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FROM PREFACE TO THE FIRST EDITION

Experience of teaching qualitative analysis over a number of years to large
numbers of students has provided the nucleus around which this book has been
written. The ultimate object was to provide a text-book at moderate cost which
can be employed by the student continuously throughout his study of the subject.

It is the author’s opinion that the theoretical basis of qualitative analysis, often
neglected or very sparsely dealt with in the smaller texts, merits equally detailed
treatment with the purely practical side; only in this way can the true spirit of
qualitative analysis be acquired. The book accordingly opens with a long
Chapter entitled ‘The Theoretical Basis of Qualitative Analysis’, in which most
of the theoretical principles which find application in the science are discussed.

The writer would be glad to hear from teachers and others of any errors which
may have escaped his notice : any suggestions whereby the book can be improved
will be welcomed.

A. 1 Vogel
Woolwich Polytechnic London S.E.18
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THE THEORETICAL BASIS OF
CHAPTER | QUALITATIVE ANALYSIS

A. CHEMICAL FORMULAE AND EQUATIONS

I.1 SYMBOLS OF THE ELEMENTS To express the composition of
substances and to describe the qualitative and quantitative changes, which occur
during chemical reactions in a precise, short, and straightforward way we use
chemical symbols and formulae. Following the recommendations of Berzelius
(1811), the symbols of chemical elements are constructed by the first letter of
their international (Latin) names with, in most cases, a second letter which
occurs in the same name. The first letter is a capital one. Such symbols are:
O (oxygen, oxygenium) H (hydrogen, hydrogenium), C (carbon, carbonium),
Ca (calcium), Cd (cadmium), Cl (chlorine, chlorinum), Cr (chromium), Cu
(copper, cuprum), N (nitrogen, nitrogenium), Na (sodium, natrium), K (potas-
sium, kalium), etc. As well as being a qualitative reference to the element, the
symbol is most useful in a quantitative context. It is generally accepted that the
symbol of the element represents 1 atom of the element, or, in some more specific
cases, | grammatom. Thus C represents 1 atom of the element carbon or may
represent 1 grammatom (12:011 g) of carbon. In a similar way, O represents
one atom of oxygen or one grammatom (159994 g) of oxygen, H represents
one atom of hydrogen or 1 grammatom (1:0080 g) of hydrogen etc. Names,
symbols, and relative atomic masses of the elements are given in Section IX.1.

L2 EMPIRICAL FORMULAE To express the composition of materials
whose molecules are made up of more atoms, empirical formulae are used.
These are made up of the symbols of the elements of which the substance is
formed. The number of atoms of a particular element in the molecule is written
asa subscript after the symbol of the element (but 1 is never written as a subscript
as the symbol of the element on its own represents one atom). -

Thus, the molecules of carbon dioxide is formed by one carbon atom and two
oxygen atoms, therefore its empirical formula is CO,. In the molecule of water
two hydrogen atoms and one oxygen atom are present, therefore the empirical
formula of water is H,O. In the molecule of hydrogen peroxide on the other hand
there are two hydrogen and two oxygen atoms present, its empirical formula is
therefore H,O0,.

Although there are no strict rules as to the order of symbols appearing in a
formula, in the case of inorganic substances the symbol of the metal or that of
hydrogen is generally written first followed by non-metals and finishing with
oxygen. In the formulae of organic substances the generally accepted order is
C,H,O,N,S,P.

1



L2 QUALITATIVE INORGANIC ANALYSIS

The determination of the empirical formula of a compound can be made
experimentally, by determining the percentage amounts of elements present in
the substance using the methods of quantitative chemical analysis. At the same
time the relative molecular mass of the compound has to be measured as well.
From these data the empirical formula can be determined by a simple calcu-
lation. If, for some reason, it is impossible to determine the relative molecular
mass the simplest (assumed) formula only can be calculated from the results of
chemical analysis; the true formula might contain multiples of the atoms given
in the assumed formula.

If the empirical formula of a compound is known, we can draw several con-
clusions about the physical and chemical characteristics of the substance. These
are as follows:

(a) From the empirical formula of a compound we can see which elements
the compound contains, and how many atoms of each element form the
molecule of the compound. Thus, hydrochloric acid (HCl) contains hydrogen
and chlorine; in its molecule one hydrogen and one chlorine atom are present.
Sulphuric acid (H,SO,) consists of hydrogen, sulphur, and oxygen; in its
molecule two hydrogen, one sulphur, and four oxygen atoms are present etc.

(b) From the empirical formula the relative molecular mass (molecular
weight) can be determined simply by adding up the relative atomic masses
(atomic weights) of the elements which constitute the compound. In this
summation care must be taken that the relative atomic mass of a particular
element is multiplied by the figure which shows the number of its atoms in the
molecule. Thus, the relative molecular mass of hydrochloric acid (HCI) is
calculated as follows:

M, = 10080+ 35-453 = 36-4610
and that of sulphuric acid (H,SO,) is
M, = 2x1-:0080+32:06+4 x 159994 = 98-0736

and so on.

(c) Based on the empirical formula one can easily calculate the relative
amounts of the elements present in the compound or the percentage composition
of the substance. For such calculations the relative atomic masses of the
elements in question must be used. Thus, in hydrochloric acid (HCI) the relative
amounts of the hydrogen and chlorine are

H:Cl = 1-:0080:35:453 = 1-0000:35:172

and (as the relative molecular mass of hydrochloric acid is 36:461) it contains

1-008
100 x 36461 = 2:76 per cent H
and
35-453
100 x 36461 = 9724 per cent Cl

Similarly, the relative amounts of the elements in sulphuric acid (H,SO,) are
H:S:0 = 2x1:0080:32:06:4 x 15-9994
= 2:016:32:06:63-9976
1:15-903:31-745



THEORETICAL BASIS 1.3

and knowing that the relative molecular mass of sulphuric acid is 98-0763, we
can calculate its percentage composition which is

2:0160

100 * 580736
32:06

980736

= 2:06 per cent H

100 x = 32:69 per cent S

and

100 63-9976

* 980736

and so on.

(d) Finally, if the formula is known — which of course means that the
relative molecular mass is available — we can calculate the volume of a known
amount of a gaseous substance at a given temperature and pressure. If p is the
pressure in atmospheres, T is the absolute temperature in degrees kelvins, M, is
the relative molecular mass of the substance in g mol~! units and m is the
weight of the gas in grams, the volume of the gas (v) is

v — mRT
© pM,

where R is the gas constant, 0-0823 £ atm K~ ! mol~!, (The gas here is con-
sidered to be a perfect gas.)

= 6525 per cent O

£

I.3 VALENCY AND OXIDATION NUMBER In the understanding of the
composition of compounds and the structure of their molecules the concept
of valency plays an important role. When looking at the empirical formulae of
various substances the question arises: are there any rules as to the number of
atoms which can form stable molecules? To understand this let us examine some
simple compounds containing hydrogen. Such compounds are, for example,
hydrogen chloride (HCI), hydrogen bromide (HBr), hydrogen iodide (HI),
water (H,0), hydrogen sulphide (H,S), ammonia (H;N), phosphine (H,P),
methane (H,C), and silane (H,Si). By comparing these formulae one can see
that one atom of some of the elements (like Cl, Br, and I) will bind one atom of
hydrogen to form a stable compound, while others combine with two (O,S),
three (N, P) or even four (C, Si). This number, which represents one of the most
important chemical characteristics of the element, is called the valency. Thus,
we can say that chlorine, bromine, and iodide are monovalent, oxygen and
sulphur bivalent, nitrogen and phosphorus tervalent, carbon and silicon
tetravalent elements and so on. Hydrogen itself is a monovalent element.

From this it seems obvious that the valency of an element can be ascertained
from the composition of its compound with hydrogen. Some of the elements,
for example some of the metals, do not combine with hydrogen at all. The
valency of such elements can therefore be determined only in an indirect way,
by examining the composition of their compounds formed with chlorine or
oxygen and finding out the number of hydrogen atoms these elements replace.
Thus, from the formulae of magnesium oxide (MgO) and magnesium chloride
(MgCl,) we can conclude that magnesium is a bivalent metal, similarly from the
composition of aluminium chloride (AICl;) or aluminium oxide (Al,O,) it is
obvious that aluminium is a tervalent metal etc.



I.4 QUALITATIVE INORGANIC ANALYSIS

In conclusion we can say that the valency of an element is a number which
expresses how many atoms of hydrogen or other atoms equivalent to hydrogen
can unite with one atom of the element in question.* If necessary the valency of
the element is denoted by a roman numeral following the symbol like CI(I),
Br(I), N(III) or as a superscript, like CI', Br!, N, etc.

Some elements, like hydrogen, oxygen, or the alkali metals, seem always to
have the same valency in all of their compounds. Other elements however show
different valencies; thus, for example, chlorine can be mono-, tri-, penta- or
heptavalent in its compounds. It is true that compounds of the same element
with different valencies show different physical and chemical characteristics.

A deeper study of the composition of compounds and of the course of
chemical reactions reveals that the classical concept of valency, as defined above,
is not quite adequate to explain certain phenomena. Thus, for example, chlorine
is monovalent both in hydrochloric acid (HCl) and in hypochlorous acid
(HCIO), but the marked differences in the chemical behaviour of these two acids
indicate that the status of chlorine in these substances is completely different.
From the theory of chemical bonding} we know that when forming hydrochloric
acid, a chlorine atom takes up an electron, thus acquiring one negative charge.
On the other hand, if hypochlorous acid is formed, the chlorine atom releases
an electron, becoming thus a species with one positive charge. As we know, the
uptake or release of electrons corresponds to reduction or oxidation (cf.
Section 1.35), we can therefore say that though chlorine is monovalent in these
acids, its oxidation status is different. It is useful to define the concept of
oxidation number and to use it instead of valency. The oxidation number is a
number identical with the valency but with a sign, expressing the nature of the
charge of the species in question when formed from the neutral atom. Thus, the
oxidation number of chlorine in hydrochloric acid is — 1, while it is +1 in
hypochlorous acid. Similarly we can say that the oxidation number of chlorine
in chlorous acid (HCIO,) is + 3, in chloric acid (HC1O,) is + 5, and in perchloric
acid (HCIO,) +7. The concept of oxidation number will be used extensively
in the present text.

1.4 STRUCTURAL FORMULAE Using the concept of valency the com-
position of compounds can be expressed with structural formulae. Each valency
of an element can be regarded as an arm or hook, through which chemical bonds
are formed. Each valency can be represented by a single line drawn outwards
from the symbol of the element, like

H— Cl— O= N= C=

The structural formulae of compounds can be expressed with lines drawn
between the atoms § like

* Cf. Mellor’s Modern Inorganic Chemistry, newly revised and edited by G. D. Parkes, Longman
1967, p. 99 et f.

+ Cf. Mellor op. cit., p. 155 et f.

1 There are no restrictions about the direction of these lines (unless differentiation has to be
made between stereochemical isomers). Nor is there any restriction on the distances of atoms.
Structural formulae must therefore be regarded only as a step in the approximation of the true
structure. A three dimensional representation with true directions and proportional distances can
most adequately be made with molecular model kits.

4
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o
/
H—CI H—O—H c
A
H H o
| |
N H—C—H
VRN |
H H H

Structural formulae will be used in this text only when necessary, mainly when
dealing with organic reagents. A more detailed discussion of structural formulae
will not be given here; beginners should study appropriate textbooks.* Readers
should be reminded that the simple hexagon

O D - O

represents the benzene ring. Benzene (CgHg) can namely be described with the
(simplified) ring formula in which double and single bonds are alternating
(so-called conjugate bonds):

H

I
H—ﬁ}gﬁ—H
HTE AT
I
H
All the aromatic compounds contain the benzene ring.

1.5 CHEMICAL EQUATIONS Qualitative and quantitative relationships
involved in a chemical reaction can most precisely be expressed in the form of
chemical equations. These equations contain the formulae of the reacting
substances on the left-hand side and the formulae of the products on the right-
hand side. When writing chemical equations the following considerations must
be kept in mind:

(@) Because of the fact that the formulae of the reacting species are on the
left-hand side and those of the products are on the right, the sides generally
cannot be interchanged (in this sense chemical equations are not equivalent to
mathematical equations). In the cases of equilibrium reactionst when the
reaction may proceed in both directions, the double arrow () sign should be
used instead of the equal (=) or single arrow (—) sign.

(b) The individual formulae, used in the chemical reactions, must be
written correctly.

(c) If more molecules (atoms or ions) of the same substance are involved
in the reaction, an appropriate stoichiometric number has to be written in front
of the formula. This number is a multiplication factor, which applies to all
atoms in the formula. (Thus, for example 2Ca;(PO,), means that we have
6 calcium, 4 phosphorus, and 16 oxygen atoms in the equation.)

* Cf. Mellor’s Modern Inorganic Chemistry, newly revised and edited by G. D. Parkes, Longman
1967, p. 155.

1 Theoretically speaking, all reactions lead to an equilibrium. This equilibrium however may be
shifted completely towards the formation of the products.
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(d) A chemical equation must be written in such a way that it fulfils the
law of conservation of mass, which is strictly valid for all chemical reactions.
This means, that the equation should be balanced by applying proper stoichio-
metric numbers in such a way that the numbers of different individual atoms
are the same on both sides.

(e) If charged species (ions or electrons) are involved in the reaction, these
charges must be clearly indicated (like Fe** or Fe* * *)and properly balanced;
the sum of charges on the left-hand side must be equal to the sum of charges on
the right-hand side. The electron, as a charged particle, will be denoted by e~
in this text.

As an example let us express the equation of the reaction between calcium
hydroxide and phosphoric acid.

Knowing that the products of such a reaction are calcium phosphate and
water, we can write the formulae of the substances into the yet incomplete
equation:

Ca(OH), + H,PO, — Ca,(PO,),+H,0 (incomplete)

(note that the sides of the equation cannot be interchanged, because the reaction
will not proceed in the inverse direction). Now we try to balance the equation
by applying suitable stoichiometric numbers:

3Ca(OH), +2H,PO, = Ca,(PO,), +6H,0

It is advisable to check the equation by counting the numbers of individual
atoms on both sides. Doing so we can see that there are 3 calcium, 2 phosphorus,
12 hydrogen and 14 oxygen atoms on both sides.

It is useful to denote the physical state of the reaction partners. For this
purpose the letters s, 1, and g are applied for solid, liquid, and gaseous substances
respectively, while the notation aq is used for species dissolved in water. These
letters are used in parenthesis after the formula, e.g. AgCl(s), H,O(1), CO,(g),
while the aq follows the formula s1mply, without parenthesxs e.g. H;PO,aq.
The systematlc use of these notations is important only in thermodynamics,
that is when the energetics of the reactions are examined. In the present text we
shall use them in some cases. The formation of a precipitate will be denoted by
a | sign (indicating that the precipitate settles to the bottom of the solution)
while the liberation of gases will be denoted by a 1 sign. If not otherwise stated,
equations will refer to reactions proceeding in dilute aqueous solutions.

Following those considerations discussed in Section I.2., relative masses,
mass balances, and volumes (of gaseous substances only) can be calculated on
the basis of chemical equations. Such calculations are involved in all kinds of
quantitative analyses based on chemical reactions.

B. AQUEOUS SOLUTIONS OF INORGANIC SUBSTANCES

1.6 ELECTROLYTES AND NON-ELECTROLYTES Quantitative in-
organic analysis is based mainly on the observation of chemical reactions
carried out in aqueous solutions. Other solvents are rarely employed except for
special tests or operations. It is therefore important to have a general knowledge
of the characteristics of aqueous solutions of inorganic substances.

6



THEORETICAL BASIS L7

A solution is the homogeneous product obtained when a substance (the
solute) is dissolved in the solvent (water). Substances can be classified into two
important groups according to their behaviour when an electric current is
passed through their solution. In the first class there are those which conduct
electric current; the solutions undergo chemical changes thereby. The
second class is composed of materials which, when dissolved in water, do not
conduct electricity and which remain unchanged. The former substances are
termed electrolytes, and these include, with few exceptions, all inorganic sub-
stances (like acids, bases, and salts); the latter are designated non-electrolytes,
and are exemplified by such organic materials as cane sugar, mannose, glucose,
glycerine, ethanol, and urea. It must be pointed out that a substance which
behaves as an electrolyte in water, e.g. sodium chloride, may not yield a con-
ducting solution in another solvent such as ether or hexane. In the molten state
most electrolytes will conduct electricity.

1.7 ELECTROLYSIS, THE NATURE OF ELECTROLYTIC CONDUC-
TANCE, IONS Chemically pure water practically does not conduct electricity,
if however, as already stated, acids, bases, or salts are dissolved in it, the result-
ant solution not only conducts the electric current, but undergoes chemical
changes as well. The whole process is called electrolysis.

Phenomena occurring during electrolysis can be studied in the electrolysis
cell shown in Fig. I.1. The electrolyte solution is placed in a vessel, into which

Source of current

(battery)
—alo
Anode Cathode
+ —

By 2
= e =
Ll 2 g
Lo £
g 1 g I e
e I R a0
—_——— = — 3

Fig L.1

two solid conductors (e.g. metals), the so called electrodes, are immersed. With
the aid of a battery (or another d.c. source) a potential difference is applied
between the two electrodes. The electrode with the negative charge in the
electrolysis cell is called the cathode, while that with the positive charge is
termed the anode.*

* It must be emphasized that the terms cathode and anode correspond to the negative and
positive electrodes respectively only in electrolysis cells. According to Faraday’s nomenclature,
cathode is the electrode where cations lose their charge, while anions do the same on the anode.
Consequently, in a battery (like the Daniell-cell) the anode is the negative and the cathode is the
positive electrode.
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The chemical change occurring during the course of electrolysis is observable
on or in the vicinity of the electrodes. In many cases such a change is a simple
decomposition. If for example a dilute solution of hydrochloric acid is elec-
trolysed (between platinum electrodes), hydrogen gas is liberated on the cathode
and chlorine on the anode; the concentration of hydrochloric acid in the
solution decreases.

