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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.



1.6 QUALITATIVE INORGANIC ANALYSIS

(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
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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
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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

v
a- Na* @ @

o] e ©
d *O__#_QS.O >@@ .
f ‘o ® &)

°

106° ®® .
©
0-0958 nm H | ®© @

17
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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

19
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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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I.17 QUALITATIVE INORGANIC ANALYSIS

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 £



THEORETICAL BASIS 1.20

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-

/
/
I 7T7IIITITTIZIITITTITIFI7 I TIITIIINIIIIIIEITIAIITs

!
Y

55



L22 QUALITATIVE INORGANIC ANALYSIS

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.

57



122 QUALITATIVE INORGANIC ANALYSIS

(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), (ii), and (iii) the correlation
K
K, ==
a Kb

can easily be proved.

1.25 INTERPRETATION OF OTHER ACID-BASE REACTIONS WITH
THE BR@GNSTED-LOWRY THEORY As already outlined, the great
advantage of the Brensted—Lowry theory lies in the fact that any type of acid-
base reaction can be interpreted with the simple reaction scheme

Acid, + Base, < Base, + Acid,

The following examples serve to elucidate the matter:

Neutralization reactions between strong acids and metal hydroxides in
aqueous solutions are in fact reactions between the hydronium ion and the
hydroxide ion:

H;0* +OH™ =2 H,0+H,0

Acid, + Base, « Base, + Acid,

Neutralization reactions may proceed in the absence of water; in such a case
the ‘undissociated’ acid reacts directly with hydroxyl ions, which are present in
the solid phase. Such reactions have little if any practical importance in quali-
tative analysis.

Displacement reactions, like the reaction of acetate ions with a strong acid,
are easy to understand. The stronger acid (H;O*) reacts with the conjugate
base (CH;COO™) of the weaker acid (CH;COOH), and the conjugate base
(H,0) of the stronger acid is formed:

H,0* +CH,COO~ =2 H,0+CH,COOH
Acid, + Base, & Base, +Acid,

The displacement of a weak base (NH;) with a stronger base (OH™) from its
salt can be explained also:

OH™ +NH; 2 NH,+H,0
Base, + Acid, = Base, + Acid,
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Hydrolysis is an equilibrium between two conjugate acid-base pairs, in which
water can play the part of a weak acid or a weak base. In the hydrolysis of
acetate ions water acts as an acid:

CH,COO™ +H,0 2 CH,COOH+OH"™
Base, + Acid, 2 Acid, +Base,
while in the hydrolysis of the ammonium ion it acts as a weak base:
NH; +H,0 2 NH,;+H,0"
Acid, + Base, & Base, + Acid,

The hydrolysis of heavy metal ions can also be explained easily, keeping in
mind that these heavy metal ions are in fact aquacomplexes (like [Cu(H,0),]**
[Al(H,0),]3* etc.), and these ions are conjugate acids of the corresponding
metal hydroxides. The first step of the hydrolysis of the aluminium ion can be
explained, for example, by the acid-base reaction

[Al(H,0),]** + H,0 = [Al(H,0);0H]** +H,0*
Acid, + Base, 2 Base, + Acid,

This hydrolysis may proceed further until aluminium hydroxide,
is formed.

The dissociation (more properly, the autoprotolysis) of water, is in fact the
reversal of the process of neutralization, in which one molecule of water plays
the role of an acid, the other that of a base:

H,0+H,0 2 H,0*" +OH"
Acid, +Base, 2 Acid, + Base,

The quantitative treatment of these equilibria is formally similar to those
described in Sections I.15-1.22 of this chapter, and will not be repeated here.
Results and expressions are indeed identical if aqueous solutions are dealt
with. The great advantage of the Brensted-Lowry theory is that it can be
adapted easily for acid-base reactions in any protic (that is, proton-containing)
solvents.

E. PRECIPITATION REACTIONS

1.26 SOLUBILITY OF PRECIPITATES A large number of reactions
employed in qualitative inorganic analysis involve the formation of precipi-
tates. A precipitate is a substance which separates as a solid phase out of the
solution. The precipitate may be crystalline or colloidal, and can be removed
from the solution by filtration or by centrifuging. A precipitate is formed if the
solution becomes oversaturated with the particular substance. The solubility (S)
of a precipitate is by definition equal to the molar concentration of the saturated
solution. Solubility depends on various circumstances, like temperature, pres-
sure, concentration of other materials in the solution, and on the composition
of the solvent.

