid

.............. M

Volume of sodium hydroxide taken

.............. ml

Burette reading

Volume HCl added
0

Current passing
mamp

ml

...........• (5)
............ (10)

......••.... (15)
............ (20)
........••.. (25)

............ (30)
............ (35)
............ (40)

End -point from graph

ml

Concentration of sodium hydroxide . . . . . . . . . . . . M
(ii) Titration of ammonia

Volume of ammonia solution taken ............ ml
Burette reading

Volume HCl added
0

ml

............ (5)
............ (10)

............ (15)
............ (20)
...•...•.... (25)

Current passing
mamp
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Burette reading

Volume HCl added

Current passing

•.••.•......•. (30)

.............. (35)
.............. (40)

End -point from graph

............ ml

Concentration of ammonia solution,

............ M

(iii) Titration of magnesium sulphate with barium hydroxide

Molarity of magnesium sulphate solution

............ M

Volume of barium hydroxide used

............ ml

Burette reading

Volume of MgS0 4 added
••••••• Q••.••• ml

Current passing
............ mamp

.•.•..•....... (5)
........•.•... (10)

.............. (15)
.•••••..•....• (20)
.•.•••.••..•.. (25)
..•.•.••.••..• (30)

.............. (35)
..••.......... (40)

End -point from graph

............ ml

Molarity of barium hydroxide

............ M
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QUESTIONS

1. Discuss the shapes of the conductance plots obtained for these
titrations.

2. Would you expect the slopes of the two straight lines in the plot of
the conductance titration of sodium hydroxide and hydrochloric acid to be
equal in magnitude?

3. Does the estimated conductance at the end -point of the titration in
(b)(iii) enable you to make any comment upon the completeness of the
precipitation?

4. Can you suggest why the ionic conductances of the hydrogen and
hydroxyl ions should be so much greater than those of other ions? Would
you expect the ionic conductances of the analogous ammonium and amide
ions in liquid ammonia to be much greater than those of other ions
(K ~ ( NH!J [ NHz] ~ 10 -33) ?
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Name ............................ .
5. The power supply used in this work is 50 cycle AC. Does the
frequency of cycling have any relevance to conductance measurements ?

6. By consulting the table of ionic conductances provided, decide
whether it would be possible to titrate a solution of copper sulphate
against calcium chloride .

7. Is it entirely justifiable to use the current passing as a measure of
the conductance of an electrolytic solution?

Exercise 72

ELECTROLYSIS
The work of Faraday showed that when an electric current of magnitude
I amps is passed through an electrolyte solution for a time !_ seconds,
the weight of substance 'lY grams liberated at the electrodes is propor•
tional to the quantity of electricity which passes
w ~ Zit
The proportionality constant Z is the electrochemical equivalent of the
liberated substance, and equals the chemical equivalent divided by 96,500
coulombs, a quantity of electricity known as the faraday. The faraday
is equivalent to one mole (6 x 1023) of electrons.
While it is possible to provide a closely-regulated current through a
solution for the measured time of the electrolysis, it is more convenient
to place a reference cell in series with the electrolysis being studied.
The weight of substance with a known electrochemical equivalent liberated in the reference cell is used to calculate the quantity of electricity
in coulombs flowing through the circuit; this quantity is then used in the
determination of the equivalent of the substance in the cell of interest.
The reference cell is known as a coulometer.
The positive electrode in the electrolysis is called the anode, and is
the electrode at which oxidation occurs; the negative electrode is the
cathode and is that at which reduction occurs. It is essential that the
reactions taking place at the electrodes be understood.
PROCEDURE
Clean the electrodes by immersing them to the level marked in dilute
nitric acid; rinse thoroughly with water and then with alcohol. Allow
them to dry in air and then weigh. Attach the electrodes to their respective contacts and suspend them in 0. 1 M copper sulphate solution in a
400 ml beaker.
Place about 300 ml of 0.1 M sulphuric acid in a second 400 ml beaker. Check that the tap of the burette does not leak, fill the burette with
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the 0. 1 M acid solution, and then carefully invert it into the beaker.
Clamp the burette in an upright position and allow some air to enter
through the tap until the meniscus is at the 50 ml mark. Insert the tip of
a platinum electrode into the open end of the burette.
Connect the two cells in series with the 10 volt source, making sure
that the electrode under the burette is tbe cathode. Before switching on
the power, ask your demonstrator to check the circuit.
Allow the electrolysis to proceed until you have collected between 40
and 50 ml of hydrogen or until within about half-an-hour of the end of the
session. Remove the copper electrodes, rinse in water then alcohol,
dry, and weigh. Record the volume of hydrogen collected at the prevailing temperature and pressure conditions. Correct tbe pressure for the
difference in levels inside and outside the burette (assume the density of
the acid to be unity) and for the vapour pressure of water at the laboratory temperature.
Calculate the chemical equivalent of copper.
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Name ............................ Date ............ Mark ........ .
ELECTROLYSIS
Cathode