It is easy to demonstrate that electrolysis is always accompanied by the
transport of material in an electrolysis cell. If for example the blue solution of
copper sulphate and the orange solution of potassium dichromate are mixed in
equimolar concentrations, a brownish solution is obtained. This solution can
be placed in a U-shaped electrolysis cell and topped up with a colourless layer
of dilute sulphuric acid on each side (Fig. 1.2). If this solution is then electrolysed,
the hitherto colourless solution next to the cathode slowly becomes blue, while

d.c.
- +

Pt

H,S0,

Blue (Cum——% m—— Orange (Cr,0,27)

Brown (CuSO,4+K;,Cr,07)

Fig. 1.2

the solution next to the anode becomes orange. As the blue colour is associated
with copper and the orange with dichromate, it can be said that copper moves
towards the cathode and dichromate towards the anode during the electrolysis.

As such a movement can be achieved solely by electrolysis, it is obvious that
those particles which move towards one of the electrodes must be charged and
that this charge must be opposite to that of the electrode towards which they
move. The migration of such particles is a result of the electrostatic attraction
force, which is created when switching on the current. Thus the particles of
hydrogen or copper, which move towards the cathode, must be positively
charged, while those of chlorine or dichromate must be negatively charged.
Faraday termed the charged particles in the electrolyte ions; the positively and
negatively charged ions were called cations and anions respectively. It can be
stated generally that solutions of electrolytes do not contain neutral molecules
dispersed among the molecules of the solvent, as solutions of non-electrolytes
do, but they are composed of ions. Cations and anions are present in equivalent
amounts and are dispersed evenly in the solution among the molecules of the
solvent; macroscopic portions of the solution therefore appear to be electro-
statically neutral in all cases.

8



THEORETICAL BASIS L18/9

1.8 SOME PROPERTIES OF AQUEOUS SOLUTIONS It has been found
experimentally that equimolecular quantities of non-electrolytes, dissolved in
the same weight of solvent, will acquire identical osmotic pressures, and have
the same -effect upon the lowering of vapour pressure, the depression of the
freezing point, and the elevation of the boiling point. Using water as a solvent,
1 mole of a non-electrolyte when dissolved in 1000 g of water lowers, for
example, the freezing point of water by 1-86°C and elevates its boiling point by
0-52°C. On such a basis it is possible to determine the relative molecular mass
of soluble non-electrolyte substances experimentally. When a non-electrolyte
is dissolved in water, its molecules will be present as individual particles in the
solution. Consequently, we can say that equal numbers of particles, present in
the same amount of solution, will show identical osmotic pressure, lowering
of vapour pressure, depression of the freezing point, or elevation of the boiling
point. Thus, by measuring the above quantities, the number of particles present
in the solution can be determined.

When electrolyte solutions are subjected to such measurements, abnormal
results are obtained. When substances like sodium chloride or magnesium
sulphate are examined, the depression of freezing point or the elevation of
boiling point is about twice that calculated from the relative molecular mass,
with calcium chloride or sodium sulphate these quantities are three times those
expected. Keeping in mind what has been said above, we can say that the number
of particles in the solution of sodium chloride or magnesium sulphate is twice
the number of molecules present, while in the case of calcium chloride or sodium
sulphate there are three particles present for each molecule.

1.9 THE THEORY OF ELECTROLYTIC DISSOCIATION In Sections 1.7
and 1.8 two, seemingly independent, experimental facts were described. These
are that electric current is conducted by the migration of charged particles in
the solution of electrolytes, and that in solutions of electrolyte substances the
number of particles are 2,3 . . . etc. times greater than the number of molecules
dissolved. To explain these facts, Arrhenius put forward his theory of electrolytic
dissociation (1887). According to 'this theory, the molecules of electrolytes,
when dissolved in water, dissociate into charged atoms or groups of atoms,
which are in fact the ions which conduct the current in electrolytes by migration.
This dissociation is a reversible process; the degree of dissociation varies with
the degree of dilution. At very great dilutions the dissociation is practically
complete for all electrolytes.

The electrolytic dissociation (ionization) of compounds may therefore be
reptesented by the reaction equations:

NaCl 2 Na* +CI~
MgSO, 2 Mg?* +803"
CaCl, 2 Ca?* +2ClI-
Na,SO, 2 2Na* +S03~
Ions carry positive or negative charges. Since the solution is electrically
neutral, the total number of positive charges must be equal to the total number

of negative charges in a solution. The number of charges carried by an ion is
equal to the valency of the atom or radical.
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The explanation of the abnormal results obtained when measuring the
depression of freezing point or elevation of boiling point is straightforward on
the basis of the theory of electrolytic dissociation. In the case of sodium chloride
and magnesium sulphate the measured values are twice as great as those calcu-
lated from the relative molecular mass, because both substances yield two ions
per molecule when dissociated. Similarly, the depression of freezing point or
elevation of boiling point of calcium chloride or sodium sulphate solutions are
three times as great as of an equimolar solution of a non-electrolyte, because
these substances yield three ions from each molecule when dissociating.

The phenomenon of electrolysis also receives a simple explanation on the
basis of the theory of electrolytic dissociation. The conductance of electrolyte
solutions is due to the fact that ions (charged particles) are present in the
solution, which, when switching on the current, will start to migrate towards
the electrode with opposite charge, owing to electrostatic forces. In the case of
hydrochloric acid we have hydrogen and chloride ions in the solution:

HCl 2 H* +CI-

and it is obvious that hydrogen ions will migrate towards the cathode, while
chloride ions will move towards the anode. In the solution, mentioned earlier,
containing copper sulphate and potassium dichromate we have the blue
copper(Il) ions and the orange dichromate ions present, besides the colourless
potassium and sulphate ions:

CuSO, = Cu?* +8032"
K,Cr,0, 2 2K* +Cr,0%"
and this is why copper ions (together with potassium ions) moved towards the
negatively charged cathode, while dichromate ions (as well as sulphate ions)
moved towards the positively charged anode.

Those changes occurring on the electrodes during electrolysis can also be
explained easily on the basis of the theory of electrolytic dissociation. Returning
to the example of the electrolysis of hydrochloric acid, where, as said before,
hydrogen ions migrate towards the cathode and chloride ions towards the anode,

the electrode processes are as follows: hydrogen ions, when arriving at the
cathode first take up an electron to form a neutral hydrogen atom:

H*+e - H
Pairs of hydrogen atoms will then form hydrogen molecules, which are dis-
charged in the form of hydrogen gas:
2H — H,(g)
On the anode the chloride ions release electrons, forming chlorine atoms:
Cl- - Cl+e
which again will form chlorine molecules:

2C1 - Cly(g)

and are discharged in the form of chlorine gas. The electrons are taken up by the
anode, and travel through the electric circuit to the cathode, where they are
then taken up by hydrogen ions.

10
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The phenomena of electrolysis are not always as simple as discussed in
connection with hydrochloric acid, but it is always true that electrons are taken
up by ions on the cathode and electrons are released by ions on the anode. It is not
necessarily the cation or anion of the dissolved substance, which reacts on the
electrodes, even though these ions carry the electrical current by migration. In
aqueous solutions very small amounts of hydrogen and hydroxyl ions are always
present due to the slight dissociation of water (cf. Sections 1.18 and 1.24):

H,O = H* +OH"

The ions of the dissolved substance and hydrogen as well as hydroxyl ions
compete for discharge on the electrodes, and the successful ion is the one which
needs the least energy for discharge. Using electrochemical terms we can say
that under given circumstances the ion which requires a lower negative electrode
potential will be discharged first on the cathode, while the one that requires a
lower positive potential will be discharged on the anode. The discharge of
hydroxyl ions on the anode results in the formation of oxygen gas:

40H™ — 4¢” +2H,0+0,(g)

The competition of various ions at the electrodes for discharge may lead
to various combinations. If for example sodium sulphate is electrolysed
(with platinum electrodes), neither sodium nor sulphate ions (Na,SO, 2
2Na* +S037) will be discharged, but hydrogen and hydroxyl ions; the result
of the electrolysis therefore is the formation of hydrogen gas on the cathode
and oxygen on the anode. As hydrogen ions are removed from the vicinity of
the cathode, the hydroxyl-ion concentration will surpass that of the hydrogen
ions, making this part of the solution alkaline. The opposite happens around
the anode, where hydrogen ions will be in excess and the solution there becomes
acidic. When after the electrolysis the solution is mixed, it again becomes
neutral. When electrolysing sodium chloride (NaCl & Na* +Cl~) under
similar circumstances, hydrogen and chloride ions are discharged in the form
of hydrogen and chlorine gas on the cathode and anode respectively. Sodium
and hydroxyl ions are left behind, and the whole solution becomes alkaline.
Finally, if copper sulphate (CuSO, & Cu?* +S02") is electrolysed under the
same circumstances, copper and hydroxyl ions will be discharged, the cathode
being coated with a layer of copper metal, while oxygen gas is liberated on the
anode. Hydrogen and sulphate ions are left behind in the solution, making the
latter acidic.

In later parts of the present text we shall see that the uptake of electrons
always means reduction, while the release of electrons is associated with
oxidation. Briefly therefore we can say that during the course of electrolysis
reduction takes place on the cathode, while oxidation occurs on the anode. This
rule is true for any kind of electrochemical process, e.g. the same is true for the
operation of electromotive cells (batteries).

1.10 DEGREE OF DISSOCIATION. STRONG AND WEAK ELEC-
TROLYTES When discussing the theory of electrolytic dissociation, it was
stated that it is a reversible process and its extent varies with concentration
(and also with other physical properties, like temperature). The degree of
dissociation (x) is equal to the fraction of the molecules which actually
dissociate.

11
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_ number of dissociated molecules
total number of molecules

The value of « may vary within 0 and 1. If « = 0, no dissociation takes place,
while if « = 1 dissociation is complete.

The degree of dissociation can be determined by various experimental
methods.

The cryoscopic and ebullioscopic techniques are based on the measurement
of the depression of the freezing point and the elevation of the boiling point
respectively. As mentioned before, the experimental values of these were found
to be higher than the theoretical ones. The ratio of these

A (obs) _
A (theor)

is closely associated with the number of particles present in the solution. The
value i (called van’t Hoff’s coefficient) gives the average number of particles
formed from one molecule; as this is an average number, i is not an integer.
It is always greater than unity. This number can easily be associated with the
degree of dissociation. Let us consider an electrolyte which when dissociated
gives rise to the formation of » ions per molecule. If 1 mole of this electrolyte is
dissolved, and the degree of dissociation is a, we can calculate the total number
of particles (ions plus undissociated molecules) in the following way : the rumber
of ions (per molecule) will be na, while the number of undissociated molecules
1 —a. The sum of these is equal to i, the van’t Hoff coefficient:

i=nu+l—a=14@n—1)o
from which the degree of dissociation can be expressed as
i—1

OC=n—l

Thus, by calculating / from experimental data, o can be computed easily.

An important method of determining the degree of dissociation is based on
the measurement of the conductivity of the electrolyte in question (conductivity
method). This method is associated with the fact that the electric current is
carried by the ions present in the solution; their relative number, which is closely
connected to the degree of dissociation, will determine the conductivity of the
solution. Conductivity itself is a derived quantity, as it cannot be measured as
such. To determine conductivity one has to measure the specific resistance
(resistivity) of the solution. This can be done by placing the solution in a cube-
like cell of 1 cm side, two parallel faces of which are made of a conductor
(platinum).* This cell can then be connected as the unknown resistance in a
Wheatstone-bridge circuit, which is fed by a perfectly symmetrical (sinusoidal)
alternating current at low voltage. Direct current would cause changes in the
concentration of the solution owing to electrolysis. The specific resistance, p,
is expressed in Q cm units. The reciprocal of the specific resistance is termed

* It is not in fact necessary to use such a particular cell for the measurements; any cell of constant
dimensions is suitable, provided that its ‘cell constant’ has been determined by a calibration pro-
cedure, using an electrolyte (e.g. potassium chloride solution), with a known specific resistance.

12
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specific conductance or conductivity, x, and is expressed in Q™! cm™! units.

For electrolytic solutions it is customary to define the quantity called molar
conductivity, A. The latter is the conductance of a solution which contains
1 mole of the solute between two electrodes of indefinite size, 1 cm apart. The
specific conductance and molar conductivity are connected by the relation:

A=xV=X
c

where V is the volume of the solution in cm? (ml), containing 1 mole of the
solute, ¢ is the concentration in mol cm ™ 3. The molar conductivity is expressed
incm? Q™! mol™! units.

Kohlrausch discovered, in the last century, that the molar conductivity of
aqueous solutions of electrolytes increases with dilution, and reaches a limiting
value at very great dilutions. The increase of molar conductivity, in line with the
Arrhenius theory, results from the increasing degree of dissociation; the limiting
value corresponds to complete dissociation. This limiting value of the molar
conductivity is denoted here by A, (the notation A, is also used), while its value
at a concentration ¢ will be denoted by A, The degree of dissociation can be
expressed as the ratio of these two molar conductivities

=

for the given concentration (c) of the electrolyte.

The variation of molar conductivity with concentration for a number of
electrolytes is shown in Table 1.1. Because the conductance of solutions varies
with temperature (at higher temperatures the conductance becomes higher),
the temperature at which these conductances are measured must be given.
Values shown on Table 1.1 were measured at 25°C. It can be seen from this
table that while the variation of molar conductivity of some solutions with

o

Table L1 Molar conductivities of electrolytes at 25°C in cm? Q™! mol™’ units

Concentration Electrolyte

mol {1
KCl NaCl HCI NaOH KOH CH;COONa CH,;COOH

-0(=Ay) 150-1 126-2 423-7 2609 2839 91-3 3886
0-0001 149-2 1253 . — — — —

0-0002 — — — — — — 104-0
0-0005 1483 124:3 4222 2465 270-1 89-4 645

0-001 147:5 1235 421-1 2447 2682 887 487

0-002 146-5 122:2 419-2 2425 2662 877 352

0005 144-2 119-8 4149 2388 2621 857 22-8

0-01 141-6 117-8 4105 234-5 2589 83-7 16:2

concentration is slight for most of the electrolytes listed, there is a strong
dependence on concentration in the case of acetic acid. The difference in be-
haviour can be seen better from Fig. 1.3, where molar conductivities are plotted
as functions of concentration, using a logarithmic scale for the latter to provide
a wider range for illustration. The five substances selected for illustration repre-
sent five different groups of inorganic compounds, within each of which there
is little variation, e.g. the curve for nitric acid would run very close to the curve

13
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Fig. 1.3

of hydrochloric acid. But if we think in terms of degrees of dissociation, we can
see that there are only two groups showing different behaviour. The first group,
made up of strong acids, strong bases, and salts (including those of weak acids
and weak bases), is termed strong electrolytes. (These dissociate almost com-
pletely even at relatively low degrees of dilution 0-01m solutions), and there is
little variation in the degree of dissociation at further dilution. On the other
hand, weak electrolytes (weak acids and weak bases) start to dissociate only at
very low concentrations, and the variation in the degree of dissociation is
considerable at this lower concentration range.

The two methods, the cryoscopic and ebullioscopic techniques on one hand
and the conductivity method on the other hand, yield strikingly similar values
for the degree of dissociation, despite the substantially different principles in-
volved in the two types of measurements. Some representative results are shown
in Table 1.2. Tt can be noted that agreement is particularly good for dilute
solutions of binary electrolytes (KCl). The more concentrated the solutions, the
more considerable the differences. Table 1.3 shows the degree of dissociation of

Table 1.2 Degree of dissociation of electrolytes, calculated from freezing point and
conductivity measurements

Substance Concentration a from o from No. of lons
mol £! freezing conductivity  for one
point molecule, n
KCl 001 0946 0943 2
002 0915 0924
0-05 0-890 0-891
0-10 0-862 0-864
BaCl, 0-001 0-949 0959 3
0-01 0-903 0-886
010 0-798 0754
K,SO, 0-001 0939 0957 3
001 0-887 0873
010 0-748 0716
K;[Fe(CN)g[ 0-001 0-946 0930 4
001 0-865 0-822
010 0-715 —
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TableI.3 Degree of dissociation of electro-
lytes in 0-1M aqueous solutions

Aclds
Hydrochloric (H*, C17) 092
Nitric (H*, NOJ) 092
Sulphuric (H*, HSO;) 061
Phosphoric (H*, H,PO;) 028
Hydrofluoric (H*, F~) 0-085
Acetic (H*, CH,.COO") 0013
Carbonic (H*, HCO3) 0-0017
Hydrosulphuric (H*, HS™) 0-0007
Hydrocyanic (H*, CN™) 0-0001
Boric (H*, H,BO3) 0-0001
Salts
Potassium chloride (K*, C17) 0-86
Sodium chloride (Na*, CI7) 0-86
Potassium nitrate (K*, CI3) 0-82
Silver nitrate (Ag*, NO,) 0-82
Sodium acetate (Na*, CH;.COO~) 080
Barium chloride (Ba*, 2C1") 0-75
Potassium sulphate (2K*, SO2-) 073
Sodium carbonate (2Na*, CO3~) 0-70
Zinc sulphate (Zn?*, SO2-) 0-40
Copper sulphate (Cu?*, SO2~) 0-39
Mercuric chloride (Hg2*, 2C17) <001
Mercuric cyanide (Hg?*, 2CN ™) very
small
Bases
Sodium hydroxide (Na*, OH") 091

Potassium hydroxide (K*, OH™) 091
Barium hydroxide (Ba2*, 20H") 0-81
Ammonia (NH}, OH") 0-013

a number of electrolytes in 0-1M concentrations. From these values we can
easily decide whether a particular substance is a strong or a weak electrolyte.

I.11 THE INDEPENDENT MIGRATION OF IONS. CALCULATION
OF CONDUCTIVITIES FROM IONIC MOBILITIES For strong elec-
trolytes the limiting value of the molar conductivity, A,, may be determined by
extending the measurements to low concentrations and then extrapolating the
graph of conductivity against concentration to zero concentration. For weak
electrolytes, such as acetic acid and ammonia, this method cannot be employed,
since the dissociation is far from complete at the lowest concentrations at which
measurements can be conveniently made (~ 10~ *M). It is however possible to
calculate these limiting conductances on the basis of the law of independent
migration of ions.