The variation of solubility with pressure has little practical importance in
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qualitative inorganic analysis, as all operations are carried out in open vessels
at atmospheric pressure; slight variations of the latter do not have marked
influence on the solubility. More important is the variation of the solubility
with temperature. In general it can be said, that solubilities of precipitates
increase with temperature, though in exceptional cases (like calcium sulphate)
the opposite is true. The rate of increase of solubility with temperature varies,
in some cases it is marginal, in other cases considerable. The variation of
solubility with temperature can, in some cases, serve as the basis of separation.
The separation of lead from silver and mercury(l) ions can be achieved, for
example, by precipitating the three ions first in the form of chlorides, followed
by treating the mixture with hot water. The latter will dissolve lead chloride,
but will leave silver and mercury(I) chlorides practically undissolved. After
filtration of the hot solution, lead ions will be found in the filtrate and can be
identified by characteristic reactions.

The variation of solubility with the composition of the solvent has some
importance in inorganic qualitative analysis. Though most of the tests are
carried out in aqueous solutions, in some cases it is advantageous to apply
other substances (like alcohols, ethers, etc.) as solvents. The separation of alkali
metals can for example be achieved by the selective extraction of their salts by
various solvents. In other cases the reagent used in the test is dissolved in a
non-aqueous solvent, and the addition of the reagent to the test solution in
fact changes the composition of the medium.

Solubility depends also on the nature and concentration of other substances,
mainly ions, in the mixture. There is a marked difference between the effect of
the so-called common ions and of the foreign ions. A commeon ion is an ion
which is also a constituent of the precipitate. With silver chloride for example,
both silver and chloride ions are common ions, but all other ions are foreign.
It can be said in general, that the solubility of a precipitate decreases con-
siderably if one of the common ions is present in excess though this effect might
be counterbalanced by the formation of a soluble complex with the excess of
the common ion. The solubility of silver cyanide, for example, can be suppressed
by adding silver ions in excess to the solution. If, on the other hand, cyanide
ions are added in excess, first the solubility decreases slightly, but when larger
amounts of cyanide are added, the precipitate dissolves completely owing to
the formation of dicyanoargentate [Ag(CN),]~ complex ion. In the presence
of a foreign ion, the solubility of a precipitate increases, but this increase is
generally slight, unless a chemical reaction (like complex formation or an acid-
base reaction) takes place between the precipitate and the foreign ion, when the
increase of solubility is more marked. Because of the importance of the effects
of common and foreign ions on the solubility of precipitates in qualitative
inorganic analysis, these will be dealt with in more detail in subsequent sections.

1.27 SOLUBILITY PRODUCT The saturated solution of a salt, which
contains also an excess of the undissolved substance, is an equilibrium system
to which the law of mass action can be applied. If, for example, silver chloride
precipitate is in equilibrium with its saturated solution, the following equilibrium
is established:

AgCl 2 Ag*+CI™

This is a heterogeneous equilibrium, as the AgCl is in the solid phase, while the

68



THEORETICAL BASIS 1.27

Ag* and Cl™ ions are in the dissolved phase. The equilibrium constant can be

written as
[Ag"][C17]
[AgCl]

The concentration of silver chloride in the solid phase is invariable and therefore
can be included into a new constant K, termed the solubility product:

K, = [Ag"][CI7]

Thus in a saturated solution of silver chloride, at constant temperature (and
pressure) the product of concentration of silver and chloride ions is constant.
What has been said for silver chloride can be generalized. For the saturated
solution of an electrolyte A,, B, which ionizes into v4A™* and v_B"" ions:

A,,B,, 2 v,A™ +vgB"”
the solubility product (K,) can be expressed as
K, = [A"* ] x [B* ]

Thus it can be stated that, in a saturated solution of a sparingly soluble electro-
lyte, the product of concentrations of the constituent ions for any given tem-
perature is constant, the ion concentration being raised to powers equal to the
respective numbers of ions of each kind produced by the dissociation of one
molecule of the electrolyte. This principle was stated first by W. Nernst in 1889.