Anode

Initial weight of electrodes

.......... g

Final weight of electrodes

.......... g

Weight change

.......... g

Weight of copper taken for calculations

.......... g

Volume of hydrogen, uncorrected
Experimental conditions

ml
............

0

C ......... mmHg

Difference in electrolyte levels

em

Correction for difference

mmHg

Saturated vapour pressure of water

mmHg

Corrected pressure of hydrogen

mmHg

Volume of hydrogen, corrected to STP

ml

Weight of hydrogen

.......... g

Electrochemical equivalent of hydrogen

g faraday-!

Quantity of electricity passed

coulomb

Electrochemical equivalent of copper

g faraday-l

Chemical equivalent of copper
QUESTIONS
1. Casual inspection of the stream of gas from the anode in the acid
cell during electrolysis would seem to indicate that more oxygen than
hydrogen is being liberated, whereas, of course, twice as much hydrogen
is generated. The explanation of this lies in the difference in bubble
size. Can you explain why the hydrogen bubbles should be so much
larger than those of oxygen? Would you expect to collect exactly twice
as much hydrogen as oxygen?
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2. Did the changes in weight of copper cathode and anode differ significantly? If so, why and which change is likely to be the more significant
for the purposes of the exercise?

3. Give two reasons why it is difficult to maintain a constant amperage
through an electrolysis cell.

Exercise 73

ELECTROCHEMICAL CELLS
In this exercise you will be measuring the electrochemical potentials of
combined redox systems. The redox systems are of two different types.
In the first type, an inert electrode, acting only as an electron transfer
agent, is immersed in a solution of an ionic species in two different oxidation states. The potential for the reduction reaction relative to that of
the hydrogen electrode, taken arbitrarily as zero, is quoted for certain
standard conditions as the standard electrode potential, Eo, for that reaction. For example, for the electrode Pt, Fe3+ /FeZ+, i.e., a platinum
electrode immersed in a solution containing both ferric and ferrous ions,
E 0 ~ + 0. 771 volt; again, for the system C, Br 2 (aq/Br-, E 0 ~ + 1. 09
volt.
In the second type of electrode, one of the two oxidation states of the
species involved is provided by the electrode itself, which then becomes
part of the electrochemical action as well as transferring electrons between the external circuit and the solution. Thus, for the system Fe2+ /
Fe 0 , an iron electrode immersed in a solution of ferrous ions, E 0 = -0. 44
volt.
Because the potentials depend not only on the nature of the species but
also on their concentrations, the standard electrode potentials are quoted
for the case where all reacting species are at unit activity (at 25°). The
activity of a species is equal to its molarity multiplied by a factor which
takes into account the non-ideality of the solution. It is often sufficient,
as in this exercise, to regard a one molar solution and a pure electrode
as each having unit activity.
The electrode potentials for concentrations other than one molar are
related to the standard potential by the Nernst equation
RT ln [products]
nF
[ reactants]
where g_ is the number of electrons transferred in the electrode reaction,
T is the absolute temperature, F represents a faraday of electricity
(96, 500 coulombs) and R = 8.3143 volt coulomb deg-1 mole- 1 . Substitut-
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ing these values for Rand F and converting to common logarithms, we
obtain, at 250
[products]
[reactants]

E ~ EO - 0.059log
n

Thus, for a copper electrode in copper ions, with the reduction
reaction cu2+ + 2 e~Cu0 , E 0 ~ + 0. 34 volt
E = 0. 34 -

_1_

0.0591

2

og

since [products]

=

lcu2+J
0
[ Cu ]

=

1.