Asaresult of prolonged and careful study of the conductance of salt solutions
down to low concentrations, Kohlrausch found that the difference in molar
conductivities of pairs of salts, containing similar anions and always the same
two cations, is constant and independent of the nature of the anion. He found
for example that the following differences of limiting molar conductivities
(measured at 18°C in cm? Q! mol™?! units)

15
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Ao(KCl)— Ao(NaCl) = 1301 —109:0 = 21-]
Ao(KNO,;)— Ao(NaNO;) = 126:3—1053 = 21-0

are very nearly equal. From these and similar results, Kohlrausch drew the
conclusion that the molar conductivity of an electrolyte is made up as the sum
of the conductivities of the component ions. Mathematically this can be
expressed as

Ao =25 +45

where 4§ and Ag are the limiting molar conductivities or mobilities of the cation
and anion respectively. The ionic mobilities are computed from values of A,
with the aid of transference numbers. These represent the current carried by the
cation and anion respectively, and can be determined experimentally from the
difference of concentration of electrolytes between the bulk of the solution and
parts of the solution close to the cathode and anode.* Thus, for example, the
transference number of chloride ion in a potassium chloride solution was found
to be 0-503, while that of potassium is 0-497 (the sum of transference numbers
for one particular electrolyte is by definition equal to one). The limiting
value of the molar conductivity of potassium chloride solution (at 18°C) is
130-1 cm? Q™! mol~!. Thus the mobility of the potassium ion is

A5(K*) = 0497 x 130'1 = 646 cm?> Q™! mol ™!
and that of the chloride ion is
Ag(C17) = 0-503x 130-1 = 65:5cm2 Q™! mol™!

Table I.4 Limiting ionic mobilities at 18°C and 25°C in cm? Q™! mol™" units

18°C 25°C

H* 3170  OH- 1740 H* 3480  OH- 2108
Na* 435 Q- 655 Na* 498  CI- 76:4
K* 646  NO; 618 K* 734 103 42:0
Ag* 544  Br- 677 Ag* 619  CH,CO0" 406
12 Ca?* 522 I 661

1/2 sr2* 517 F- 468

1/2 Ba2* 550  ClO; 550

1/2 Pb2* 616 103 340

12 cd?* 465  CH,COO" 325

12 Zn?* 460  1/2502" 683

1/2 Cu?* 459  1)2(COOY%- 6l

A selected number of ionic mobilities at 18°C and 25°C is shown in Table 1.4.
This table may be utilized for the calculation of the limiting molar conductivities
of any electrolytes made up of the ions listed. Thus, for acetic acid at 25°C

Ao(CH,COOH) = A3 (H*)+ A3 (CH,COO")
= 348:0+ 406
= 3886 cm? Q™! mol~!

* For a more detailed discussion of transference numbers textbooks of physical chemistry should
be consulted (cf.: Walter J. Moore’s Physical Chemistry. 4th edn., Longman 1966, p. 333 et f).
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The degree of dissociation can be calculated from the relation
= A

where A, is the molar conductivity at the concentration c; this can be measured
experimentally.

a

1.12 MODERN THEORY OF STRONG ELECTROLYTES The theory
of electrolytic dissociation can be used to explain a great number of phenomena
which are important in inorganic qualitative analysis. The theory, as put forward
by Arrhenius, can be applied without much alteration as far as weak electrolytes
are concerned but as further evidence — particularly of the structure of matter in
the solid state —emerged, it became less and less adequate for strong electrolytes.
It became clear that substances which are classified as strong electrolytes are
made up of ions even in the solid (crystalline) form. In a crystal of sodium
chloride, for example, there are no sodium chloride molecules present, (such
molecules exist only in the sodium chloride vapour). The crystal is built up of
sodium and chloride ions, arranged in a cubic lattice, one sodium ion being
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surrounded always by six chloride atoms and vice versa (see Fig. 1.4a). As the
ions are there in the solid state, it is incorrect to suggest that at dissolution
‘molecules’ digsociate into ions. The dissolution of an ionic crystal in water is
a physical process.

It has been proved that in the water molecule the two hydrogen and the oxygen
atoms are arranged in a triangle with a distance of 0-0958 nm between the
centres of the hydrogen and oxygen atoms, and with an angle of 106° between
the directions of the two hydrogen atoms (cf. Fig. 1.4b). Because of this arrange-
ment, that side of the water molecule containing the hydrogen atoms, becomes
electrostatically positive, while the opposite end, where the oxygen atom is,
becomes negative. Thus, the water molecule has a dipole character. If an ionic
crystal is placed in water, these dipoles will orientate around the ions present in
the outer layer of the lattice. Electrostatic force will tend to pull these ions
away from the crystal (see Fig. 1.4c). When an ion has been removed from the
lattice, a symmetrical sphere of water molecules will orientate around it, and
the whole hydrated ion with its sphere of water molecules will be taken away
from the crystal by thermal motion. A new ion will thus be exposed to the
action of water molecules, and slowly the whole crystal will dissolve. It can be
stated therefore that in the solution of a strong electrolyte there are only
(hydrated) ions present; in other words, ‘dissociation’ is complete.

When accepting this model for the dissolution of strong electrolytes, further
problems have to be faced. As was said in the previous section, the theory of
electrolytic dissociation was in excellent agreement with the fact that the molar
conductivity of strong electrolytes varies considerably with concentration at
higher concentrations (cf. Fig. 1.3). This fact does not seem to be in accordance
with the theory outlined above. As the number of ions is constant if a certain
amount of electrolyte is dissolved, irrespective of its concentration, one would
expect that the molar conductivity of such solutions would be constant. It was
not until 1923 that Debye and Hiickel, (followed by Onsager in 1925) tried to
interpret these phenomena with their famous interionic attraction theory. This
theory was elaborated in a quantitative way and led to a number of important
discoveries in solution chemistry. For a fuller treatment textbooks of physical
chemistry should be consulted.* In the present text the theory is outlined only
to the extent necessary for the better understanding of phenomena occurring in
qualitative inorganic analysis.

The Debye-Hiickel-Onsager theory accepts the fact that in solutions of
strong electrolytes 1onization is complete. When at rest, i.e. when there is no
electrical potential difference applied on the electrodes, each ion is surrounded
by a symmetric ‘atmosphere’ of ions of the opposite charge. When a potential
difference is applied, the ions start to migrate towards the electrode with the
opposite charge, owing to electrostatic forces. The migration of an individual
ion is however far from being free of obstacles. According to the theory there are
two discernible causes to which the retardation of ions can be attributed. The
first of these is called the electrophoretic effect, and originates from the fact that
the ion under consideration has to move against a stream of ions of the opposite
charge moving towards the other electrode. As said before, these ions carry a
large number of associated water (or solvent) molecules, and the friction be-
tween these hydrated (solvated) ions retards their migration. The higher the

* Cf. Walter J. Moore’s Physical Chemistry. 4th edn., Longman 1966, p. 359 et f.
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concentration, the nearer are these ions to each other and the more pronounced
is this effect. The second, the asymmetry or (relaxation) effect, is the result of
the breakdown of the symmetrical atmosphere of oppositely charged ions
around the ion in question. As soon as the ion starts to move towards the
particular electrode, it leaves, the centre of the sphere of its ionic atmosphere,
leaving behind more ions belonging to the original sphere. For a while at
least an unsymmetrical distribution of ions will develop, those ions, which
are ‘left behind’ will electrostatically attract the ion in question. As this
force is exerted in just the opposite direction to that of motion, the migration of
the ion is slowed down. This effect is the more pronounced the more concentrated
the solution. If the electric circuit is broken, it takes some time for the arrange-
ment of ions to become symmetrical again (in other words, for relaxation to be
complete), and this time, called the time of relaxation, can be expressed
mathematically as the function of measurable parameters of the solution. It is
inversely proportional to the concentration.

The change of conductivity with dilution is therefore not attributed to changes
in the degree of dissociation, as suggested by Arrhenius, but to the variation of
the interionic forces outlined above. The molar conductivity, at a concentration
¢, can be expressed by the (simplified) equation:

A, = Ag—(4+BAg)./c

where A, is the limiting value of the molar conductivity at zero concentration.
A and B are constants (for a particular ion in a particular solvent at constant
temperature) and correspond to the asymmetry and electrophoretic effects
respectively. The great merits of the Debye—Hiickel-Onsager theory can be
judged from the fact that both 4 and B can be expressed with measurable para-
meters of the solution and with some natural constants, and that conductivities
calculated with this equation agree well with the experimental values, especially
if concentrations are not too high.

The ratio A,/A, in the modern theory of strong electrolytes, based on complete
ionization, no longer gives the degree of dissociation o for a strong electrolyte
(for which it should be equal to unity); it is more proper therefore to call it the
conductivity coeflicient or conductance ratio. It does give the approximate degree
of dissociation for weak electrolytes, but even here there are interionic forces
contributing towards a lessening of the conductivity, and a correction may be
applied with the aid of the Debye-Hiickel-Onsager theory.

I.13 CHEMICAL EQUILIBRIUM; THE LAW OF MASS ACTION One
of the most important facts about chemical reactions is that all chemical reactions
are reversible. Whenever a chemical reaction is initiated, reaction products are
starting to build up, and these in turn will react with each other starting a reverse
reaction. After a while a dynamic equilibrium is reached; that is as many mole-
cules (or ions) of each substance are decomposed as are formed in unit time.
In some cases this equilibrium is almost completely on the side of formation of
one or another substance, and the reaction thus seems to proceed until it
becomes complete. In other cases it might be the experimenter’s task to create
the circumstances under which the reaction, which otherwise would reach an
equilibrium, will become complete. This is often the case in quantitative
analysis.

The conditions of chemical equilibrium can most easily be derived from the
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L13 QUALITATIVE INORGANIC ANALYSIS

law of mass action.* This law was stated originally by Guldberg and Waage in
1867 in the following form: the velocity of a chemical reaction at constant
temperature is proportional to the product of the concentrations of the reacting
substances. Let us consider first a simple reversible reaction at constant
temperature:

A+B=2C+D
The velocity with which A and B react is proportional to their concentrations, or
v = k; x[A] x[B]

where k, is a constant known as the rate constant and the square brackets
indicate the molar concentration of the substance enclosed within the brackets.
Similarly, the velocity with which the reverse process occurs is given by

v, =k, x[C]x[D]

At equilibrium the velocities of the reverse and forward reactions are equal (the
equilibrium is a dynamic and not a static one) and therefore

Vi =V,
or
kyx[A]lx[B] = k, x[C]x[D]
By rearranging we can write
[C]x[D] _ ki _

[A]x[B] &,
K is the equilibrium constant of the reaction. Its value is independent of the
concentrations of the species involved; it varies slightly with temperature and
pressure.
The expression may be generalized for more complex reactions. For a
reversible reaction represented by the equation

VAA+vgB+vcC+ - 2 v L+yyM+yN

where v,, vg . .. etc. are the stoichiometric numbers of the reaction, the equi-
librium constant can be expressed as:

[LT=x[MPMx[N]™~. ..
[A]Ax [B]™=x[C]*...

Expressed in words: When equilibrium is reached in a reversible reaction at
constant temperature and pressure, the product of the molecular concentrations
of the resultants (the substances on the right-hand side of the equation), divided
by the product of the molecular concentrations of the reactants (the substances
on the left-hand side of the equation), each concentration being raised to the
power equal to the number of species of that substance taking part in the reaction,
is constant.

K =

* It must be emphasized that the conditions of chemical equilibrium can be derived and explained
most exactly on the basis of thermodynamics, that is without involving reaction rates at all. Text-
books of physical chemistry will of course contain the thermodynamical interpretation (cf. W. J.
Moore’s Physical Chemistry. 4th edn., Longman 1966, p. 167 et f.)
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The expression for the equilibrium constant given above gives us the clue to
the problem one often comes across in qualitative analysis: what to do in order
to make a reaction complete, in other words, to shift a chemical equilibriumin a
desired direction. To examine this problem, let us consider the reaction of
arsenate ions with iodide. If solutions of sodium arsenate, potassium iodide,
and hydrochloric acid are mixed, the solution turns yellow or brown, owing to
the formation of iodine. The reaction proceeds between the various ions present,
arsenite ions and water being formed simultaneously, and can be expressed
with the equation

AsO2™ +21" 42H* 2 AsO3~ +1,+H,0

Sodium, potassium, and chloride ions, added with the reagents, do not take
part in the reaction, and are therefore not included in the equation. This reaction
is reversible and leads to an equilibrium. Applying the law of mass action, we
can express the equilibrium constant of the reaction as

[AsO37] x [1,] x [H,0]
[AsO"Ix[I"]*x[H*]

Let us suppose we want to reduce all the arsenate to arsenite, that is we want to
shift the equilibrium towards the right-hand side of the equation. We can do
this in several ways. If we add for example more hydrochloric acid to the solution,
we can observe that the yellowish-brown colour deepens, that is more iodine is
formed. The explanation of this is obvious from the expression for the equi-
librium constant. When adding hydrochloric acid, we increased the hydrogen-
ion concentration of the solution; thus increasing the denominator in the
expression for the equilibrium constant. The equilibrium constant must remain
constant, and therefore the numerator of the expression must increase as well.
This can be achieved only by the increase of the individual concentrations in
the numerator, which means that more arsenite, iodine, and water must be
formed. In turn this means that the equilibrium has shifted towards the right-
hand side. The same will happen if we add more potassium iodide to the
solution. There are other ways however to achieve the same object. We can for
example remove the iodine formed during the reaction by evaporation or by
extraction in water-immiscible solvent. In this case the numerator of the
expression decreases, and in order to keep K constant, the denominator must
decrease also. This again means that more reactants are used up (and more
products are formed). Generally, we can say that a chemical equilibrium at
constant temperature and pressure can be shifted towards the formation of the
products either by adding more reactants, or by removing one of the products
from the (homogeneous) equilibrium system. In terms of reactions used in
qualitative analysis this means either the addition of reagents in excess, or the
removal of reaction products from the solution phase, by some means such as
precipitation, evaporation, or extraction.

From the argument above it follows that opposite action will shift the equi-
librium in the opposite direction. Thus, for example, adding more iodine to the
equilibrium system, or removing some of the hydrogen ions with a buffer, or
removing iodide ions by precipitating them with lead nitrate in the form of lead
iodide will shift the equilibrium towards the formation of arsenate.

A different way of shifting equilibria towards one or another direction is
based on the fact that the equilibrium constant depends on temperature and,

K =
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at least in some cases, on pressure. Heating is often applied when performing
qualitative analyses, though mainly in order to speed up the reactions (that is
to influence kinetics) rather than to influence the conditions of equilibrium.
In some cases cooling to low temperatures may achieve the object. For example,
the equilibrium constant of the reaction

Pb?* +21" 2 Pbl,(s)

varies with temperature in such a way that at lower temperatures the formation
of lead iodide is favoured. Thus, if we want to precipitate iodide quantitatively
with lead, besides adding the reagent in excess, we should perform the reaction
in the cold. The equilibrium of those reactions in solutions in which some of the
reactants or products are gases, may be influenced by varying the pressure above
the solution. Calcium carbonate precipitate for example can be dissolved by
introducing carbon dioxide gas in a closed vessel until the pressure in the vessel
increases to a few atmospheres, when the equilibrium

CaCOs(s)+ CO,(g)+ H,0 = Ca?* +2HCO;

shifts towards the formation of calcium hydrogen carbonate. For the same
reason, hydrogen sulphide gas is more effective if added at a slightly increased
pressure, than when bubbled through a solution in an open vessel. If, on the
other hand, the product of the reaction is a gas, the equilibrium can be shifted
easily towards the formation of the products by removing the gas at a reduced
pressure.

I.14 ACTIVITY AND ACTIVITY COEFFICIENTS In our deduction of
the law of mass action we used the concentrations of species as variables, and
deduced that the value of the equilibrium constant is independent of the con-
centrations themselves. More thorough investigations however showed that
this statement is only approximately true for dilute solutions (the approximation
being the better, the more dilute are the solutions), and in more concentrated
solutions it is not correct at all. Similar discrepancies arise when other thermo-
dynamic quantities, notably electrode potentials or chemical free energies are
dealt with. To overcome these difficulties, and still to retain the simple expres-
sions derived for such quantities, G. N. Lewis introduced a new thermodynamic
quantity, termed activity, which when applied instead of concentrations in these
thermodynamic functions, provides an exact fit with experimental results. This
quantity has the same dimensions as concentration. The activity, a,, of a species
A is proportional to its actual concentration [A], and can be expressed as

ay = fax[A]

Here f, is the activity coefficient, a dimensionless quantity, which varies with
concentration. For the simple equilibrium reaction, mentioned in Section 1.13

A+B=2C+D
the equilibrium constant can be expressed more precisely as
K= %X _ fe[C] xfb[D] - Jexfo 9 [C]x[D]
ayxag  falA]lxfa[B] faxfs  [Alx[B]

Activities, and thus activity coefficients, must be raised to appropriate powers,
just like concentrations, if the stoichiometric numbers differ from 1. Thus, for
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the general reversible reaction, dealt with in Section 1.13:
VAA+vgB+vcC+ - 2 v L+yM+yvwyN+ -
the equilibrium constant should be expressed more precisely as

art x ey x aQ’ x

T @A X alP X alf x
_ (LLD™ x (m[M])™ x (/[N])™ x

(fa[AD™ x (fa[BD™ x (f[CP*ex - -
LTSS x e [T M) x [N]™ x

WXSExfEx - [AP*x[B]® x [C] x

The activity coefficient varies with concentration. This variation is rather
complex; the activity coefficient of a particular ion being dependent upon the
concentration of all ionic species present in the solution. As a measure of the
latter, Lewis and Randall (1921) introduced the quantity called ionic strength, 7,
and defined it as the half sum of the products of the concentration of each ion
multiplied by the square of its charge. With mathematical symbols this can be
expressed as

=4 T ¢z}

where c; is the concentration of the ith component, and z; is its charge. Thus, if
a solution is 0-1 molar for nitric acid and 0-2 molar for barium nitrate, the
concentrations of each ion being
cy+ = 01 mol £7!
Cpaz+ = 02 mol £7!
tno; = 0:3mol £7!

and the charges

ZH* = l
ZBaz+ = 2
ZNO'; = l

for the same ions respectively, the ionic strength of the solution will be

I = Hcy+2fi+ + Cgaz + a2+ + Cno3ZN0)
=401x1402x4+03x1) =06
The correlation between activity coefficient and ionic strength can be deduced

from the quantitative relationships of the Debye-Hiickel-Onsager theory.
Without giving details of this deduction* it is interesting to quote the final result:

2
log f, = —0-43¢>N? /T660—n1%£)3‘z—3ﬁ x z2/1

In this expression e is the charge of the electron, N the Avogadro constant, R the
gas constant, p, the density of the solvent, ¢ the dielectric constant of the solvent,

* For details textbooks of physical chemistry should be consulted. Cf. W. J. Moore’s Physical
Chemistry. 4th edn., Longman 1966, p. 354 et f.
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and T the absolute temperature. Though the expression is rather complicated,
it is worth noting that it contains natural constants and some easily measurable
physical quantities. This shows the great merit of the Debye-Hiickel-Onsager
theory: it is able to provide a quantitative picture of the characteristics of
electrolyte solutions.