The ion concentrations in the expression of the solubility product are to be
given in mol £7! units. The unit of K, itself is therefore (mol £~ 1)*4*"s,

In order to explain many of the precipitation reactions in qualitative
inorganic analysis, values of solubility products of precipitates are useful.
Some of the most important values are collected in Table 1.12. The values
were selected from the most trustworthy sources in the literature. The values
of solubility products are determined by various means, and the student is
referred to textbooks of physical chemistry for a description of these methods.
Many of these constants are obtained by indirect means, such as measurements
of electrical conductivity, the e.m.f. of cells, or from thermodynamic calcu-
lations, using data obtained by calorimetry. The various methods however, do
not always give consistent results, and this may be attributed to various causes
including the following. In some cases the physical structure, and hence the
solubility, of the precipitate at the time of precipitation is not the same as that
of an old or stabilized precipitate; this may be due to the process known as
‘ripening’, which is a sort of recrystallization, or it may be due to a real change
of crystal structure. Thus, for nickel sulphide three forms (x, §, and y) have
been reported with solubility products of 3 x 102!, 1 x 10~2¢ and 2 x 10728
respectively; another source gives the value of 1:4 x 1024, The a-form is said
to be that of the freshly precipitated substance: the other forms are produced
on standing. For cadmium sulphide a value of 1-4 x 10~2® has been computed
from thermal and other data (Latimer, 1938), whilst direct determination leads
to a solubility product of 5-5 x 10~2% (Belcher, 1949).

The solubility product relation explains the fact that the solubility of a sub-
stance decreases considerably if a reagent containing a common ion with the
substance is added. Because the concentration of the common ion is high, that
of the other ion must become low in the saturated solution of the substance;

K =
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Table I.12  Solubility products of precipitates at room temperature

Substance Solubility Substance Solubllity

product product
AgBr 7-7x 10713 FeS 40x10"1°
AgBrO, 50% 1075 Hg,Br, 52x 10723
AgCNS 1-2x 10712 Hg,Cl, 35% 10718
AgCl 1-5x 10710 Hg,1, 1-2x 10728
Ag,C,0, 50x10"12 Hg,S 1x10°45
Ag,CrO, 2:4x 10712 HgS 4% 107354
Agl 0-9x 10716 K, [PtClg] 1'1x 1075
AglO, 20x10-8 MgCO, 10x10°%
AgsPO, 18 x 10~ 18 MgC,0, 8-6x10"3
Ag,S 1-6x 10749 MgF, 7-0% 102
Ag,SO, 77%x 103 Mg(NH,)PO, 2:5% 1013
AI(OH), 8:5x 10723 Mg(OH), 34 %101
BaCO, 81x10"° Mn(OH), 4-0x 10714
BaC,0, 17 %1077 MnS 1-4x 10715
BaCrO, 1-6x 10710 Ni(OH), 87x10°1°
BaSO, 92x 10" 1! NiS 1-4 x 10724
Bi,S,; 16 x10"72 PbBr, 79 %103
CaCO, 4-8x10°° PbCl, 2:4x10°4
CaC,0, 26x10°° PbCO, 33x 10714
CaF, 32x 1071 PbCrO, 1-8 x 10~ 14
CaSO, 23x 1074 PbF, 37x 1078
Cds 1-4 x10728 Pbl, 8-7x10"°
Co(OH), 1:6x 107 1® Pb,(PO,), 15 x 10732
Co(OH), 2:5x 10743 PbS 5x%10"2°
CoS 3Ix 10726 PbSO, 22x 1078
Cr(OH), 2:9x 10729 SrCO, 16x107°
CuBr 1-6x 10~ 1! SrC,0, 50x10°8
CuCl 1-0x 106 SrSO, 2:8x10°7
Cul 50x10"12 TICI 1-5x10°4
CuS 1x 10744 TII 28x10°8
Cu,S 2x 10747 T1,8 1x10°22
CuSCN 16 x 10~ 11 Zn(OH), 1x10°17
Fe(OH), 48x 10716 ZnS 1x10-23
Fe(OH), 3-8x 10738

The dimension of the solubility product is (mol £~ !)*4**?, the individual ion concentrations
therefore are always expressed in mol £ ~! units.

the excess of the substance will therefore be precipitated. If therefore one ion
has to be removed from the solution by precipitation, the reagent must be
applied in excess. Too great excess of the reagent may however do more harm
than good, as it may increase the solubility of the precipitate because of complex
formation.

The effect of foreign ions on the solubility of precxpxtates is just the opposite;
the solubility increases slightly in the presence of foreign ions.