Similarly, for the ferric - ferrous electrode, Fe3+
E 0 ~ +0. 771 volt.
2+
E = O 771 _ 0. 059 l
[Fe"' . ]
.

1

og ~

The physical quantity that can be measured is the cell potential, i.e. ,
the difference between the two electrode potentials. For the pair of
electrodes above,
[ cu2+] [ Fe2+] 2
59
E = 0.771-0.341og
[ Fe3+] 2

o.g

1

or

E

~

059
0. 7 71 - 0. 34 - O. 1 1og

[ cu2+] 2 [ Fe2+]
[ Fe3+]

Make sure that you understand how such expressions are derived.
Note that, for standard conditions, the cell potential is the difference between the standard electrode potentials, irrespective of the number of
electrons transferred in each reaction. A selection of standard electrode
potentials can be found in the Appendix.
Since the potential of an electrode depends on the concentration of the
ions in the solution it is clear that a potential difference will exist between
two identical electrodes immersed in solutions of different concentrations.
A combination of two such electrodes is called a concentration cell. Thus
for the system Ag+/Ag, Ag+ + e ..--Ag, E 0 ~ 0.80 volt, we have for the
two electrodes at different silver concentrations
E

1

~

0. 80 -

o. 059 1og
1

1
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and

E

=

2

0.80-

0

'~ 59 log

1

[Ag+]2

and for the potential of the concentration cell
E

=

E

2

- E

= 0. 059

1

1

+

log [ Ag ] 2
[ Ag+] 1

PROCEDURE
(a) The potentials of some metal - metal ion electrode combinations.
Prepare the metal electrodes as follows: zinc, cadmium, iron, lead, and
tin are cleaned by abrading with emery paper, using a fresh strip for
each metal to avoid contaminating one electrode with particles of another
metal; rinse. Copper is cleaned by dipping in dilute nitric acid and
rinsing. The silver electrode is prepared by placing an abraded graphite
rod in silver nitrate solution, when sufficient silver is reduced to form a
fine deposit on the surface.
Prepare first a Daniell cell by pouring 1 M zinc sulphate and 1 M
copper sulphate into the two arms of an H -cell; the solutions should be
added simultaneously to prevent diffusion across the sintered disc and
should fill the cross-tube to half its diameter ... Place ..zinc and copper
electrodes in the appropriate solutions. Set the external switch on the
pH meter to x 2, which means that the readings on the 0 - 800 millivolt
scale must be doubled; for other cells you will find it necessary to use
other positions of this external switch. With the selector knob on CHECK,
zero the needle with the SET BUFFER (0 - 14 pH) knob; if it will not
zero, consult your demonstrator. The input labelled GLASS is negative
and that labelled REFERENCE is positive. Connect the leads from these
terminals to your cell; watch the polarity.
In each case the polarities of the electrodes should be determined by
examination of the appropriate standard electrode potentials. Your determination may be confirmed by connecting wires from the electrodes to
a strip of filter paper soaked in saturated sodium nitrate solution to which
has been added a drop of phenolphthalein. There will be an increase in
the concentration of hydroxyl ions in the vicinity of the negative electrode
due to the reaction of the discharged sodium atoms with water and so the
negative electrode should produce a red spot at the point of contact with
the paper. Alternatively, universal indicator paper soaked in sodium
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nitrate may be used.
With the cell connected to the pH meter, switch from CHECK to 0 -14
2!!· If the needle swings offscale to either extremity, switch to CHECK
immediately and do not proceed further until you have found the fault.
Record the potential and compare it with the value calculated from the
standard electrode potentials.
For this particular cell you should test the effect on the potential of
changing the concentrations of the ions. Add concentrated sodium sulphide solution to the zinc solution. Stir well, note the change in reading
and record the maximum potential. Now add sodium sulphide to the
copper solution, stir, and record the minimum potential. Interpret your
observations. Clean the cell thoroughly, using nitric acid to dissolve the
copper sulphide. Rinse with water several times.
Measure the potentials of at least three other combinations of electrodes in 1 M solutions of their ions. Calculate the expected result first
and select the appropriate position of the external switch. Some suitable
combinations include: silver with lead, zinc, iron, and cadmium; copper
with iron, lead, tin, and cadmium; cadmium with iron, lead, and zinc.
Good results can only be obtained if care is taken to clean the electrodes