Inserting the adequate values of constants and physical quantities for dilute
aqueous solutions at room temperatures (7 = 298K) the expression can be

Table .5 Maean activity coefficients of various electrolytes

Molar 0-001 0-01 0-08 01 02 05 10 240
concentration

HCI 0-966 0904 0-830 0796 0-767 0758 0-809 1-01
HBr 0-966 0906 0-838 0-805 0782 0:790 0-871 1-17
HNO, 0-965 0:902 0-823 0-785 0:748 0715 0720 078
HIO, 096 0-86 0-69 0-58 0:46 0-29 019 010
H,SO, 0-830 0-544 0-340 0-265 0209 0-154 0-130 012
NaOH — — 0-82 — 073 069 0-68 070
KOH — 090 0-82 0-80 — 0-73 0-76 0-89
Ba(OH), — 0-712 0-526 0:443 0-370 — — —
AgNO, — 0-90 079 072 0-64 0-51 0-40 0-28
AI(NO,),; — — — 0-20 0-16 014 019 045
BaCl, 0-88 072 056 0-49 044 0-39 039 0-44
Ba(NO;), 0-88 071 0:52 0-43 0-34 — — —
CaCl, 0-89 0-73 057 0-52 0-48 052 071 —
Ca(NO,), 0-88 071 0-54 048 042 0-38 035 035
CdcCl, 076 047 0-28 0-21 015 009 0-06 —
CdsoO, 073 040 0-21 017 011 007 0-05 0-04
CuCl, 0-89 072 0-58 0-52 047 0-42 043 0-51
CuSO, 074 041 0-21 0-16 011 0-07 0-05 —
FeCl, 0-89 075 062 0-58 055 0-59 067 —
KF — 093 0-88 0-85 0-81 074 071 0-70
KCl 0965 0901 0-815 0-769 0-719 0651 0-606 0-576
KBr 0-965 0-903 0-822 0-777 0-728 0-665 0625 0-602
KI 0-965 0-905 0-84 0-80 0-76 071 0-68 069
KCIO, 0-967 0-907 0-813 0-755 — — — —
KCIO, 0-965 0-895 0-788 — — — — —
K,SO, 089 071 052 0-43 036 — — —
K4Fe(CN)g — — 019 0-14 011 067 — —
LiBr 0-966 0-909 0-842 0-810 0784 0-783 0-848 1-06
Mg(NO,), 0-88 071 055 0-51 0-46 0-44 0-50 0-69
MgSO, — 0-40 0-22 0-18 013 0-09 0-06 0-05
NH,CI 0-96 0-88 0-79 0-74 0-69 0-62 0-57 —
NH,Br 0:96 0-87 078 073 0-68 0-62 0-57 —
NH,I 0-96 0-89 0-80 076 071 0-65 0-60 —
NH,NO, 0-96 0-88 0-78 073 0:66 0:56 047 —
(NH,),SO, 0-87 0-67 048 0-40 0-32 022 016 —
NaF — 0-90 0-81 0-75 069 062 — —
NaCl 0-966 0-904 0-823 0-780 0730 0-68 0-66 0-67
NaBr 0-966 0914 0-844 0-800 0-740 0695 0686 0734
Nal 097 091 0-86 0-83 0-81 0-78 0-80 095
NaNO, 0-966 0-90 0-82 0-77 070 0:62 0-55 0-48
Na,S0, 0-89 071 0-53 0-45 0-36 0-27 020 —
NaClO, 097 0-90 0-82 0-77 072 0-64 0-58 —
PH(NO;), 0-88 0-69 0-46 0-37 027 017 011 —
ZnCl, 0-88 071 0-56 0-50 045 0-38 033 —
ZnSO, 0-70 0-39 — 015 011 007 0-05 0-04
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simplified to
log f; = —0-509z2./1

For the mean activity coefficient of a salt the expression
logf = —0509z,2z_/1

is valid, where z, and z_ are the charges of the cation and anion respectively.
The expression is applicable to solutions of low ionic strengths (up to I = 0-01)
in the strictest sense.

A number of mean activity coefficients are collected in Table 1.5. Activity
coefficients generally first decrease with increasing concentrations, then, after
passing through a minimum, rise again, often exceeding the value 1. This is
illustrated well on the diagrams of Fig. 1.5 where activity coefficients of some
electrolyte solutions are plotted against the square root of concentration.

f15F CaCl2
].4 -
HCI 13r
f 1 121
16F 11
15 Lia 10
14f 09
13+ 0-8H
12 07k
11k 061 §:Q,
10 05k
o9t 0-4r- BaCl,
0-8+ NaCl 0-3|
0.7+ 02}
0-6 01
05 | 1 ] 1 Ka 0 | L Na,S04
0 05 1:0 15 20 0 05 1-0 I-5
L‘l/z L'l/2
Fig. L5

Activity coefficients of non-ionized molecules do not differ appreciably from
unity. In dilute solutions of weak electrolytes the differences between activities
and concentrations (calculated from the degree of dissociation) is negligible.

From all that has been said about activity and activity coefficients, it is
apparent that whenever precise results are to be expected, activities should be
used when expressing equilibrium constants or other thermodynamic functions.
In the present text however we shall be using simply concentrations. For the
dilute solutions of strong and weak electrolytes that are mainly used in quali-
tative analysis, errors introduced into calculations are not considerable.

C. CLASSICAL THEORY OF ACID-BASE REACTIONS

1.15 ACIDS, BASES, AND SALTS Inorganic substances can be classified
into three important groups: acids, bases, and salts.
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An acid is most simply defined as a substance which, when dissolved in water,
undergoes dissociation with the formation of hydrogen ions as the only positive
ions. Some acids and their dissociation products are as follows:

HCl 2 H* +CI-
hydrochloric acid chloride ion
HNO,; 2 H* +NO;3
nitric acid nitrate ion
CH,COOH = H* + CH;CO0"
acetic acid acetate ion :
Actually, hydrogen ions (protons) do not exist in aqueous solutions. Each

proton combines with one water molecule by coordination with a free pair of
electrons on the oxygen of water, and hydronium ions are formed:

H* +H,0 —» H,0*

The existence of hydronium ions, both in solutions and in the solid state has
been proved by modern experimental methods. The above dissociation reactions
should therefore be expressed as the reaction of the acids with water:

HCl+H,0 2 H,0* +CI”
HNO;+H,0 2 H;0* +NO3
CH,COOH +H,0 2 H;0" + CH;CO0~

For the sake of simplicity however we shall denote the hydronium ion by H*
and call it hydrogen ion in the present text.

All the acids mentioned so far produce one hydrogen ion per molecule when
dissociating; these are termed monobasic acids. Other monobasic acids are:
perchloric acid (HCIO,), hydrobromic acid (HBr), hydriodic acid (HI) etc.

Polybasic acids dissociate in more steps, yielding more than one hydrogen
ion per molecule, Sulphuric acid is a dibasic acid and dissociates in two steps:

H,S0O, = H* + HSO;
HSO; =@ H* +S0;~

yielding hydrogen sulphate ions and sulphate ions after the first and second
step respectively. Phosphoric acid is tribasic:

H,PO, = H* +H,PO;
H,PO; = H* +HPO?"
HPOZ™ = H* +PO3-

The ions formed after the first, second, and third dissociation step, are termed
dihydrogen phosphate, (mono)hydrogen phosphate, and phosphate ions
respectively.

The degree of dissociation differs from acid to acid. Strong acids dissociate
almost completely at medium dilutions (cf. Section 1.10), these are therefore
strong electrolytes. Strong acids are: hydrochloric, nitric, perchloric acid, etc.
Sulphuric acid is a strong acid as far as the first dissociation step is concerned,
but the degree of dissociation in the second step is smaller. Weak acids dissociate
only slightly at medium or even low concentrations (at which, for example, they
are applied as analytical reagents). Weak acids are therefore weak electrolytes.
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Acetic acid is a typical weak acid; other weak acids are boric acid (H;BO;),
even as regards the first dissociation step, carbonic acid (H,CO;) etc. Phosphoric
acid can be termed as a medium strong acid on the basis of the degree of the
first dissociation; the degree of the second dissociation is smaller, and smallest
is that of the third dissociation. There is however, no sharp division between
these classes. As we will see later (cf. Section I.16) it is possible to express the
strength of acids and bases quantitatively.

A base can be most simply defined as a substance which, when dissolved in
water, undergoes dissociation with the formation of hydroxyl ions as the only
negative ions. Soluble metal hydroxides, like sodium hydroxide or potassium
hydroxide are almost completely dissociated in dilute aqueous solutions:

NaOH = Na* +OH~
KOH 2 K*+OH~

These are therefore strong bases. Aqueous ammonia solution, on the other
hand, is a weak base. When dissolved in water, ammonia forms ammonium
hydroxide, which dissociates to ammonium and hydroxide ions:

NH;+H,0 2 NH,OH & NH; + OH™
It is however more correct to write the reaction as

NH; +H,0 2 NH; +OH"~

Strong bases are therefore strong electrolytes, while weak bases are weak
electrolytes. There is however no sharp division between these classes, and, as
in the case of acids, it is possible to express the strength of bases quantitatively.

According to the historic definition, salts are the products of reactions
between acids and bases. Such processes are called neutralization reactions.
This definition is correct in the sense that if equivalent amounts of pure acids
and bases are mixed, and the solution is evaporated, a crystalline substance
remains, which has the characteristics neither of an acid nor of a base. These
substances were termed salts by the early chemists. If reaction equations are
expressed as the interaction of molecules,

HCl+NaOH — NaCl+H,0
acid base  salt

the formation of the salt seems to be the result of a genuine chemical process.
In fact however this explanation is incorrect. We know that both the (strong)
acid and the (strong) base as well as the salt (cf. Section 1.10) are almost com-
pletely dissociated in the solution, viz.

HCl e H* +CI™
NaOH 2 Na* +OH™
NaCl 2 Na* +ClI~-

while the water, also formed in the process, is almost completely undissociated.
It is more correct therefore to express the neutralization reaction as the chemical
combination of ions:

H*+Cl" +Na*+OH~ —» Na* +Cl~ + H,0

In this equation, Na* and C1~ ions appear on both sides. As nothing has there-
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fore happened to these ions, the equation can be simplified to
H*+OH™ - H,0

showing that the essence of any acid-base reaction (in aqueous solution) is the
formation of water. This is indicated by the fact, among others, that the heat of
neutralization is approximately the same (569 kJ) for the reaction of one mole
of any monovalent strong acid and base. The salt in the solid state is built up
of ions, arranged in a regular pattern in the crystal lattice. Sodium chloride, for
instance, is built up of sodium ions and chloride ions so arranged that each ion
is surrounded symmetrically by six ions of the opposite sign; the crystal lattice
is held together by electrostatic forces due to the charges of the ions (cf. Fig. 1.4).

Amphoteric substances, or ampholytes, are able to engage in neutralization
reactions both with acids and bases (more precisely, both with hydrogen and
hydroxyl ions). Aluminium hydroxide, for example, reacts with strong acids,
when it dissolves and aluminium ions are formed:

Al(OH);(s)+3H* —» AI** +3H,0

In this reaction aluminium hydroxide acts as a base. On the other hand,
aluminium hydroxide can also be dissolved in sodium hydroxide:

Al(OH),(s)+OH™ - [AI(OH),]"

when tetrahydroxoaluminate ions are formed. In this reaction aluminium
hydroxide behaves as an acid. The amphoteric behaviour of certain metal
hydroxides is often utilized in qualitative inorganic analysis, notably in the
separation of the cations of the third group.

1.16 ACID-BASE DISSOCIATION EQUILIBRIA. STRENGTH OF ACIDS
AND BASES The dissociation of an acid (or a base) is a reversible process to
which the law of mass action can be applied. The dissociation of acetic acid,
for example, yields hydrogen and acetate ions:

CH,;COOH = CH,;COO™ +H*

Applying the law of mass action to this reversible process, we can express the
equilibrium constant as

K = [H*][CH;CO0™]

"~ [CH;COOH]
The constant K is termed the dissociation equilibrium constant or simply the
dissociation constant. Its value for acetic acid is 1:76 x 1075 at 25°C.

In general, if the dissociation of a monebasic acid HA takes place according
to the equilibrium

HA 2 H"+A~

the dissociation equilibrium constant can be expressed as

[H*]x[A]
K=""Tua1
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The stronger the acid, the more it dissociates, hence the greater is the value
of K, the dissociation equilibrium constant.

Dibasic acids dissociate in two steps, and both dissociation equilibria can be
characterized by separate dissociation equilibrium constants. The dissociation
of the dibasic acid H,A can be represented by the following two equilibria:

H,A = H* +HA"
HA- 2 H* +A?%"

Applying the law of mass action to these processes we can express the two
dissociation equilibrium constants as

[H*]x [HA]
K= imAT
and
_ [H*]x[A?"]
Ko ="—aa71

K, and K, are termed first and second dissociation equilibrium constants
respectively. It must be noted that K, > K,, that is the first dissociation step
is always more complete than the second.

A tribasic acid H; A dissociates in three steps:

H,A 2 H* +H,A~
H,A™ = H* +HA?"
HA2™ 2 H* +A%"

and the three dissociation equilibrium constants are

« _ [HI[H:A]
' [HAL
_ [H'][HA*]
BT AT
_ [HT][A]
B AT

for the first, second, and third steps respectively. It must again be noted that
K, > K, > K, that is the first dissociation step is the most complete, while the
third is the least complete.

Similar considerations can be applied to bases. Ammonium hydroxide (i.e.
the aqueous solution of ammonia) dissociates according to the equation:

NH,OH =2 NH; +OH~
The dissociation equilibrium constant can be expressed as

« — [NH{1x [OH"]
"~ [NH,OH]
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The actual value of this dissociation constant is 1:79 x 1075 (at 25°C). Generally,
if a monovalent base BOH* dissociates as

BOH = [B*]+[OH™]
the dissociation equilibrium constant can be expressed as
« _ [B"1x[OH"]
[BOH]

It can be said again that the stronger the base the better it dissociates, and there-
fore the larger the value of the dissociation equilibrium constant.

The exponent of the dissociation equilibrium constant, called pK, is defined
by the equations

1
K= —1 = log —
p ogK g &

Its value is often quoted instead of that of K. The usefulness of pK will become
apparent when dealing with the hydrogen-ion exponent or pH.

We saw already that the value of the dissociation constant is correlated with
the degree of dissociation, and so with the strength of the acid or base. The
degree of dissociation depends on the concentration, and therefore it cannot
be used to characterize the strength of the acid or base without stating the
circumstances under which it is measured. The value of the dissociation
equilibrium constant, on the other hand, is independent of the concentration
(more precisely of the activity) of the acid, and therefore provides the most
adequate quantitative measure of the strength of the acid or base. A selected
list of K and pK values is given in Table 1.6. Accurate values for strong acids do
not appear in the table, because their dissociation constants are so large that
they cannot be measured reliably.

The values of dissociation constants can be used with advantage when
calculating the concentrations of various species (notably the hydrogen-ion
concentration) in the solution. A few examples of such calculations are given
below: :

Example 1 Calculate the hydrogen-ion concentration in a 0-01M solution
of acetic acid.
The dissociation of acetic acid takes place according to the equilibrium:

CH,;COOH 2 H* +CH,;C00"~
the dissociation equilibrium constant being
[H*]x[CH;CO07] _

K = =1 0— 5
[CH,COOH] 175 %1

* Organic amines behave like monovalent weak bases. Their behaviour can be explained along
similar lines as the basic character of ammonia. The general formula of a monoamine is R-NH,
(where R is 2 monovalent organic radical), showing that one hydrogen of the amumonia is replaced
by the radical R. When dissolved in water, amines hydrolyse and dissociate as

RNH, + H,0 = RNH,OH =2 RNH; +OH"

and the law of mass action can be applied to this dissociation just like for that of ammonia. For
more detailed account see 1. L. Finar’s Organic Chemistry, Vol. 1. The Fundamental Principles.
5th edn., Longman 1967, p. 343 et f.
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Table 1.6 Dissociation constants of acids and bases

Acid °C Dissocfation K pK
step

Monobasic acids

HCI 25 1 ~107 ~—7
HBr 25 1 ~10° ~—9
HIl 25 1 ~3x10° ~—9.48
HF 25 1 67x10"* 317
HCN 18 1 479 x10"1° 3-32
HCNO 25 1 2:2x10°% 3-66
HCNS 25 1 1-42x 10! 0-85
HCIO 15 | 32x10°8 7-49
HCIO, 25 1 49x10°3 2-31
HIO 25 | 2x 10710 9-70
HNO, 20 1 7x10"4 315
HNO, 30 1 22 —1-34
CH;COOH 20 1 1175x10°5 476
HCOOH 20 1 1177 x10"* 3-75
CH,Cl—COOH 20 1 1139 x 1073 2-86
CHC1,—COOH 25 1 51x10"2 1-29
C¢H,OH 20 1 1:05x 10~ 1° 9-98
C¢H,COOH 20 1 624x10°3 4-20
C,H,COOH 20 1 1:34x 1073 4-87
Dibasic acids
H,CO, 25 | 4-31x10°7 637
25 2 561 x 10~ 11! 10-25
H,S 20 1 9-1x10°8 7-04
20 2 112x10715 14-92
H,S0, 18 1 1:66 x 10~ 2 1-78
18 2 1:02x 10~2 199
H,SO, 20 1 ~4x10"1 04
2 1127x10°2 19
(COOH), 20 1 2:4x10°2 1-62
20 2 54x10"°% 4-27
C4H¢O4¢ 20 1 9:04 x 10~* 3-04
(tartaric acid) 2 425x10°3 4-37
Tribasic acids
H,AsO, 18 1 562x10°3 225
18 2 170 x 1077 677
18 3 2:95x 10712 11-:53
H,BO, 20 1 527 x 10~ 10 9-28
20 2 1-8x 10713 12:74
20 3 16 x 10~ 14 13-80
H,PO, 20 1 7-46 x 10~3 2:13
20 2 612x10°8 721
20 3 48x10°13 1232
CsHzO, 20 1 721 x 10™* 314
(citric acid) 20 2 1-70x 10~ % 477
20 3 4-09 x 103 4-39
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Table 1.6 Dissociation constants of acids and bases

Acid °C Dissoclation K pK
step
Bases
NaOH 25 1 ~4 —0-60
LiOH 25 1 665x1071! 018
NH,OH 20 1 171 x 1073 477
Ca(OH), 25 1 4x%10°2 1-40
25 2 3-74x 1073 2:43
Mg(OH), 25 2 2:6x1073 2-58
CH,—NH, 20 1 417x10"* 3-38
(CH;),—NH 20 1 569 x 10" 324
(CH;);=N 20 1 5-75x10°3 424
C,H,—NH, 20 | 3-02x10°* 3:52
(C;Hy,),=—NH 25 1 8:57x10°* 3:07
(C,H,);=N 25 1 56x10"* 3-25
C¢H,—NH, 20 1 4x10°1° 9-40
(aniline)
CsH;N 20 1 1115x10°° 8:94
(pyridine)
CoH,N 20 1 59x10°1° 9-23
(quinoline)

Neglecting the small amounts of hydrogen ions originating from the dissociation
of water (cf. Section 1.18), we can say that all hydrogen ions originate from the
dissociation of acetic acid. Hence the hydrogen-ion concentration is equal to
the concentration of acetate ions:

[H*] = [CH,COO"]

Some of the acetic acid in the solution will remain undissociated, while some
molecules dissociate. The total concentration ¢ (0-01M) of the acid is therefore
the sum of the concentration of undissociated acetic acid and that of acetate
ions:

¢ = [CH;COOH]+[CH,COO~] = 001
These equations can be combined into
[H']?
c—[H*]
Rearranging and expressing [H* ] we obtain
— 2 .
[H*] = K+\/2K +4cK @
Inserting K = 1-75x 1073 and ¢ = 0-01 we have

K =

—175x 1075 4.,/3-:06 x 10 1°+7 x 1077
2

(The second root of equation (i) with a minus sign in front of the square root
leads to a negative concentration value, which has no physical meaning.)