To explain the effect of foreign ions on the solubility of precipitates, one has
to bear in mind that the solubility product relation, in the strictest sense, has to
be expressed in terms of activities. For the saturated solution of the electrolyte
A, B, _, which ionizes into v,A™ and vgB"~ ions

VA VB’

A,,B,, 2 vVJA™" +vgB*
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the solubility product (K;) must be expressed as
Ks = a}ﬁ“ X (JEE- = fx‘é'n‘ Xfﬁ?ﬁ X [Am+]vA X [Bn_:luB

The activity coefficients f,m+ and fz.- depend however on the concentration
of all ions (that is common and foreign ions) in the solution. The higher the
total concentration of the ions in the solution, the higher the ionic strength,
consequently the lower the activity coefficients (cf. Section I.14). As the solu-
bility product must remain constant, the concentrations [A™*] and [B"]
must increase to counterbalance the decrease of the activity coefficients; hence
the increase in solubility.

The graphs on Fig. 1.11 illustrate the effects of common and foreign ions
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more quantitatively. In the case of TICI the three salts with common ions
decrease the solubility of the salt considerably, though somewhat less than the
solubility product predicts (dotted line), because of the simultaneous decrease
of the activity coefficient (the so-called salt effect). The two salts with no common
ions, on the other hand, increase the solubility, the divalent sulphate exerting
the greater effect. This is quite predictable, as in the expression (cf. Section 1.14)

log f; = —Azf\/l

the charge of the ion, z, has an emphasized role. In the case of Ag,SO, the
excess of AgNO; decreases the solubility somewhat less than simple theory
(which does not take activity coefficients into consideration) predicts; MgSO,
and K,SO, decrease the solubility only slightly, whilst KNO,; and Mg(NO,),
markedly increase the solubility with the divalent magnesium ion causing the
greater increase. The effects of MgSO, and K,SO, are obviously the results
of simultaneous common-ion and salt effects.

The following examples may help the student to understand the subject more
fully. Note that in these examples activities are not taken into consideration;
solubility products are everywhere expressed in terms of concentrations.

Example 14 A saturated solution of silver chloride contains 0-:0015 g of
dissolved substance in 1 litre. Calculate the solubility product.
The relative molecular mass of AgCl is 143-3. The solubility (S) therefore is

0-0015
=T33
In the saturated solution the dissociation is complete:
AgCl 2 Ag* +CI”
Thus, one mole of AgCl produces 1 mole each of Ag* and Cl~. Hence
[Ag*] = 1045x 10" 5 mol £~!
[C1"] = 1:045x 10"° mol £~ !

= 1-045x 105 mol £7!

and

K, = [Ag*]x[Cl"] = 1-045x 107 ° x 1-045 x 10~ *
111 x 107 1% (mol £~ 1)?

Example 15 Calculate the solubility product of silver chromate, knowing
that 1 litre of the saturated solution contains 3-57 x 10~ 2 g of dissolved material.
The relative molecular mass of Ag,CrQ, is 331:7, hence the solubility

S = 3_%"_1_1_;)_:_2 = 1076 x 10”* mol £~}
The dissociation

Ag,CrO, 2 2Ag* +CrO2~
is complete; 1 mole of Ag,CrO, yields 2 moles of Ag* and 1 mole of CrO}™.
Thus, the concentrations of the two ions are as follows:

[Ag*] = 28 = 2-152x 107¢

[CrO?"] =S =1076x10"*
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The solubility product
K, = [Ag*]*x[CrO}™] = (2:152x107%)%x 1-:076 x 10~ *
= 50x10712 (mol £71)3

Example 16 The solubility product of lead phosphate is 1-5x 10732,
Calculate the concentration of its saturated solution in g £~ ! units.
The dissociation equation is

Pb,(PO,), = 3Pb?* +2PO3"
If S is the solubility (in mol £~ 1), we have

[Pb3*] =3S
and .

[PO}"]=2S
or

K, = 1'5x10732 = [Pb?*]Px[PO3"]* = (3 S)* x(2 §)?
or

1:5x10732 = 108 §°

Thus

5/1-5% 10732 _9 1
S = ———TO—S———168><10 mol ¢

The relative molecular mass of Pb;(PO,), is 811:5. Thus the amount of sub-
stance dissolved per litre (m) is

m=2811'5x168x10"7 = 1-37x10"*g ¢!