and to prevent contamination of the electrodes, cell, and solutions.
(b) Concentration cells and the identity of the mercurous ion. Clean
two silver wire electrodes. Add simultaneously to the arms of the Hcell 1M and 0.1 M silver nitrate solution respectively and insert the silver wire electrodes. Record the potential of the cell with the external
switch on DIRECT. Repeat using 0.01 and 0.001 M silver nitrate against
1M in each case. Return all silver solutions. to the Residues Bottle.
Rinse the cell thoroughly. Add sufficient mercury to each arm to
cover the bottom. Insert a platinum electrode into each pool of mercury.
Add 1M mercurous nitrate acidified with nitric acid to one arm and 0.1,
0.01, and 0.001 M mercurous nitrate successively to the other arm.
Rinse the cell between each measurement.
(c) Observations on some other redox systems. (i) Place two 150 ml
beakers side by side. To one add 50 ml of 10% potassium iodide solution,
50 ml of water, and 2 ml of starch solution. If the iodide has been
partially oxidised by the air, the starch will give a blue colouration; consult your demonstrator. To the other beaker add 40 ml of bromine water,
15 ml of 6 M hydrochloric acid, and 45 ml of water. Cover the second
beaker with dry filter paper to prevent the diffusion of bromine vapour
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from the first.
Fold an 11 em filter paper into a strip about half an inch wide, moisten it with 6 M hydrochloric acid and place one end in each of the two
solutions to form a bridge between the half -cells. Dip a clean carbon
rod into each solution and measm;e the emf of the cell. The reading immediately begins to fall; why? (hint: try working out the theoretical cell
potential).
Now short the electrodes using a piece of wire with alligator clips at
both ends. Allow to stand and observe what is happening. After it is
evident what is occurring, remove the short circuit and measure the potential over a few minutes. For this cell only, switch the pH meter to
CHECK and connect a 4 - 6 volt DC source to the cell, with the positive
lead of the source to the positive electrode (iodide solution) of the cell.
Note what happens on standing. Disconnect the DC source and remeasure
the potential; if the meter goes offscale, wait a few minutes. Explain
your observations.
(ii) Repeat the above procedure using the same bromine solution as before,
but with the second beaker containing a freshly prepared solution of 2 g of
ferrous ammonium sulphate in 100 ml of 0. 1 M sulphuric acid to which
has been added 2 ml of 1M potassium thiocyanate solution. As there
will almost certainly be a small concentration of ferric ion present, the
solution will turn pale pink, but this may be ignored if the colour is not
too intense. Measure the potential. Short the carbon electrodes as before and record your observations.
(iii) For the third combination, place 15 ml of 0. 5 M ferric chloride
solution, 15 ml of 2 M hydrochloric acid, and 70 ml of water in the first
beaker, and 15 ml of 0. 5 M stannous chloride (in hydrochloric acid) and
85 ml of water in the second. After measuring the potential and shorting
the cell for a few minutes, lift the carbon electrode from the first beaker
and allow a .drop of the solution to fall from the electrode onto a drop of
potassium ferrocyanide placed on a dry filter paper.
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Name ............................ Date ............ Mark ......... .
ELECTROCHEMICAL CELLS
(a) Potentials of some metal-metal ion electrode combinations
Daniell cell
Potential of Znll M zn2+ I I 1 M cu2+ ICu

volt

Calculated potential

volt

Maximum potential on formation of ZnS

volt

Concentration of zn2+ in sulphide solution
Minimum potential on formation of CuS

............ M

volt

Concentration of cu2+ in sulphide solution

............ M

Calculations and comments:

Other electrode combinations
Electrode combination
(-)metal/solnllsolnlmetal(+)

•••••••••••

0

•••

0

0

••••••••••••••

Measured
potential

Calculated
potential

........... volt
........... volt
. .......... volt

............ volt
............ volt
............ volt

........... volt

............ volt

........... volt

............ volt
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(b) Concentration cells and the identity of the mercurous ion

Concentration
cell

Potential against 1 M solution, volt
O.lM

O.OlM

O.OOlM

Silver: observed
calculated
Mercurous: observed
calculated
Calculations and comments:

(c) Observations on some other redox systems
(i) Bromine - iodide system:
Initial potential

volt

Observations on short circuit of cell and interpretation

Potential after short circuit ....... .