[H*] = =410x10"*mol £~!
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From this example we can see that in a 0-01M solution of acetic acid only about
4 % of the molecules are dissociated.

Example 2 Calculate the concentrations of the ions HS™ and S?>” in a
saturated solution of hydrogen sulphide.
A saturated aqueous solution of hydrogen sulphide (at 20°C and 1 atm
pressure) is about 0- 1M, (the precise figure is 01075 mol £~ ). The dissociation
constants of hydrogen sulphide are

[H*]x[HS"]

K, = [H,S] = 873x1077 @)
and
K, = %? = 363x10712 (i1)

(for 20°C). As the second dissociation constant is very small, the value of [S?™]
is exceedingly small. Thus only the first ionization step may be taken into
consideration, when the correlation

[H*] = [HS™] (iii)
holds. Because of the small degree of even the first ionization, the total con-

centration (0-1 mol £7!) can be regarded as equal to the concentration of
undissociated hydrogen sulphide:

[H,S] = 01 (iv)
Combining equations (i), (iii), and (iv) we have

[HS™] = /K [H,S] = ./873x 1077 x0'1 = 2:95x 10~*

and the combination of (ii) and (iii) yields the value of [S?7]:

- [HS™] -
[82 :' = KZ [H+:| = KZ = 363x10 12
If one multiplies equations (i) and (ii) together and transposes
- 317x10718
§2- =212 Y
[ ] [H+:|2

one finds that the concentration of sulphide ions is inversely proportional to the
square of hydrogen-ion concentration. Thus, by adjusting the hydrogen-ion
concentration by adding an acid or a base to a solution, the concentration of
sulphide ions can be adjusted to a predetermined, preferential value. This
principle is used in the separation of metal ions of the 2nd and 3rd groups.

1.17 EXPERIMENTAL DETERMINATION OF THE DISSOCIATION
EQUILIBRIUM CONSTANT. OSTWALD’S DILUTION LAW The dis-
sociation equilibrium constant and the degree of dissociation at a given con-,
centration are interlinked. To find this correlation let us consider the dissociation
of a weak monobasic acid. The dissociation reaction can be written as

HA=2H"+A"
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with the dissociation equilibrium constant
[H']x[A] 0
[HA]

The total concentration of the (undissociated plus dissociated) acid is ¢, thus
the correlation

¢ = [HA]+[A] (i1)

holds. The degree of dissociation is «. The concentration of hydrogen ions and
that of the dissociated anion will be equal, and can be expressed as

[H*]=[A"] = ca (iii)
Combining equations (i), (i1), and (iii) we can write

K =

ca Xca _ co?

K= =
c—ca l—o

or, using the notation V for the dilution of the solution
V= % (in £ mol™! units)

the equilibrium constant can be written as

az

V(l—o)

If ¢ or V is known and « is determined by one of the experimental methods
mentioned in Section 1.10, K can be calculated by these equations. These
equations are often referred to as Ostwald’s dilution law, as they express the
correlation between dilution and the degree of dissociation. As the latter is
proportional to the molar conductivity of the solution, the above correlation
describes the particular shapes of the conductivity curves shown in Fig. 1.3.
The way in which dissociation constants are obtained from experimental
data is illustrated in Table 1.7, in which the dissociation equilibrium constant
of acetic acid is computed from molar conductivities. The average value

K=

Table 1.7 Calculation of the dissoclation equilibrium
constant of acetic acid from measured values of molar

conductivity
Concentration A a K x10°
x 103
1-873 102-5 0264 1-78
5-160 6595 0170 1-76
9-400 50-60 0130 1-83
24-78 3194 0-080 1-82
38:-86 2578 0:066 1-83
56:74 21-48 0-055 1-84
68:71 19-58 0-050 1-84
92:16 1699 0-044 1-84
112-2 15:41 0-040 1-84
0 3886 — —
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(1-82x 107%) of the equilibrium constant agrees well with the true value
(1-78 x 10™% at 25°C).

1.18 THE DISSOCIATION AND IONIC PRODUCT OF WATER
Kohlrausch and Heidweiller (1894) found, after careful experimental studies,
that the purest water possesses a small, but definite conductance. Water must
therefore be slightly ionized in accordance with the dissociation equilibrium:
H,0 2 H* +OH"™
Applying the law of mass action to this dissociation, we can express the
equilibrium constant as
[H*]x[OH"]
[H0]
From the experimental values obtained for the conductance of water the value
of K can be determined: this was found to be 1:82 x 10716 at 25°C. This low
value indicates that the degree of dissociation is negligible; all the water can
therefore in practice be regarded as undissociated. Thus the concentration of
water (relative molecular mass = 18) is constant, and can be expressed as
1000
18
We can therefore collect the constants to one side of the equation and can write
K, =[H*]x[OH™] = 1:82x 107 !1¥x 556 = 1-:01 x 107'* (at 25°C)
the new constant, K, is called the ionic product of water. Its value is dependent

K =

[H,0] = = 556 mol ¢!

Table 1.8 The ionic product of water at various

temperatures
Temperature K, x 10'* Temperature K, x 104
°C) (°C)
0 012 35 2:09
5 019 40 2:92
10 029 45 4:02
15 045 50 5-48
20 068 55 7-30
25 1-01 60 9-62
30 1-47 — —

on temperature (cf. Table 1.8); for room temperature the value
K, =107

is generally accepted and used.

The importance of the ionic product of water lies in the fact that its value can
be regarded as constant not only in pure water, but also in diluted aqueous
solutions, such as occur in the course of qualitative inorganic analysis. This
means that if, for example, an acid is dissolved in water, (which, when dis-
sociating, produces hydrogen ions), the concentration of hydrogen ions can
increase only at the expense of hydroxyl-ion concentration. If, on the other
hand, a base is dissolved, the hydroxyl-ion concentration increases and
hydrogen-ion concentration decreases.
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119 QUALITATIVE INORGANIC ANALYSIS

We can define the term neutral solution more precisely along these lines.
A solution is neutral if it contains equal concentrations of hydrogen and
hydroxyl ions; that is if

[H*] = [OH"]

In a neutral solution therefore

[H*] = [OH ] = JK, = 107" mol £
In an acid solution the hydrogen-ion concentration exceeds this value, while in
an alkaline solution the reverse is true. Thus

in an acid solution ~[H*] > [OH™] and [H*] > 107~
in an alkaline solution [H*] < [OH™] and [H*] < 107’

In all cases the acidity or alkalinity of the solution can be expressed in
quantitative terms by the magnitude of the hydrogen-ion (or hydroxyl-ion)
concentration. It is sufficient to use only one of these for any solution; knowing
one we can calculate the other using the equation

N 10—14
[H'] = ror

In a M solution of a strong monobasic acid (supposing that the dissociation
is complete) the hydrogen-ion concentration is 1 mol £~. On the other hand,
inam solutxon of a strong monovalent base the hydroxyl ion concentratlon
is 1 mol £~!, thus the hydrogen-ion concentration is 107!* mol £~!. The
hydrogen-ion concentration of most of the aqueous solutions dealt with in
chemical analysis (other than concentrated acids, used mainly for dissolution
of samples), lies between these values.

1.19 THE HYDROGEN-ION EXPONENT (pH) In the practice of chemical
analysis one frequently deals with low hydrogen-ion concentrations. To avoid
the cumbersome practice of writing out such figures with factors of negative
powers of 10, Sérensen (1909) introduced the hydrogen-ion exponent or pH,
defined by the relationship:
—— +7 — L +7 —pH
pH log [H] IOg[H"] or [H"] =10

Thus, the quantity pH is equal to the logarithm of the hydrogen-ion concen-
tration* with negatlve sign, or the logarithm of the reciprocal hydrogen-ion
concentration. It is very convenient to express the acidity or alkalinity of a
solution by its pH. From the considerations of Section I.18 it follows that the
pHs of aqueous solutions will in most cases lie between the values of 0 and 14.
In a 1M solution of a strong monobasic acid

pH = —logl =0
while the pH of a 1M strong monovalent base is
pH = —log 107! = 14

* more precisely: hydrogen-ion activity, i.e.

pH = —logay. or ay. = 107%"
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If a solution is neutral,
PH = —log 1077 =7
From the above definition it follows that

for an acid solution pH < 7
for an alkaline solution pH > 7

The term pOH is sometimes used in an analogous way for the hydroxyl-ion
exponent, that is

pOH = —log[OH™] = logﬁ)I{I—_] or [OH™] = 1077%H
For any aqueous solution the correlation

pH+pOH = 14
holds.

Figure 1.6 will serve as a useful mnemonic for the relation between [H*],
PH, [OH™], and pOH in acid and alkaline solutions.

H*] 1009107 1072 107 107* 107 107° 1077 10°% 107 107 1077 10712 1071 107
PH 0 1 2 3 4 5 6 7 8 9 10 I 1213 14

pOH 14 13 1211 10 9 8 7 6 5 4 3 2 1 0
[OH] 107 107 1072 10™ 1071°107° 1072 1077 107% 1075 107* 107% 1072 107'1(10°%)

Acid Alkaline
Neutral

Fig.L6

Example 3 Calculate the pH of a solution of 0-01m acetic acid (cf. Example 1
in Section 1.16).
In Example 1 we found that the hydrogen-ion concentration is
[H*] = 410x 1074 mol £~!
Thus,
pH = —log(410x 10"%) = —(log410+1log10™4) = —(0-61 —4) = 3-39
Example 4 Calculate the molarity of an ammonia solution with a pH
of 10-81.
The dissociation of ammonium hydroxide takes place according to the
equilibrium
NH,OH 2 NH} +OH~ ()
with the dissociation equilibrium constant (cf. Table 1.6):
[NHZ]x[OH"] P
K, = =171 x10
b [NH,OH] X

(i)
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In a solution of pure ammonia the concentrations of ammonium and hydroxyl
ions are equal (cf. (1) above)

[NH;] = [OH"] (il
The unknown concentration, ¢, of ammonia is equal to the sum of the con-
centrations of the ammonium ions and the undissociated ammonia

¢ = [NH;]+[NH,OH] (iv)
Finally, we have the correlation
[H*]x[OH"] = 10714 )

valid for all dilute aqueous solutions.
From the definition of pH

pH = —log[H"] vi)
we can calculate the hydrogen-ion concentration in the following way:
pH = 1081 = —log[H*] = —(0:'19—11)
[H*] = 1-55x 107!
From equation (v) the hydroxyl-ion concentration can be calculated

- 10714 10714 —a -1 "
[OH"] = [0 = l-55><10'“=6'45><10 mol £ (vii)
Equations (ii), (iii), and (iv) can be combined to
[OH"?
c—[OH™]
from which ¢ can be expressed as
_ [OH™ >+ K,[OH™]
Ky

+ [OH™]

b
4 4\2
= (iléﬂ—x%(:)—_s)—%uxlo-

Kb=

_ [OH]?

=2495%x107%2 ~ 2:5%x 1072

Thus the solution is 0-025 molar.

The method using the exponent rather than the quantity itself has been found
useful for expressing other small numerical quantities which arise in qualitative
analysis. Such quantities include (cf. Section 1.16) (i) dissociation constants and
(ii) other ionic concentrations.

(i) For any acid with a dissociation constant K,

I
= —log K, = log —
PK, = —log K, = log -
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Similarly, for any base with a dissociation constant Ky,
1
K, = —log K, = log—
PRy 0g Ky 0g K,

Example 5 The dissociation constant of acetic acid is 175 x 1075 (at 20°C).
Calculate its pK, value.
pK, = —logK, = —log 1'75x 1075
—(log 175 x1og 10~ %)
= —(024-5) = 475
Example 6 The pK, value of dimethylamine is 3-24 (at 20°C). Calculate
the K, dissociation constant.
pKy, = —log K, = 324 = 4-076 = —(0:76—4)
log K, = 0:76—4
K, = num log(0:76—4) = 576 x 10™*

The correct value (cf. Table 1.6) is 5.69 x 107%. The difference comes from the
fact, that pK values are usually rounded off to the third significant figure. (The
accurate value of pK;, would be 3:24489.)

(ii) For any ion I of concentration [I]
1
pl = —log[I] = log —
(1]
Example 7 Find the pNa value of a solution in which [Na'] =
8x 107> mol £71.

pNa = —log[Na*] = —(log8x107%) = —(log 8+log 107%)
—(0:90—5) = 410.

1.20 HYDROLYSIS When salts are dissolved in water, the solution is not
always neutral in reaction. The reason for this phenomenon is that some of the
salts interact with water; hence it is termed hydrolysis. As a result, hydrogen or
hydroxyl ions remain in the solution in excess, the solution itself becoming acid
or basic respectively. .

In order to understand the phenomenon of hydrolysis better, it is useful to
examine the behaviour of four categories of salts separately. All existing salts
fall into one of the following categories:

1. Those derived from strong acids and strong bases, e.g. potassium chloride.

I1. Those derived from weak acids and strong bases, e.g. sodium acetate.

II1. Thosederived from strongacidsand weak bases, e.g. ammonium chloride.

IV. Those derived from weak acids and weak bases, e.g. ammonium acetate.

These groups behave differently with respect to hydrolysis.

I. Salts of strong acids and strong bases, when dissolved in water, show
a neutral reaction, as neither the anion nor the cation combines with hydrogen
or hydroxyl ions respectively to form sparingly dissociated products. The
dissociation equilibrium of water

H,0 2 H*+OH"™
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is therefore not disturbed. The concentration of hydrogen ions in the solution
equals that of hydroxyl ions; thus, the solution reacts neutral.

II. Salts of weak acids and strong bases, when dissolved in water, produce
a solution which reacts alkaline. The reason for this is that the anion combines
with hydrogen ions to form a sparingly dissociated weak acid, leaving hydroxyl
ions behind. In a solution of sodium acetate for example the following two
equilibria exist:

H,0 2 H* +OH"™

CH;COO™ +H* 2 CH;COOH

Thus, the hydrogen ions, formed from the dissociation of water, will partly

combine with acetate ions. The two equations can therefore be added, which
results in the overall hydrolysis equilibrium:

CH,COO™ +H,0 « CH;COOH +OH~

In the solution, hydroxyl ions will be in excess over hydrogen ions, and the
solution will react alkaline.

In general, if the salt of a monobasic weak acid HA is dissolved in water,
the A~ anion will combine with hydrogen ions to form the undissociated acid:

A"+H" 2 HA )
The hydrogen ions are produced by the dissociation of water:
H,0 2 H* +OH" (ii)

Although the dissociation of pure water is almost negligible, when dissolving
the salt, more and more water molecules become ionized, because the removal
of hydrogen ions from equilibrium (ii) will, according to the law of mass action,
shift the equilibrium to the right. The two equilibria can be combined by
addition into

A”+H,0 @ HA+OH"™ (iii)

The equilibrium constant of this process is called the hydrolysis constant,
and can be written as:

[HA"][OH"]

Ky = ——
(A7]

The concentration of water, as in the case of its dissociation equilibrium, can
be regarded as constant and can therefore be involved in the value of the K,
hydrolysis constant. The greater the value of K, the greater is the degree of
hydrolysis and the more alkaline the solution.

Values of the hydrolysis constant need not be measured and tabulated

separately, because they are correlated to the dissociation constants of the
weak acid (cf. equation (1)) and the ionization constant of water (cf. equation (ii)):

(iv)

_[H'][AT]
BT AT ©
and
K, = [H*][OH] (vi)
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Dividing (vi) by (v) we have

% - K, = LP_I_‘_\%%H__] (vii)

Thus, the hydrolysis constant is equal to the ratio of the ionization constants of
water and of the acid.

The degree of hydrolysis can be defined as the fraction of each mole of the
anion hydrolysed in the equilibrium. If ¢ is the total concentration of the anion
(i.e. of the salt) and x is the degree of hydrolysis, the actual concentrations of the
species involved in the hydrolysis equilibrium are as follows:

[OH™] = xc
[HA] = xc
[AT] = c—cx = c(1—x)
With these values the hydrolysis constant can be expressed as

2
cx
K. =
[l p (viii)
By rearranging equation (viii) we can express the degree of hydrolysis as
K K2 K, .
SRy Wiz T (ix)
If x is small (2-5 per cent), equation (viii) reduces to
K, = x“c
from which
K, .
x=\/—= (ixa)

The hydrogen-ion concentration of a solution obtained by dissolving ¢ moles
of a salt per litre can be calculated easily. From the stoichiometry of equilibrium
(iii) it follows that, if the amount of hydroxyl ions originating from the self-
dissociation of water is negligible, the hydroxyl-ion concentration and the
concentration of the undissociated acid are equal:

[OH] = [HA] x)

If the degree of hydrolysis is not too great, the total concentration, c, of the salt
is equal to the concentration of the anion:

[A7]=¢ (xi)

Combining equations (iv), (x), and (xi) we can express the hydrolysis constant as
H™]? .