Example 17 Given that the solubility product of magnesium hydroxide
is 3-4x 10711, calculate the concentration of hydroxyl ions in a saturated
aqueous solution. The dissociation

Mg(OH), = Mg?* +20H"

being complete, we may put [Mg?*] = x; then [OH™] = 2x. The solubility
product can thus be written as

K, = [Mg“] X [OH':|2 = x(2x)? = 4x3 = 34 x10™ 1
Hence

334 %1017
x = /3+=2-04x10"4m018'1

and as [OH™] = 2x, we can calculate
[OH™] =2x204%x10"* = 408 x 10"* mol £~*

Example 18 What is the concentration of silver ions (in mol £~! units)
remaining in a solution of AgNO, after the addition of HCI to make the final
chloride-ion concentration 0-05 molar?

The solubility product of AgCl is

K, =15x1071° = [Ag*]x[Cl]
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In the final solution [C1"] = 5x 1072 mol £~!. Thus

K, 15x1071°
7 _ s _
[Ag"] = ro7 = Sx10-2

Example 19 To 100 ml of a solution, which contains 829 x 1073 g lead
ions, 100 ml of 10~ 3M sulphuric acid is added. How much lead remains in the
solution unprecipitated ?

When mixing the reagents, PbSO, is precipitated:

Pb2* +S02~ 2 PbSO,

The solubility product of PbSO, is 2:2 x 10™2 and the relative atomic mass of
Pb is 207-2.

1 litre of the same solution would contain 8:29 x 10~ 2 g of Pb?*; the molar
concentration of Pb2” in the original solution is

829 x 1072
207-2

while that of sulphate ions is, as given in the question
[SO; Jor = 1073 mol £

At the instant of mixing, these concentrations are halved, because each solution
is diluted to twice its original volume. At the same time precipitation occurs.
If x mol of Pb2* is precipitated, this will carry again x mol of SO2™ into the
precipitate. Thus, when equilibrium is reached, the concentrations of these ions
can be expressed as

=3x%x10""mol £7!

[Pb2*],, = =4x10"*mol ¢!

-4
[Pb2*] = 4"50 —x =2x10"*—xmol ¢!
and
2- 1073 -4 -1
[SO;7]1 = X = 5%107*—xmol £
The solubility product

K, = [Pb2*][SO37]
can therefore be expressed as

22x1078 = 2x1074=x)(5x 1074 —x) @)
Rearranging the above equation we obtain

x2—=Tx107*x+78x10"% =0

From which x can be expressed as

oo IX10-44/49x 1078 —4x Tx 10°°
B 2
which yields the two roots, x; = 561 x10™* and x, = 1-4x107*. The two
roots both fulfil equation (i), but of these x, has obviously no physical meaning,

as it would yield negative concentration values for both ions in the expression
of the solubility product. The value x, = 14 x 10™* is therefore the one which
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has to be taken into consideration. The concentration of lead ions in the final
solution thus becomes

[Pb?*] =2x107%—14x107* = 6x 1073 mol £!

In 200 ml of solution we have one-fifth of this number of moles, i.e.
1-2 x 1073 mol Pb2*. Multiplying by the relative atomic mass we can calculate
the amount of lead which was left unprecipitated:

Mpy2s = 202Tx12x 1075 = 243x 1073 g

showing that under such circumstances about one-third of the original amount
of lead (8-29 x 10”3 g) remains dissolved.

1.28 APPLICATIONS OF THE SOLUBILITY PRODUCT RELATION
In spite of its limitations (as outlined in the previous section) the solubility
product relation is of great value in qualitative analysis, since with its aid it is
possible not only to explain but also to predict precipitation reactions. The
solubility product is in reality an ultimate value which is attained by the ionic
product when equilibrium has been established between the solid phase of the
slightly soluble salt and the solution. If conditions are such that the ionic product
is different from the solubility product, the system will seek to adjust itself in
such a manner that the ionic product attains the value of the solubility product.
Thus, if the ionic product is arbitrarily made greater than the solubility product,
for example by the addition of another salt with a common ion, the adjustment
of the system results in the precipitation of the solid salt. Conversely, if the ionic
product is made smaller than the solubility product, as, for instance, by
diminishing the concentration of one of the ions, equilibrium in the system is
attained by some of the solid salt passing into solution.