. ....... volt

Observations during application of impressed potential and interpretation
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Name

Final potential

........ volt

(ii) Bromine -ferrous system:
Initial potential

........ volt

Observations on short circuit of cell and interpretation

(iii) Ferric - stannous system:
Initial potential

........ volt

Observations on short circuit of cell and interpretation

QUESTIONS
1. The cells ZniO. 1 M Zn 2+ I IO. 1 M Cu2 +leu and Znl1 M Zn 2+ I I 1 M
cu2+ ICu have the same emf
but the cells Znl0.1 M zn2+ I 10.1 M Ag+l
Ag and Znll M zn2+I 11 M AgJ'Ag have a different emf. Calculate the
difference .
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2. Why is galvanised iron so much more resistant to atmospheric
corrosion than tinplate? Why is zinc not used for canning, since it is so
much cheaper? Would aluminium be a more suitable coating for cans?

3. Why does the potential of the bromine-iodide cell change rapidly
on measuring whereas the cells with metals in solutions of their ions give
stable potentials? Under what conditions would the former cell also give
a stable potential?

4. How can the hydrogen electrode be used to measure pH?

5. Calculate the standard electrode potential for a lead accumulator.

6. A student measures the following electrode potentials. (1) Fe/Zn
(2) Ag/Fe (3) Ag/Zn and finds that the first and third agree with calculated results but that the second one is too low. He thinks that the
iron electrode may have had a drop of copper chloride spilled on it before
he washed and used it. Could this explain the results?
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Name
7. Calculate the potentials of the following cells:
Col1 M Co 2+ I IO. 01 M Ni 2+/Ni
Colo. 01 M Co 2+Ill M Ni2+ /Ni

8. If Le Chatelier's principle is applied to the concentration cell, the
more concentrated solution will tend to become more dilute and the dilute
solution become more concentrated. Does this argument lead to a cell
with the experimentally found polarity?

9. The activity coefficient of a 0.1 M ZnS0 4 solution is 0.16. This
means it behaves as an ideal solution of concentration 0. 1 x 0. 16 =
0. 016M. Calculate the difference between the electrode potentials for
these two concentrations. The activity coefficient of 0. 1 M CuS0 4 is
also 0. 16. What will be the error in the measured cell potential of a
Daniell cell with decimolar solutions in neglecting the activity coefficients?

10. In the introductory section it is stated that 'for standard conditions
the cell potential is the difference between the standard electrode potentials, irrespective of the number of electrons transferred in each reaction'.
Explain why this is so.