Kh = LQ—E—:L (xu)

Now we can combine this expression with expressions (v) and (vi), when the
hydrogen-ion concentration of the solution can be expressed as follows:

KK,

W

K,
a _ -7 _B
= 10 \/c (xiii)
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It is easier to memorize the expression of pH, obtained by logarithmization of
equation (xiii):
pH = T+4pK,+}log c (xiv)
Example 8 Calculate the hydrolysis constant, the degree of hydrolysis,
and the hydrogen-ion concentration and pH of a 0 1M solution of sodium acetate
at room temperature,
From Table 1.6 K, = 1'75x 1073, pK, = 476.
The hydrolysis constant can be calculated from equation (vii):

-14
K, = —II%:— = ——«—1'715())( =5 = 572x 10710
The degree of hydrolysis is calculated from equation (ix):
K K
x= -5t 4c2 -
_572x1071° \/3-28>< 1071  572x1071°
2x01 4 x0-01 01
x = T756x10"3

Thus the degree of hydrolysis is slight, only 0-0075 per cent. The same result is
obtained therefore from the simplified expression (ixa):

/s. -10
X = 5&-_: S_Bﬁo_..=7.56x10-5
c 01

The hydrogen-ion concentration is obtained from equation (xiii):

. 0—5
e o107/ 10 [TXIO
c 0-1

The pH of the solution is
pPH = —log 1'132x107° = —(0-12—9) = 888
The same result is obtained from equation (xiv):

pH = 7T+3ipK,+3logc = 7+4—27§—- = 888
Example 9 Calculate the hydrolysis constant, the degree of hydrolysis, and
the pH of a 0-1M solution of sodium sulphide.
From Table 1.6 the two ionization constants for hydrogen sulphide are
K. =91x107%; pK,, = 704 and K,, = 12x107'%; pK,, = 1492.
The hydrolysis of sulphide ions take place in 2 steps:
S?"+H,0 2 HS” +OH"~ (Ku1)
HS_+H20 p=4 HZS+OH_ (Khz)
The two hydrolysis constants for the two steps are calculated from equation
(vii):
K 10714
MUK, 12x107T3 833
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and
K, 107"
K, 91x10°¢8

Since K, » K, the second hydrolysis step can be neglected in the calculations.
The degree of hydrolysis is calculated from equation (ix):

Ky, = =110x 1077

_ Khyl Klzll Khl_ 8'33 69'44 833
T T Ve = " 2x01t Vo0s T o1

x = 0988 or 99 per cent

Because of this high degree of hydrolysis, the simplified equation (ixa)
cannot be used any more.

Example 10 Calculate the degree of hydrolysis and the pH of a 0-1m
solution of (a) sodium carbonate and (b) sodium hydrogen carbonate.
From Table 1.6 for H,CO,; K,, = 431x1077; pK,, = 637 and K,, =
561 x107!; pK,, = 10-25.
(a) The hydrolysis of the carbonate ion takes place in two stages:
CO3™ +H,0 2 HCO3 +OH~ (Kqy)
and
HCO; +H,0 2 H,CO;+OH™  (Kj2)

The two hydrolysis constants for the two steps are calculated from equation
(vii):

K, 10~ 14
=¥ =" =] -4
K = &~ = Sgrxi0-11 ~ 179x10
and
-14
Ky, = K 10 =232x10"8

K,, 431x107

Again K,,; » K, meaning that the second hydrolysis step can be neglected in
the calculations. The degree of hydrolysis can be calculated from equation (ix) :

o _Kmo o JKa K

2c 4c? c

_1:79x107* f-zoxlo-8 L L79x107*

02 4 x0-01 01
x = 422x 1072 or 4-22 per cent

The approximate expression (ixa) yields a figure close to the above:

K 179 x 1074
x =\/% =/ + = 423 X107 2 or 4-23 per cent

The pH of the solution is calculated from equation (xiv):

pH = 7+4ipK,,+3logc = 7+%2—5—% = 11'63
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The solution is again strongly alkaline
(b) The hydrolysis of the hydrogen carbonate ion proceeds as

HCO3 +H,0 2 H,CO;+OH~ (xv)
The hydrolysis constant has already been calculated (cf. Example 10 (a)):
Kh2 = 2_'32)( 10_8

the degree of hydrolysis can be calculated from equation (ix):

_ Kn Kiy | Kis

YT T e + 4c? c

_ 2:32x 1078 539 x 10716 " 2:32x 1078
2x01 4 x0-01 01

x = 482x107* or 0-048 per cent

The same result is obtained from the approximate expression (ixa):

. -8
Kuz _ [232X1077 _ gy 1074
c 01

The calculation of pH needs more consideration, as apart from the hydrolysis
(equation xv), the dissociation equilibria:

X =

HCO; 2 CO3™ +H* (xvi)
H,0 2 H* +OH" (xvii)

and
H,CO, = HCO; +H* (xviii)

produce hydrogen and hydroxyl ions also. A mathematically correct treat-
ment, taking all these equilibria into consideration, yields a complex expression
for the hydrogen-ion concentration, which can only be solved by successive
approximation. An approximate expression can be obtained by combining
equilibria (xv), (xvi), and (xvii) to obtain
2HCO3 = H,CO,;+CO%~

showing that in the solution the concentrations of carbonic acid and carbonate
ions are equal:

[H,CO5] = [CO37] (xix)

Combining the expressions for the primary and secondary dissociation constants
of carbonic acid we obtain:

[H*][HCO3]  [H*][CO}]
[H,CO4] [HCO5]

_ [H"J[co]

[H,CO,]

and thus the hydrogen-ion concentration

K.1 <K,

= [H*]? (cf. xix)

[H*] = /KK,y = /431x1077 x561 x 107! = 495x107° mol £
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For the pH we obtain
PH = —10g(495x107%) = —(0:69—-9) = 831

The experimental value, obtained by glass electrode measurements is
pH = 818, indicating that the error introduced by the simplified way of
calculation together with the error due to the use of concentrations instead of
activities is very small indeed.

III. Salts of strong acids and weak bases, when dissolved in water, produce
a solution, which reacts acidic. The M* cation of the salt reacts with hydroxyl
ions, produced by the dissociation of water, forming the weak base MOH and
leaving hydrogen ions behind:

H,0 2 H* +OH"™
M*+OH™ @ MOH
The overall hydrolysi; equilibrium can be written as
M*+H,0 2 MOH+H* @)
Since hydrogen ions are formed in this reaction, the solution will become acid.
The hydrolysis constant can be defined as

[MOH][H*] K, ..
Ky = —rgm— ="
TUMT R ®
showing that the hydrolysis constant is equal to the ratio of the ionization
constants of water and the weak base.

The degree of hydrolysis (x) for the salt of a monovalent weak base can again
be correlated to the hydrolysis constant as

2
i (i)
from which the degree of hydrolysis can be expressed as
_ K Ki Ky .
x = 5 + a2 + - (1)
If x is small (2-5 per cent), this reduces to
x = Ky (iva)

c

In these equations ¢ represents the concentration of the salt. The hydrogen-ion
concentration can be obtained from the equation of the hydrolysis constant (ii)
because, according to the stoichiometry of equation (i), the concentration of
the undissociated weak base is equal to that of the hydrogen ions:

[MOH] = [H*] )
In this assumption we neglected the small concentration of hydrogen ions
originating from the dissociation of water. We can also say that, provided that

the degree of hydrolysis is not too great, the concentration of the cation M™*
is equal to the total concentration of the salt:

[M*] =c (vi)
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Combining equations (ii), (v), and (vi) we can express the hydrogen-ion
concentration as:

+7 Kw — -7 __('; "
[H] = /—K—bc—lo \/I; | (vii)

The pH of the solution is
pH = 7—ipK,—1ilogc (viii)
Example 11 Calculate the degree of hydrolysis and the pH of a 0-1M

solution of ammonium chloride.

From Table 1.6 the dissociation constant of ammonium hydroxide

K, = 1'711x 1073, pK, = 477.

The hydrolysis equilibrium can be written as
NH; +H,0 & NH,OH+H"*
The hydrolysis constant
K, 10”14

X" T 586x1071°

Ky

As the value of this constant is small, the degree of hydrolysis can be calculated
from the approximate formula (iva):

Lo /K _ [586x107T°
Vo o 01
= 766 x 10~3 or 0-0077 per cent
The pH of the solution can be calculated from equation (viii):
pH = T—4pK,—3logc = 7—%Z+% =517

IV. Salts of weak acids and weak bases, when dissolved in water, undergo
hydrolysis in a rather complex way. The hydrolysis of the cation leads to the
formation of the undissociated weak base.

M* +H,0 @ MOH+H"* ()
while the hydrolysis of the anion yields the weak acid:
A" +H,0 2 HA+OH"~ (i1)

The hydrogen and hydroxyl ions formed in these processes recombine in part
to form water:

H*+OH™ =2 H,0 (iii)
These equations may however not be added together, unless the dissociation
constants of the acid and the base happen to be equal. Depending on the
relative values of these dissociation constants, three things may happen:

If K, > K, (the acid is stronger than the base), the concentration of hydrogen
ions will exceed that of hydroxyl ions, the solution will become acid.

If K, < K, (the base is stronger than the acid), the reverse will happen and
the solution becomes alkaline.
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If K, = K, (the acid and the base are equally weak), the two concentrations
will be equal, and the solution will be neutral.

Such is the case of ammonium acetate, as the dissociation constants of acetic
acid (K, = 1'75x 10~ %) and of ammonium hydroxide (K, = 1:71 x 10~ %) are
practically equal. In this case the hydrolysis can be described by the equation:

NH} + CH,COO™ +H,0 2 NH,OH + CH;COOH
which, in fact, is the sum of the three equilibria:
NH; +H,0 2 NH,OH+H"
CH,CO0O™ +H,0 2 CH,COOH+OH"™
H*+OH™ =2 H,0
These three equilibria correspond to the general equations (i), (i), and (iii) in
that order respectively.
In general, equations (i) and (ii) can be added, when the overall hydrolysis
equilibrium can be expressed as
M*+A*+2H,0 @ MOH+HA+H* +OH"™ (@iv)
The hydrolysis constant can be expressed as:
_ [MOH][HA]J[H']J[OH"] _ K,
B [H*][A"] "~ K.K,
The degree of hydrolysis is different for the anion and for the cation (unless the
two dissociation constants are equal).
The calculation of hydrogen-ion concentration is rather difficult, because all

the equilibria prevailing in the solution have to be taken into consideration.
The equations defining the equilibrium constants

Ky

(H*1[A"]
K= "THAT ®
[M*][OH] .
Ky = —[I\TC)—H]— (vi)
K, = [H*][OH™] (vii)

contain altogether six unknown concentrations; another three equations must
be found therefore to solve the problem. One of these can be derived from the
fact that, because of electroneutrality, the sum of the concentrations of cations
and anions in the solution must be equal (the so-called ‘charge balance’
condition):

[H*]+[M*] = [OH ]+[A"] (viii)
The total concentration of the salt, ¢, can be expressed in two ways. First, it
is equal to the sum of concentrations of the anion and the undissociated acid:

¢ = [A7]+[HA] (ix)

Second, it is also equal to the sum of the concentrations of the cation and of the
undissociated base:

¢ = [M*]+[MOH] (x)
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Combining the six equations (v)—(x), we can express the hydrogen-ion
concentration as

H*] =K ¢ -1 i
[ :l a [H+:| N Kb[H+]C ~ Kw (Xl)
K,+K,[H"] [H"]

This equation is implicit for [H*]. To solve it, we have to find an approximate
value of [H*], use this in the right-hand side of equation (xi), solve for [H*],

and use this new value in a successive approximation. As a first approximation
the value

may be used, especially if K, and K, do not differ too considerably.

1.21 BUFFER SOLUTIONS In the practice of inorganic qualitative (and
quantitative) analysis it is often necessary to adjust the hydrogen-ion concen-
tration to a certain value before a test, and to maintain this hydrogen-ion con-
centration during the course of the analysis. If a strongly acid (pH 0-2) or
strongly alkaline (pH 12-14) medium is necessary, the addition of sufficient
amounts of a strong acid or a strong base can achieve this task. If however the
PH of the solutions has to be kept between say 2 and 12, the above method
will not help.

Let us consider for example a case, when we need to maintain a pH of 4 in
a solution during our analytical operations. We may add hydrochloric acid to
the (originally neutral) solution in such an amount, that the concentration of the
free acid should be 0-0001M in the final mixture. Given a solution of say 10 ml,
this means that we must have 0-036 mg free hydrochloric acid present. This is a
very small amount, and can be easily changed by reaction with traces of alkaline
dissolved from the glass or by ammonia traces, present in the atmosphere of
the laboratory. Similarly, solutions containing small amounts of alkali
hydroxides are sensitive to carbon dioxide present in the air. It is impossible
therefore to maintain the pH in a weakly acid, neutral, or weakly alkaline
solution simply by the addition of a calculated amount of a strong acid or base.

Let us consider now a mixture of a weak acid and its salt, such as a mixture
of acetic acid and sodium acetate. In such a solution the sodium acetate, like
any other salt, is almost completely dissociated. The dissociation of acetic acid

CH,;COOH < CH,COO™ +H*

is however almost negligible, because the presence of large amounts of acetate
ions (which originate from the dissociation of sodium acetate), will shift the
equilibrium towards the formation of undissociated acetic acid (that is towards
the left in the above equation). This solution will possess a certain pH, and this
pH will be kept remarkably well even if considerable amounts of acids or bases
are added. If hydrogen ions (that is a strong acid) are added, these will combine
with the acetate ions in the solution to form undissociated acetic acid:

CH,COO™ +H* - CH;COOH

the hydrogen-ion concentration of the solution remains therefore virtually
unchanged; all that happened is that the amount of acetate ions decreased while
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the amount of undissociated acetic acid increased. If, on the other hand,
hydroxyl ions are added, these will react with the acetic acid:

CH,;COOH+OH™ —» CH;COO~ +H,0

again the hydrogen- (and hydroxyl-) ion concentration will not change con-
siderably; only the number of acetate ions will increase while the amount of
acetic acid will decrease. Such solutions show therefore a certain resistance
towards both acids and alkalis, hence they are termed buffer solutions. A buffer
solution can also be prepared by dissolving a weak base and its salt together.
A mixture of ammonium hydroxide and ammonium chloride shows resistance
again hydrogen ions, because the latter react with the (undissociated) ammonium
hydroxide:

NH,OH+H* - NH} +H,0

while the resistance against hydroxyl ions is based on the formation of the
undissociated base from ammonium ions (which originate from the salt):

NH} + OH™ - NH,OH

In general, buffer solutions contain a mixture of a weak acid and its salt or a
weak base and its salt. The hydrogen-ion concentration can be calculated from
considerations of the chemical equilibrium which exists in such solutions.
Considering a buffer made up of a weak acid and its salt, the dissociation
equilibrium

HA=2H"+A"
exists in the solution. The equilibrium constant can be expressed as
«  [H1[A]

* = THA]

from which the hydrogen-ion concentration can be expressed as
[HA]
(A7]
The free acid present is almost completely undissociated, because the presence
of large amounts of the anion A~, which originates from the salt. The total

concentration of the acid, ¢, will therefore be (approximately) equal to the
concentration of the undissociated acid,

¢, ~ [HA] (i)

For the same reason the total concentration of the salt, ¢, will be (approximately)
equal to the concentration of the anion:

¢~ [A7] (iii)
Combining equations (i), (ii), and (iii) we can express the hydrogen-ion con-
centration as

[H'] = K, ()

[H*] = Kﬁ— (iv)
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or the pH as

PH = pK,+log )

Similarly, if the buffer is made up from a weak base MOH and its salt, containing

the cation M*, the dissociation equilibrium which prevails in such a solution is

MOH 2 M*+OH"

for which the dissociation equilibrium constant can be expressed as
[M*][OH™]
Ky=+t—at_ 4

[MOH]

With similar considerations, we can write for the total concentration of the
base, ¢, and for the concentration of the salt, ¢, that

¢, ¥ [MOH] (vii)
and

¢ ~ [M*] (viii)
Finally, we know that in any aqueous solution the ionic product of water
(cf. Section 1.18):

K, =[H"]J[OH"] =107 (ix)

By combining equations (vi), (vii), (viii), and (ix) we can express the hydrogen-
ion concentration of such a buffer as

(vi)

K c
H*l= 2% ¢ &
(1] = 2 x 2 ®)
or the pH as
pH = l4—pr—log% (xi)
b

where 14 = —log K, = pK,,.

Example 12 Calculate the hydrogen-ion concentration and pH of a
solution prepared by mixing equal volumes of 0- 1M acetic acid and 0:2m sodium
acetate.

We use equation (iv):
C

1=K 2

[H ] - Ka c

s

From Table 1.6 K, = 1:75x 1075, ¢, = 0:05mol £~ and ¢, = 0-1 mol £~!
(note that both original concentrations were halved when the solutions were
mixed). Thus

[H*] = 1175 x 10-&%}5— = 875x10°°
and pH = —log(8:75x 107%) = —(0-94—6) = 5:04.
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Example 13 We want to prepare 100 ml of a buffer with pH = 10. We
have 50 ml 0-4M ammonia solution. How much ammonium chloride must be
added and dissolved before diluting the solution to 100 m1?

We use equation (xi):

pH = 14—pl<,,—1ogs—s
b

Here pH = 10, pK, = 477 (from Table 1.6), and ¢, = 0-2 (that is if 50 ml
0-4 molar solution is diluted to 100 ml it becomes 0-2 molar). Rearranging and
inserting the above values we obtain
logec, = 14—477+10g 0:4—10 = —1-17
¢, = num.log(—1-17) = num. log(0-83—2) = 6:76 10”2 mol £~!
The relative molecular mass of NH,Cl being 53-49, the weight of salt needed

for 12 is 676 x1072x53:49 = 3-59 g. For 100 ml we need one-tenth of
this, that is 0-359 g.

There are several buffer systems which can easily be prepared and used in
the laboratory. Compositions of some of these, covering the pH range from
1:5 to 11, are shown in Table 1.9.

Table 1.9 Composition of buffer solutions

A. Standard buffer solutions The following standards are suitable for the calibration of
PH meters and for other purposes which require an accurate knowledge of pH.

Solution pH at

12°C 25°C 38°C
0-1lM KHC,0,.H,C,0,.2H,0 — 1-48 1-50
0-1M HCI+0-09M KClI — 2:07 2:08
Saturated solution of potassium hydrogen tartrate,

KHCH,O¢ — 357 —
0-05M potassium hydrogen phthalate, KHCgH,O, 4-000 (15°C) 4-005 4015
0:1m CH;COOH +0-1M CH;COONa 4-65 4-64 4-65
0-025M KH,PO, +0-:025M Na,HPO,.12H,0 — 685 6-84
0-05M Na,B,0,.12H,0 — 9-18 9-:07

Solutions of known pH for colorimetric determinations are conveniently prepared by mixing
appropriate volumes of certain standard solutions. The compositions of a number of typical buffer
solutions are given below.

B. Solutions for the pH range 1-40-2-20 at 25°C (German and Vogel, 1937).

X ml of 0-1m p-toluenesulphonic acid monohydrate (19-012g€~') and ¥ ml of 0'1mM sodium
p-toluenesulphonate (19406 g £~ 1), diluted to 100-0 ml.

X (ml) Y (ml) pH X (ml) Y (ml) pH
489 1-1 1-40 132 36-8 1-90
372 12:8 1-50 10:0 400 2-00
27-4 226 1-60 76 42-4 2:10
19-0 31-0 1-70 44 456 220
16:6 334 1-80
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Table 1.9 Composition of buffer solutions
C. Solutions for the pH range 2:2-8-:0 (Mcllvaine, 1921).
20-00 ml mixtures of X ml of 0-2M Na,HPO, and Y ml of 0- 1M citric acid.

X (ml) Y (ml) pH X (ml) Y (ml) pH

Na,HPO, Citric acld Na,HPO, Cltric acld
0-40 19-60 22 10-72 9-28 52
1-24 18:76 2-4 11-15 8-85 5-4
2-18 17-82 2:6 11-60 8-40 56
317 16-83 2-8 12-09 7-91 5-8
411 15-89 30 12-63 7-37 60
494 15-06 32 13-22 678 62
5-70 14-30 34 13-85 6:15 64
6-44 13-56 36 14:55 545 66
7-10 12-90 38 15-45 4-55 68
771 12-29 40 16:47 3-53 7-0
8-28 11:72 42 17-39 2-61 72
8-82 11-18 44 1817 1-83 7-4
9-25 10-65 46 1873 1-27 7-6
9-86 10-14 48 19-15 0-85 7-8

10-30 9-70 50 19-45 0-55 80

D. Solutions for the pH ranges 2:2-3-8, 40-6-2, 58-8-0, 7-8-10-0 at 20°C (Clark and
Lubs, 1916).

(A) pH 2-2-3-8. 50 ml 0-2M KHphthalate + P ml 0-2M HC], diluted to 200 ml

(B) pH 4-0-6-2. 50 ml 0-2m KHphthalate + Q ml 0-2M NaOH, diluted to 200 ml

(C) pH 5-8-80. 50 ml 0-2m KH,PO, + R ml 0:2M NaOH, diluted to 200 ml

(D) pH 7-8-10:0. 50 ml 0-2M H;BO; and 0-2m KCI* + S m] 0-2M NaOH, diluted to 200 ml

A B C D
P (ml) pH Q (ml) pH R (ml) pH S (ml) pH
HCI NaOH NaOH NaOH
46-60 22 0-40 4-0 3-66 58 2:65 7-8
39-60 24 3-65 42 5-64 60 4-00 80
33-00 26 7-35 44 8-55 62 5-90 82
26'50 2-8 12:00 46 12-:60 64 8-55 84
20-40 30 17-50 48 17-74 66 12:00 86
14-830 32 23-65 50 23-60 68 16-40 88
9-65 34 29-75 52 29-54 7-0 21-40 9-0
6:00 36 3525 54 34-90 72 2670 92
2:65 38 3970 56 39-34 74 32:00 9-4
— — 43-10 58 4274 7-6 36-85 9-6
— — 45-40 60 4517 7-8 40-80 9-8
— — 47-00 62 46-85 8-0 43-90 10-0

* That is a solution containing 12:369 g H;BO, and 14911 g KCl per litre.

E. Solutions for the pH range 2-6-12-0 at 18°C - universal buffer mixture (Johnson and
Lindsey, 1939) A mixture of 6-:008 g of A.R. citric acid, 3-893 g of A.R. potassium
dihydrogen phosphate, 1:769 g of A.R. boric acid and 5266 g of pure diethylbarbituric
acid is dissolved in water and made up to 1 litre. The pH values of mixtures of 100 ml of
this solution with various volumes (X)) of 0-2M sodium hydroxide solution (free from
carbonate) are tabulated below.
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Table 1.9 Composition of buffer solutions

pH X (ml) pH X (ml) pH X (ml)
26 2:0 58 365 90 727
28 43 60 389 92 740
30 64 62 412 94 749
32 83 64 435 96 776
34 10-1 66 460 98 793
36 118 68 483 100 80-8
38 13-7 70 506 102 820
40 155 72 529 10-4 829
42 176 74 558 10-6 839
44 19-9 76 586 10-8 84-9
46 22:4 78 617 110 860
48 248 80 637 112 877
50 271 82 656 114 897
52 295 84 675 116 920
54 31-8 86 693 11-8 950
56 342 88 710 12:0 99-6

1.22 THE EXPERIMENTAL DETERMINATION OF pH In some instances
it may be important to determine the pH of the solution experimentally. Accord-
ing to the accuracy we need and the instrumentation available we can have a
choice of several techniques. A few of these will be discussed here.

A. The use of indicators and indicator test papers  An indicator is a substance
which varies in colour according to the hydrogen-ion concentration. It is
generally a weak organic acid or weak base employed in a very dilute solution.
The undissociated indicator acid or base has a different colour to the dis-
sociated product. In the case of an indicator acid, HInd, dissociation takes
place according to the equilibrium

HInd 2 H* +1Ind~

The colour of the indicator anion, Ind~, is different from the indicator acid.
If the solution to which the indicator is added is acid, that is it contains large
amounts of hydrogen ions, the above equilibrium will be shifted towards the
left, that is the colour of the undissociated indicator acid becomes visible. If
however the solution becomes alkaline, that is hydrogen ions are removed, the
equilibrium will be shifted towards the formation of the indicator anion, and
the colour of the solution changes. The colour change takes place in a narrow,
but definite range of pH. Table 1.10 summarizes the colour changes and the
PH ranges of indicators within which these colour changes take place. If we
possess a set of such indicator solutions, we can easily determine the approximate
pH of a test solution. On a small strip of filter paper or on a spot-test plate we
place a drop of the indicator and then add a drop of the test solution, and
observe the colour. If for example we find that under such circumstances thymol
blue shows a yellow (alkaline) colour, while methyl orange a red (acid) one, we
can be sure that the pH of the solution is between 2:8 and 3-1.

Some of the indicators listed in Table I.10 may be mixed together to obtain
a so-called ‘universal’ indicator, and with such the approximate pH of the
solution can be determined with one single test. Such a ‘universal’ indicator may
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Table I.10  Colour changes and pH range of some indicators

Indicator Chemical name Colour In Colour in pH
acld alkaline range
solution solution
Brilliant cresyl Amino-diethylamino-methyl Red- Blue 0-0-1-0
blue (acid) diphenazonium chloride orange
a-Naphthol- Colourless  Yellow 0-0-0-8
benzein (acid)
Methyl violet Pentamethyl p-rosaniline Yellow Blue-green  0-0-1-8
hydrochloride
Cresol red (acid) o-Cresolsulphone-phthalein Red Yellow 1-2-2-8
Thymol blue(acid) Thymol-sulphone-phthalein Red Yellow 1-2-2-8
Meta cresol purple  m-Cresolsulphone-phthalein Red Yellow 1-2-2-8
Bromophenol blue  Tetrabromophenol-sulphone Yellow Blue 2:8-46
phthalein
Methyl orange Dimethylamino-azo-benzene- Red Yellow 3-1-44
sodium sulphonate
Congo red Diphenyl-bis-azo-a- Violet Red 3-0-50
naphthylamine-4-sulphonic acid
Bromocresol green  Tetrabromo-m-cresol-sulphone- Yellow Blue 3-8-5-4
phthalein
Methyl red o-Carboxybenzene-azo- Red Yellow 4:2-63
dimethylaniline
Chlorophenol red  Dichlorophenol-sulphone- Yellow Red 4-8-64
phthalein
Azolitmin (litmus) Red Blue 5-0-8-0
Bromothymol blue  Dibromo-thymol-sulphone- Yellow Blue 60-7-6
phthalein
Diphenol purple o-Hydroxy-diphenyl-sulphone- Yellow Violet 7-0-8-6
phthalein
Cresol red (base) 0-Cresol-sulphone-phthalein Yellow Red 7-2-8-8
a-Naphthol- a-Naphthol-phthalein Yellow Blue 7-3-8:7
phthalein
Thymol blue(base) Thymol-sulphone-phthalein Yellow Blue 8:0-9-6
a-Naphthol- Yellow Blue-green 8-2-10-0
benzein (base)
Phenolphthalein Colourless Red 8:3-10-0
Thymolphthalein Colourless  Blue 9-3-10-5
Brilliant cresyl (See above) Blue Yellow 10-8-12-0
blue (base)

be prepared, after Bogen, by dissolving 0-2 g phenolphthalein, 0-4 g methyl
red, 0-6 g dimethylazobenzene, 0-8 g bromothymol blue, and 1 g thymol blue
in 1 £ absolute ethanol. The solution must be neutralized by adding a few
drops of dilute sodium hydroxide solution until its colour turns to pure yellow.
According to the pH of the solution this ‘universal’ indicator shows different
colours, the approximate pH values with their corresponding colours are given
in the following small table:

PH 2 4 6 8 10 12
colour red orange yellow green blue purple

Small strips of filter paper may be impregnated with this solution and dried.
Such an indicator test paper may conveniently be stored for longer times. For
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a test one strip of this paper should be dipped into the solution, and the colour
examined.

Firms manufacturing and selling chemicals, normally market wide-range
universal pH test papers. The composition of the indicator mixture is generally
not disclosed, but a convenient colour chart is supplied with the paper strips,
by the aid of which the approximate pH can easily be determined by comparing
the colour of the paper with that shown on the chart. With a single paper the
approximate pH of a test solution may be determined with an accuracy of
0-5-1-0 pH units, within the pH range of 1-11. Some firms also market series
of papers, by which the pH can be determined with an accuracy of 0-1-0-2 pH
unit. The appropriate narrow-range test paper to use must be selected by a
preliminary test with a wide-range paper.

On the other hand, in some cases we may only have simply to test whether
the solution is acid or alkaline. For this test a strip of litmus paper may be used.
In acid solutions litmus turns to red, while in alkaline ones it shows a blue
colour. The transition pH range lies around pH = 7.

B. The colorimetric determination of pH The principle outlined under
Section 1.22.A can be made more precise by using known amounts of buffers
and indicator solutions and comparing the colour of the test solution with a
set of reference standards under identical experimental circumstances. First,
the approximate pH of the test solution is determined by one of the methods
described in Section I.22.A. Then a series of buffer solutions is prepared
(cf. Section I.21, Table 1.9), differing successively in pH by about0-2 and covering
the range around the approximate value. Equal volumes, say 5 or 10 ml, of the
buffer solutions are placed in test tubes of colourless glass, having approximately
the same dimensions, and a small, identical quantity of a suitable indicator for
the particular pH range is added to each tube. A series of different colours
corresponding to the different pH values is thus obtained. An equal volume of
the test solution is then treated with an equal volume of indicator to that used
for the buffer solutions, and the resulting colour is compared with that of the
individual coloured reference standards. When a complete (or almost com-
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plete) match is found, the test solution and the corresponding buffer solution
have the same pH *0-2 unit. For matching the colours the buffer solutions may
be arranged in the holes of a test tube stand in order of increasing pH, the test
solution is then moved from hole to hole until the best colour match is obtained.
Special stands with white background and standards for making the comparison
are available commercially (e.g. from The British Drug Houses Ltd.). The
commercial standards, prepared from buffer solutions, are not permanent and
must be checked every few months.

For turbid or slightly coloured solutions, the simple comparison method
described above, can no longer be applied. The interference due to the coloured
substance can be eliminated in a simple way by a device introduced by H. Walpole
(1916), shown in Fig. 1.7. A, B, C, and D are glass cylinders with plain bottoms
standing in a box, which is painted dull black in the inside. A contains the
solution to be tested with the indicator, B contains an equal volume of water,
C contains the solution of known pH with the indicator, while D contains the
same volume of the solution to be tested as was originally added to A, but
indicator is not added to D. Viewing through the two pairs of tubes from above,
the colour of the test solution is compensated for. When making the measure-
ments, only tube C has to be removed and replaced by another standard for
better matching.

The preparation of reference standards in this procedure is a tedious task and
may require considerable time. Time can be saved by applying what is called a
permanent colour standard method, which requires a special device, the so-called
comparator. The Lovibond comparator,* shown on Fig. 1.8 employs nine
permanent glass colour standards, fitted on a revolving disc. The device is fitted
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Fig. 1.8

with low compartments to receive small test tubes or rectangular glass cells.
There is also an opal glass screen against which colours can be compared. The
disc can revolve in the comparator, and each colour standard passes in turn in
front of an aperture through which the solution in the cell (or cells) can be
observed. As the disc revolves, the pH of the colour standard visible in the

* Manufactured by The Tintometer Ltd., Milford, Salisbury, England. A similar apparatus is
marketed by Hellige, Inc., of Long Island City 1, N.Y. U.S.A,, this utilizes Merck’s (U.S.A))
indicators. The glass discs in the two instruments are not interchangeable.
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aperture appears in a special recess. The Lovibond comparator is employed
with B.D.H. indicators. The colour discs available include cresol red (acid and
base range), thymol blue (acid and base range), bromophenol blue, bromo-
cresol blue, bromocresol green, methyl red, chlorophenol red, bromocresol
purple, bromothymol blue, phenol red, diphenol purple, cresol red, thymol
blue, and the B.D.H. ‘universal’ indicator. The pH ranges of these indicators are
listed in Table 1.10.

A determination of the approximate pH of the solution is made with a
‘universal’ or ‘wide range’ indicator or with an indicator test paper (see under
Section 1.22.A) and then the suitable disc is selected and inserted into the
comparator. A specified amount (with the Lovibond comparator 10 ml) of the
unknown solution is placed in the glass test tube or cell, the appropriate quantity
of indicator (normally 0-5 ml) is added and the colour is matched against the
glass disc. Provision is made in the apparatus for the application of the Walpole
technique by the insertion of a ‘blank’ containing the solution. It is claimed that
results accurate to 0-2 pH unit can be achieved.

C. The potentiometric determination of pH* The most advanced and precise
method of the measurement of pH is based on the measurement of the electro-
motive force (e.m.f.) of an electrochemical cell, which contains the solution of
the unknown pH as electrolyte, and two electrodes. The electrodes are connected
to the terminals of an electronic voltmeter, most often called simply a pH-meter.
If properly calibrated with a suitable buffer of a known pH, the pH of the un-
known solution can be read directly from the scale.

The e.m.f. of an electrochemical cell can be regarded as the absolute value of
the difference of the electrode potentials of the two electrodes.t The two elec-
trodes applied in building the electrochemical cell have different roles in the
measurement, and must be chosen adequately. One of the electrodes, termed
the indicator electrode acquires a potential which depends on the pH of the
solution. In practice the glass electrode is used as the indicator electrode. The
second electrode, on the other hand, has to have a constant potential, indepen-
dent of the pH of the solution, to which the potential of the indicator electrode
therefore can be compared in various solutions, hence the term reference
electrode is applied for this second electrode. In pH measurements the (saturated)
calomel electrode is applied as an indicator electrode.

The measured e.m.f. of the cell can thus be expressed as

e.m.f. = | Egl - Ecal |
Here E_, is the electrode potential of the calomel electrode, which is constant.
E_, = const

The potential of the saturated calomel electrode is +0-246 V at 25°C (measured
against the standard hydrogen electrode). E,;, the potential of the glass electrode,
on the other hand, depends on the pH of the solution. For the pH region 2-11

* The full understanding of this section implies some knowledge of electrode potentials, which is
discussed later in this book (cf. Section 1.39). The treatment in this section is factual, and aims to
describe the necessary knowledge required for a proper measurement of pH.

t For a detailed discussion of electrochemical cells textbooks of physical chemistry should be
consulted, e.g. W. J. Moore’s Physical Chemistry. 4th edn., Longman 1966, p. 379 et f.
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(where the accurate determination is most important) the pH-dependence of
the potential of the glass electrode can be expressed as

E, = E3—0:059 pH

Here EJ is the standard potential of the glass electrode. This quantity varies
from specimen to specimen, it depends also on the age and on the pretreatment
of the electrode. Within one set of measurements it can be regarded as constant.
If we adapt the usual calibration process, described below, it is not necessary to
measure the standard potential and to deduct the potential of the calomel
electrode from the results, as the pH can be read directly from the pH-meter.
The glass electrode (Fig. 1.9) contains the pH-sensitive glass in the form of a
small bulb, which is fused to an ordinary glass tube. The pH-sensitive glass is
made by manufacturers according to various specifications. The composition
of the most important glasses used in glass electrodes are listed in Table 1.11.
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Table 1.11  Composition of glasses used in the manufacture of glass electrodes*

L1,0 Na,O Cs, 0 CaO BaO La,0; SI10,

Dole glass — 21-4 — 64 _ _ 72:2
Perley glass 28 — 3 — — 4 65
Lithium-barium glass 24 — — — 8 — 68

* B. Csdkvary, Z. Boksay and G. Bouquet: Anal. Chim. Acta, 56 (1971) p. 279.