Exercise 81

HEAT OF REACTION
The heat of reaction at constant pressure,~ H joule mole-1, can be
directly determined by measuring the change of temperature of the system
when the reaction is carried out under carefully controlled conditions in a
calorimeter. Since the various components of the calorimeter will absorb
some heat as well as the reaction system, it is necessary to determine the
heat capacity of the calorimeter by carrying out in it a process in which a
known amount of heat is liberated. This standard amount of heat may be
supplied in several ways, but chemically the usual source is the neutralisation reaction, H+(aq) + OH(aq) --;.H 20, for which ~ H = -(61160203t) joule mole-1, where t is the Celsius temperature.
When sulphuric acid is added to water, heat is produced by the
hydration of the ions formed from the acid. A number of distinct hydrates
can be recognised. If a calibration curve is prepared for a particular
calorimeter by adding fixed amounts of sulphuric acid of different concentrations to a given amount of water, this curve can then be used for the
routine determination of the concentration of the acid. This procedure is
used industrially for process control, particularly in the case of the
oleums. In preparing the curve, it is clearly unnecessary to know the
heat capacity of the calorimeter and since the curve that you will prepare
will be plotted from the combined results of your group, we must assume
that the heat capacities of the various calorimeters are equal.
PROCEDURE
(a) Heat of precipitation of silver chloride. The calorimeter consists
of a dewar flask fitted with a stopper, stirrer, and a -5 to 50°C thermometer, graduated in 0. 1°. Place 250 ml of standardised 0. 2 M
hydrochloric acid in the calorimeter and stir gently. Record the temperature at two-minute intervals, until it becomes constant to within 0. 05°.
Add quickly from a measuring cylinder, 50 ml of 1.1 M sodium hydroxide,
which should be as nearly as possible at the same temperature as the acid.
Stir and record the temperature every 30 sec. Plot the temperature
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against time and determine the temperature rise. Assuming that the
solution has a density of 1 g ml-1 and a heat capacity of 4. 2 ioule gm - 1 ,
calculate the heat capacity of the calorimeter.
Repeat the above procedure with 250 ml of standardised 0.1 M silver
nitrate and 50 ml of 0. 6 M sodium chloride. Place the silver chloride
suspension in the Silver Residues Bottle and rinse the calorimeter with a
little ammonia solution to remove the last traces of silver chloride. (See
H. L.Clever, J. Chern. Educ., 38, 470, .1961).
(b) Heat of dilution of sulphuric acid. Place 100 ml of water in the
calorimeter. When the temperature has become steady add the 10 ml of
sulphuric acid (between 50 and 97 per cent) assigned to you from a pipette
with the tip below the surface of the water.
CAUTION: Do not operate the pipette with your mouth.
Replace the stopper and thermometer in the dewar and record the temperature rise. Calculate the composition by weight of the original sample
from the data on the label, given that concentrated sulphuric acid has a
density of 1. 84 g ml-1 and contains 97% by weight of sulphuric acid.
Plot temperature rise against composition from the results of the group.
Obtain a sample of acid of unknown concentration from your demonstrator and determine the temperature rise as before. Read off from
the curve the composition of the sample. Transfer the diluted acid to a
500 ml flask and make up to the mark with water; if the temperature of
the acid is high, it would be advisable to add some crushed ice before
transferring it to the flask. Titrate 25 ml of the acid in the flask with
standard 0. 5 M sodium hydroxide and compare the molar concentration so
obtained with the composition by weight determined by calorimetry; use
densities interpolated from the following table:
Density of Sulphuric Acid, 20°C
Percentage
by weight

Molarity

7.12
50
8.11
55
9.17
60
10.30
65
11.50
70
12.77
75
(See E . Wolthuis et al. , J .

Density
g ml- 1

Percentage
by weight

1.395
1.445
1.498
1. 553
1.610
1.669
Chern. Educ.,

Molarity

14.10
80
15.43
85
90
16.66
95
17.78
97
18.17
100
38, 472, 1961.)

Density
g ml ·· 1
1.727
1. 779
1. 814
1. 834
1. 836
1. 831
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Name ............................ Date ............ Mark ......... .
HEAT OF REACTION
(a) Heat of precipitation of silver chloride.
(1) Heat capacity of calorimeter
Temperature Readings
Time

...........

Temperature

Time

Temperature

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

Temperature rise

.............. 0 c

Concentration of hydrochloric acid

.............. M

Moles of water formed
Heat liberated

.............. joule

Heat absorbed by solution

.............. joule

Heat capacity of calorimeter

.............. joule deg

Calculations:

-1

81.4

(ii) Heat of precipitation of silver chloride

Temperature Readings
Time

Temperature

Time

Temperature

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

Temperature rise

.............. 0 c

Heat absorbed by solution

.............. joule

Heat absorbed by calorimeter

.............. joule

Total heat evolved

.............. joule

Concentration of silver nitrate

.............. M

Moles of silver chloride formed
Heat of precipitation of silver chloride
Calculations:

.............. ioule mole

-1
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Name

............................