The bulb is filled with an acid solution or with an acid buffer, which is connected
to the circuit by a platinum wire. Usually there is an internal reference electrode
(a silver-silver chloride electrode) included in the circuit, placed somewhere
between the bulb and the top of the glass tube. This internal reference electrode
is switched in series with the wire leading to the electrolyte in the bulb, and is
connected to the input of the pH-meter. The role of the internal reference
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electrode is to protect the glass electrode from an accidental loading by
electricity. It is non-polarizable and has, just like the calomel electrode, a
constant potential. The glass bulb itself is made of a very thin glass and is there-
fore very delicate; it must be handled with the greatest care. The proper operation
of the glass electrode requires that the electrode glass itself should be wet and in
a ‘swollen’ state; glass electrodes therefore must be kept always dipped in water
or in dilute acid. If the glass electrode is left to dry out, it will not give repro-
ducible readings on the pH-meter. (In such cases the electrode has to be soaked
in 0-1M hydrochloric acid for 1-2 days, when its response usually returns.)
Though the swollen glass of the electrode is capable of conducting, it represents
a high resistance in the circuit. The resistance of a glass electrode is usually
about 10%-10° Q, which means that the current in the circuit is extremely low.
(The current must also be low with electrodes of low resistances, to avoid
polarization.) The cable leading from the glass electrode is therefore screened;
the electrical signal being passed through the inside lead, while the screening
cable is switched, in most cases together with the input of the calomel electrode,
to the instrument body and through this it is earthed. As was said before, the
glass electrode is suitable for the accurate measurement of pH within the range
2 to 11. Below this pH, (at high hydrogen-ion concentrations), a rather high
so-called diffusion potential is superimposed on the measured e.m.f. This varies
considerably with the hydrogen-ion concentration itself, and therefore reliable
results cannot be obtained even with the most careful calibration. At pH values
above 11 the so-called alkaline error of the glass electrode occurs, making its
response non-linear to pH. Over pH 2 and below pH 11 the glass electrode
operates reliably. As a rule, each measurement should be preceded by a cali-
bration with a buffer, the pH of which should stand as near to the pH of the test
solution as possible.

The bulb of a new glass electrode is sometimes coated with a wax layer for
protection. This should be removed by dipping the electrode into an organic
solvent (specified in the instruction leaflet), and then soaking the electrode in
dilute hydrochloric acid for a few days. When not in use, the electrode should
be kept in distilled water or in dilute hydrochloric acid.

A calomel electrode is basically a mercury electrode, the electrode potential
of which depends solely on the concentration of mercury(I) (Hg3*) ions in the
solution with which it is in contact. The concentration of mercury(l) ions is
kept constant (though low) by adding mercury(I) chloride precipitate (Hg,Cl,,
calomel) to the solution, and by applying a large concentration of potassium
chloride. In the saturated calomel electrode a saturated solution of potassium
chloride is applied; saturation is maintained by keeping undissolved crystals
of potassium chloride in the solution. At constant temperature the chloride-ion
concentration is constant, this means that the concentration of mercury(I) ions
remains constant (cf. Section 1.26), and thus the electrode potential remains
constant too. As long as both calomel and potassium chloride are present in solid
form, this concentration of mercury(I) ions will remain constant even if a
considerable current passes through the electrode. This electrode is therefore
non-polarizable. The potential of a saturated calomel electrode at 25°C is
+0-246 V against the standard hydrogen electrode.

A simple form of calomel electrode, suitable for elementary work, is shown
in Fig. 1.10. It can be made of a simple reagent bottle, into which a rubber
stopper with two bores is placed. Through one of the holes a glass tube is fitted,
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KCI+Hg Cl,
Hg

Fig. L10

with a platinum wire fused through its bottom, which is in direct contact with
the mercury in the bottom of the electrode vessel. The platinum wire is then
connected to the circuit. The mercury must be of the purest available quality,
if possible trebly distilled. Over the mercury a freshly precipitated and carefully
washed layer of calomel must be placed. Washing can be done by shaking the
precipitate with distilled water and decantation; the procedure being repeated
8-10 times. A liberal amount of analytical grade solid potassium chloride
should be added and the vessel filled with saturated potassium chloride solution.
Then a small tube, bent in U-shape (see Fig. 1.10) should be filled with a hot
solution of concentrated potassium chloride, to 100 ml of which 0-5 g of agar
has been added. When cooling the solution freezes into the tube but remains
conductive, thus enabling electrical contact between the electrode and the test
solution. On cooling the level of solution decreases because of contraction, it
should therefore either be topped up, or the empty parts of the U-tube cut away.
This salt bridge then has to be fitted into the second hole of the rubber stopper.
The electrode is now ready for use. The wire leading from the electrode to the
pH-meter need not be screened. The end of the salt bridge should be kept dipped
into concentrated potassium chloride solution when storing.

The pH-meter is an electronic voltmeter with a high input resistance. (The
input resistance of a good pH-meter is in the region of 10'2-10'3 Q.) Both
valve and transistorized instruments are in use. They generally operate from
the mains, and contain their own power supply circuit with a rectifier. Cheaper
instruments contain a differential amplifier, the d.c. input signal being amplified
directly in the instrument. More expensive instruments convert the d.c. signal,
coming from the measuring cell, into an a.c. signal, which is then amplified, the
d.c. component filtered, and finally the amplified signal is rectified. With both
instruments the amplified signal is then displayed on a meter, calibrated in
PH units (and in most cases also in millivolts). A third type of electronic
pH-meter is also known; with this the electric signal coming from the cell is
compensated by turning a potentiometer knob until a galvanometer shows zero
deflection. Because of the low currents which circulate in the cell, such an instru-
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ment needs also an amplifier between the galvanometer and the potentiometric
circuit. On such instruments the pH is read from the position of the potentio-
meter knob.

When measuring the pH the instrument has to be switched on first, and a
sufficient time, ranging from a few minutes to half an hour, must be allowed
until complete thermal and electrical equilibrium is achieved. Then, (but not
always) the ‘zero’ knob must be adjusted until the meter shows a deflection
given in the instruction manual (generally O to 7 on the pH-scale). The ‘tem-
perature selector’ must be set to the room temperature. Now a suitable buffer
is chosen, with pH nearest to the expected pH of the test solution. The glass and
calomel electrodes are dipped into the buffer, and the electrodes connected to
the relevant input terminals. Usually, the input terminal of the glass electrode
looks somewhat special to accommodate a plug with a screened cable, and is
marked ‘glass’ or ‘indicator’. The input of the calomel electrode, on the other
hand, is generally an ordinary banana socket, marked ‘reference’ or ‘calomel’.
(In any case the instruction manual should be followed or an experienced person
consulted.) The ‘range selector’ switch should then be set from ‘zero’ (or
‘standby’) position to the range which incorporates the pH of the buffer, and
the ‘buffer adjustment’ knob operated until the meter deflects to a position on the
pH-scale identical to the pH of the buffer. The ‘selector’ switch is then switched
to ‘zero’ position, the electrodes are taken out of the buffer, rinsed carefully
with distilled water, and immersed in the test solution. The ‘selector’ is again
set to the same position as before, and the pH of the test solution read from the
scale.

With pH-meters based on the principle of compensation, the operations are
similar to those mentioned above, but the potentiometer knob (with the pH-
scale) is set to a position corresponding to the pH of the buffer, and the gal-
vanometer zeroed with the ‘buffer adjustment’ knob. When the test solution is
measured, the galvanometer is zeroed with the potentiometer knob, and the
pH of the solution read from its scale.

When the measurement is finished, the ‘selector’ must be switched to ‘zero’
position, and the electrodes rinsed with distilled water and stored away. The
glass electrode must be kept in water or dilute hydrochloric acid, while the salt
bridge of the calomel electrode should be left dipped into concentrated potas-
sium chloride. When finishing for the day, the pH-meter is switched off, other-
wise it should be left on, rather than switched on and off frequently.

D. THE BR@NSTED-LOWRY THEORY OF
ACIDS AND BASES

1.23 DEFINITION OF ACIDS AND BASES The classical concepts of
acids and bases, as outlined in Sections 1.15-1.22 are sufficient to explain most
of the acid-base phenomena encountered in qualitative inorganic analysis
carried out in aqueous solutions. Nevertheless this theory has limitations, which
become most apparent if acid-base phenomena in non-aqueous solutions have
to be interpreted. In the classical acid-base theory two ions, the hydrogen ion
(that is the proton) and the hydroxyl ion are given special roles. It was, however,
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pointed out that while the proton has indeed exceptional properties, to which
acid-base function can be attributed, the hydroxyl ion possesses no exceptional
qualities entitling it to a specific role in acid-base reactions. This point can be
illustrated with some experimental facts. It was found for example that per-
chloric acid acts as an acid not only in water, but also in glacial acetic acid or
liquid ammonia as solvents. So does hydrochloric acid. It is reasonable to
suggest therefore that the proton (the only common ion present in both acids)
is responsible for their acid character. Sodium hydroxide, while it acts as a
strong base in water, shows no special base characteristics in the other solvents
(though it reacts readily with glacial acetic acid). In glacial acetic acid, on the
other hand, sodium acetate, shows properties of a true base, while sodium
amide (NaNH,) takes up such a role in liquid ammonia. Other experimental
facts indicate that in glacial acetic acid all soluble acetates, and in liquid ammonia
all soluble amides possess base properties. However none of the three ions,
hydroxyl, acetate, or amide (NH3), can be singled out as solely responsible for
base behaviour.

Such considerations led to a more general definition of acids and bases, which
was proposed independently by J. N. Brgnsted and T. M. Lowry in 1923. They
defined acid as any substance (in either the molecular or the ionic state) which
donates protons (H*), and a base as any substance (molecular or ionic) which
accepts protons. Denoting the acid by A and the base by B, the acid-base
equilibrium can be expressed as

A e B+H*

Such an equilibrium system is termed a conjugate (or corresponding) acid-base
system. A and B are termed a conjugate acid-base pair. It is important to realize
that the symbol H* in this definition represents the bare proton (unsolvated
hydrogen ion), and hence the new definition is in no way connected to any
solvent. The equation expresses a hypothetical scheme for defining the acid
and base — it can be regarded as a ‘half reaction’ which takes place only if the
proton, released by the acid, is taken up by another base.

Some acid-base systems are as follows:

Acid & Base+H"
HCl 2 CI~-+H*
HNO, = NO; +H*
H,SO, = HSO; +H*
HSO; < SO~ +H*
CH,COOH = CH,COO™ +H"*
H,PO, = H,PO; +H*
H,PO; = HPOZ™ +H*
HPO2~ 2 PO~ +H*
NH; = NH,+H*
NH, 2 NH; +H*
H,0" 2 H,0+H"
H,0 2 OH™ +H"*
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From these examples it can be seen that according to the Brensted-Lowry
theory, acids can be:

(@) uncharged molecules known as acids in the classical acid-base theory,
like HC1, HNO,, H,SO,, CH,COOH, H,PO, etc.

(b) anions, like HSO, H,PO,, HPO?™ etc.

(c) cations, like NH;, H,O* etc.

According to this theory, bases are substances which are able to accept
protons (and not, as in the classical acid-base theory, those, which produce
hydroxyl or any other ion). The following are included:

(a) uncharged molecules, like NH; and H,O etc.
(b) anions, like C17, NO3, NH;, OH™ etc.

It is important to note that those substances (alkali hydroxides) which are,
according to the classical acid-base theory, strong bases are in fact not forming
uncharged molecules, but are invariably ionic in nature even in the solid state.
Thus, the formula NaOH is illogical, the form Na*, OH~ or Na*+OH~
would really express the composition of sodium hydroxide. The basic nature
of these strong bases is due to the OH™ ions which are present in the solid state
or aqueous solution.

Some substance (like HSO;, H,PO2~, HPO3~, NH,, H,O etc.) can function
both as acids and bases, depending on the circumstances. These substances
are called amphoteric electrolytes or ampholytes.

As already pointed out, the equation

A e B+H*

does not represent a reaction which can take place on its own; the free proton,
the product of such a dissociation, because of its small size and the intense
electric field surrounding it, will have a great affinity for other molecules,
especially those with unshared electrons, and therefore cannot exist as such to
any appreciable extent in solution. The free proton is therefore taken up by a
base of a second acid-base system. Thus, for example, A; produces a proton
according to the equation:

Al g Bl +H+
this proton is taken up by B,, forming an acid A,
B,+H* - A,

As these two reactions can proceed only simultaneously (and never on their
own), it is more proper to express these together in one equation as

Al +B2 b d Bl + Az
Generally, an acid-base reaction can be written as
Acid, + Base, — Base; + Acid,

These equations represent a transfer of a proton from A, (Acid,) to B, (Base,).
Reactions between acids and bases are hence termed protolytic reactions. All
these reactions lead to equilibrium, in some cases the equilibrium may be
shifted almost completely in one or another direction. The overall direction of
these reactions depends on the relative strengths of acids and bases involved
in these systems.

In the classical acid-base theory various types of acid-base reactions (like
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dissociation, neutralization and hydrolysis) had to be postulated to interpret
experimental facts. The great advantage of the Brgnsted—Lowry theory is that
all these different types of reactions can be interpreted commonly as simple
protolytic reactions. Moreover, the theory can easily be extended to acid-base
reactions in non aqueous solvents, where the classical acid-base theory has
proved to be less adaptable.

Some examples of protolytic reactions are collected below:

Acid, +Base, 2 Acid, + Base,

HCl+H,0 2 H,0" +CI” @)
CH,COOH +H,0 2 H,0* + CH,CO0" (i)
H,SO, + H,0 2 H,0* +HSO; (iii)
HSO; +H,0 = H,0* +S02" (iv)
H,0* +OH"~ = H,0+H,0 )
CH,COOH +NH, 2 NH} +CH,C0O0" (vi)
H,0+CH,COO~ = CH,COOH +OH" (vii)
NH} +H,0 2 H,0* +NH, (viii)
H,0+HPO2~ 2 H,PO; +OH"- (ix)
H,0+H,0 & H,0* +OH- x)

Reactions (i) to (iv) represent ‘dissociations’ of acids, reaction (v) is the
common reaction, called ‘neutralization’, of strong acids with strong bases,
reaction (vi) describes the neutralization reaction between acetic acid and
ammonia which takes place in the absence of water, reactions (vii) to (ix)
represent ‘hydrolysis’ reactions, while reaction (x), which is the same as
reaction (v) but in the opposite direction, describes the ‘dissociation’ (or, more
properly, the autoprotolysis) of water. Some of these reactions will be discussed
in more detail in subsequent chapters.

1.24 THE PROTOLYSIS OF ACIDS. STRENGTHS OF ACIDS AND
BASES It is of interest to examine the processes which take place when an
acid is dissolved in a solvent, first of all in water. According to the Brgnsted—
Lowry theory this dissolution is accompanied by a protolytic reaction, in which
the solvent (water) acts as a base. To elucidate these processes, let us examine
what happens if a strong acid (hydrochloric acid) and a weak acid (acetic acid)
undergo protolysis.

Hydrogen chloride in the gaseous or pure liquid state does not conduct
electricity, and possesses all the properties of a covalent compound. When the
gas is dissolved in water, the resulting solution is found to be an excellent con-
ductor of electricity, and therefore contains a high concentration of ions.
Evidently water, behaving as a base, has reacted with hydrogen chloride to
form hydronium and chloride ions:

HCl1+H,0 2 H,0* +CI”

From the original acid (HCIl) and base (H,0) a new acid (H;0") and a new
base (C17) have been formed. This equilibrium is completely shifted towards
the right; all the hydrogen chloride is transformed into hydronium ions. Similar
conclusions can be drawn for other strong acids (like HNO,, H,SO,, HCIO,);
when dissolved in water, their protolysis yields hydronium ions. Of the two
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acids, (the strong acid and H;0%), involved in each protolytic reaction,
hydronium ion is the weaker acid. Water as a solvent has thus a levelling effect
on strong acids; each strong acid is levelled to the strength of hydronium ions.

When acetic acid is dissolved in water, the resulting solution has a relatively
low conductivity indicating that the concentration of ions is relatively low.
The reaction :

CH,COOH +H,0 2 H;0* +CH,CO0"~

proceeds only slightly towards the right. Thus, hydrochloric acid is a stronger
acid than acetic acid, or, what is equivalent to the former statement, the acetate
ion is a stronger base than the chloride ion. The strength of an acid thus depends
upon the readiness with which the solvent can take up protons as compared
with the anion of the acid. An acid, like hydrogen chloride, which gives up H*
readily to the solvent to yield a solution with a high concentration of H,O*
is termed a strong acid. An acid, like acetic acid, which gives up its protons less
readily, affording a solution with a relatively low concentration of H;O™ is
called a weak acid. It is clear also, that if the acid is strong, its conjugate base
must be weak and vice versa: if the acid is weak, the conjugate base is strong,
i.e. possesses a powerful tendency to combine with H*.

The strength of acids can be measured and compared by the value of their
protolysis equilibrium constant. For the protolysis of acetic acid this equilibrium
constant can be expressed as
K - [H,0*][CH,CO0]

*~  [CH;COOH]
the expression being identical to that of the ionization constant, defined and
described in Section 1.16. Ionization constants of acids are listed in Table 1.6.
The protolysis of acids in water can be described by the general equation:
Acid+H,0 2 H;0" +Base
and the protolysis constant (or ionization constant) can be expressed in general
terms as
_ [H;0"][Base]
B [Acid]
The higher the ionization constant, the stronger the acid, and consequently the
weaker the base. Thus the value of K|, is at the same time a measure of the strength
of the base; there is no need to define a base ionization constant separately.

Base dissociation constants, listed in Table 1.6, are related to the protolysis
constant of their conjugate acid through the equation

K,

K
K, =2
a Kb

This expression can easily be derived from the case of ammonia. In the view
of the Brgnsted-Lowry theory the dissociation of ammonium hydroxide is
more properly the reaction of ammonia with water.*

NH, +H,0 2 NH} + OH"-

* This statement does not contradict the fact that ammonium hydroxide does really exist; this
has been proved beyond doubt by various physicochemical measurements. Cf. Mellor’s Modern
Inorganic Chemistry, revised and edited by G. D. Parkes. 6th edn., Longman 1967, p. 434 et f.
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the K, base dissociation constant for this process can be expressed by
[NH;][OH™] .
bl el | ()
[NH,]
The protolysis of the ammonium ion, on the other hand, can be described as
NHj; +H,0 2 NH,+H,0"

with the protolysis constant

Ky

[NH,][H,0™] .
K, =333 4
a [NHI] (i1)
The ionization constant (or autoprotolysis constant) of water (cf. Section I.18), is
K, = [H;0"][OH7] (iii)
Combining the three expressions (i), (i