(b) Heat of dilution of sulphuric acid

(i) Calibration curve
Temperature Readings
Time

Temperature

Time

Temperature

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c
.............. 0 c

Temperature rise

Composition of original acid sample ............ ml 97% sulphuric acid
and ............. ml water
Composition by weight of original sample

.............. %

Summary of Group Results
Sample
number
1
2

Percentage
by weight

Temperature
rise

81.6

Percentage
by weight

Sample
number

Temperature
rise

3
4
5
6

7
8
(ii) Unknown sample

Temperature Readings
Time

Temperature

Time

Temperature

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

........... 0 c

Temperature rise

.............. 0 c

Concentration of sodium hydroxide

.............. M

Titre

.............. ml

Concentration of acid titrated

.............. M

Concentration of unknown sample by
titration

.............. g litre

Density of unknown sample (interpolated
from data)

.............. g ml

-1

-1
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Name

.............................

Composition by weight of unknown sample
titration

.............. %

calorimetry ............. %
QUESTIONS
1. From the following thermochemical data, calculate the heat of
precipitation of silver chloride and compare it with your observed value
Dissociation energy of chlorine molecules
245 Kjoule mole -1
Electron affinity of chlorine atoms
- 350
Hydration energy of gaseous chlorine ions
- 370
Heat of sublimation of silver
285
Ionisation energy of silver
730
Hydration energy of gaseous
silver ions
-475
Standard heat of formation of
silver chloride
-125

2. What is the heat of solution of silver chloride? Does its solubility in water increase with rise in temperature? What is D. E for the
precipitation of silver chloride?

3. Given a value of -84. 5 Kjoule mole -1 for the heat of precipitation
of silver bromide, calculate the heat of reaction for the process
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AgC\s) + Br (aq) ~ AgBr(s) + Cl(aq).
Would you expect this reaction to occur? Discuss.

4. On the first part of this exercise, excess sodium hydroxide and
sodium chloride were added respectively to hydrochloric acid and silver
nitrate to ensure that the latter were completely reacted. Why were
small volumes of more concentrated hydroxide and chloride solutions
added, rather than just over 250 ml of solutions of equivalent concentration?

5. In the sulphuric acid exercise, is the percentage error in the
temperature rise, incurred by assuming that the heat capacities of two
calorimeters are equal, less for higher temperature rises (i.e., using
more concentrated acid) than for lower increments?

6. Density measurements provide a rapid means of determining the
strength of sulphuric acid and oleums, and sulphuric acid is normally
sold according to its density. However, in the vicinity of 100% H2S04,
other methods such as temperature rise or conductivity are preferred.
Explain.

7. Oleums are marketed on the basis of the percentage of

so 3
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Name ............................. .
present; 2.0% oleum contains 20% by weight of so 3 and 80% of H2So4.
Calculate the weight of pure sulphuric acid obtained by diluting 100 lbs of
65% oleum. 45% oleum (melting point 35°) is not made in large quantities and is usually shipped as a mixture with nitric acid. Explain.

8. The heat of vaporisation of liquid ammonia at its boiling point,
-330, is 1. 37 Kjoule g-1. Find the heat of reaction for the neutralisation
process
+

NH4(NH3)

+

NH2(NH3) -;.2NH3

from the fact that the reaction of 0. 948 g of ammonium bromide (MW
98) with an equimolar amount of potassium amide dissolved in liquid
ammonia liberates 0. 845 g of ammonia gas.

=

9. The heat of the displacement reaction for two metals, M and N,
M

(s)

+

N 2+

. --"' M 2 +

(aq) ...-

(aq)

+

N

(s)

can be expressed as the sum of the differences between the ionisation
energies, heats of atomisation, and heats of hydration of the gaseous
ions of the metals involved. A set of data below gives the energies of
the processes in Kjoule mole-1 for five metals. For the systems Zn/Cu,
Mg/Pb, and Fe/Cu, decide which term makes the most significant contribution to the heat of reaction. From your knowledge of the properties
of the metals and their ions, rationalise why this should be so in each
case.
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Mg

Zn

Fe

Pb

Cu

150

130

420

190

340

Ionisation energy

2185

2640

2320

2320

2715

Heat of hydration

1915

2105

2065

1475

2045

Heat of atomisation