As an example of the formation of a precipitate, let us consider the case of
silver chloride. The solubility product is

K, = [Ag*]x[CI"] = 1'5x 1071°

Let us suppose that to a solution which is 0-1 molar in silver ions we add enough
potassium chloride to produce momentarily a chloride concentration 0-01 molar.
The ionic product in such a case would be 0-1 x0-01 = 1073, As 1073 >
1:5x 10719, equilibrium will not exist and precipitation of silver chloride will
take place

Ag* +CI~ 2 AgCl

until the value of ionic product has been reduced to that of the solubility product,
ie. until [Ag*] x[C17] = 1-5x 107° At this point equilibrium is reached
(cf. Section L1.13), that is the rate of formation of silver chloride precipitate
equals the rate of its dissolution. The actual ionic concentrations can easily be
calculated (cf. Example 19). Such a solution is now saturated for silver chloride.
If then we add either a soluble chloride or a silver salt in small quantity, a slight
further precipitation of silver chloride takes place, until equilibrium is reached
again and so on. It should be pointed out, that the solubility product defines a
state of equilibrium, but does not provide information about the rate at which
this equilibrium is established. The rate of formation of precipitates will be
discussed in a separate section (cf. Section 1.29).

Attention must also be drawn to the fact that complete precipitation of a

75



128 QUALITATIVE INORGANIC ANALYSIS

sparingly soluble electrolyte is impossible, because no matter how much the
concentration of one ion is arbitrarily increased (and there are physical limita-
tions in this respect too), the concentration of the other ion cannot be decreased
to zero since the solubility product has a constant value. The concentration of
the ion can of course be reduced to a very small value indeed: in Example 18
the silver-ion concentration is aslowas 3 x 1072 mol £ ! (or 3 x 107° x 107-87 =
3-236 x 10”7 g £~ ') which is negligible for most practical purposes. In practice,
it is found that, after a certain point, a further excess of precipitant does not
materially increase the weight of precipitate. Indeed, a large excess of the
precipitant may cause some of the precipitate to dissolve, either as a result of
increased salt effect (see Section 1.27) or as a result of complex ion formation
(for more details, see Section 1.31). Some results of Forbes (1911), collected in
Table 1.13, on the effect of larger amounts of sodium chloride on the solubility

Table 1.13 The effect of sodium
chloride on the solubility of silver

chloride

NaCl present Dissolved Ag*
mol £ mol £-1
0-933 86x10°%
1-433 1-84x 10"+
2:272 574x 104
3-:000 1-119x10°3
4170 334x10°3
5-039 6:04 x10~3

of silver chloride illustrate this point. These results show why only a moderate
excess of the reagent should be used when carrying out precipitation reactions.

On the basis of this general discussion, we can now consider some direct
applications of the solubility product principle to quantitative inorganic
analysis.

Precipitation of sulphides Hydrogen sulphide gas is a frequently used reagent
in qualitative inorganic analysis. When hydrogen sulphide gas is passed into a
solution, metal sulphides are precipitated. For this precipitation the rule men-
tioned above can be applied: precipitation may take place only if the product of
concentrations of metal ions and sulphide ions (taken at proper powers) exceed
the value of the solubility product. While the concentration of metal ions usually
does fall into the range of 1-1073 mol £ !, the concentration of sulphide ion
may vary considerably, and can easily be selected by the adjustment of the pH
of the solution to a suitable value.

This variation of the sulphide ion concentration with pH is due to the fact that
hydrogen sulphide is a weak acid itself, with two dissociation steps:

H,S 2 H" +HS™
with
[H'][HS"]

=L L J_09. -8
K, [H.S] 91x 10
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and
HS™ 2@ H* +8%"
with

[H*1S*7] _ 5 10-15
K2 = ‘W = 12x10

Multiplying the two equations we obtain

[H*T2[s*] -
- = = = 0 ~ 0 22
5] KK, = 109x 10 1

At room temperature (25°C) and atmospheric pressure the saturated aqueous
solution of hydrogen sulphide is almost exactly 0-1 molar. As the substance is a
weak acid, its dissociation may be ignored, and the value [H,S] = 0‘1 inserted
into the above equation:

[HTPP[S*7] _ 4-22

The expression can be rearranged to give

_ 10723 .
[s*7]1= a2 ()
This equation shows the correlation between hydrogen-ion concentration and
the concentration of sulphide ions. It can be seen that the sulphide-ion con-
centration is inversely proportional to the square of hydrogen-ion concen-
tration. In strongly acid solutions ([H+1] = 1) the sulphide-ion concentration
may not be greater than 10723 mol £~ 1. Under such circumstances only the
most insoluble sulphides can be precipitated. In a neutral solution ((H*]=10"7)
the sulphide-ion concentration rises to 10~ ° mol £ !, enabling the precipitation
of metal sulphides with higher solubility products.
Equation (i) can be simplified further if we introduce the quantity pS, the
sulphide ion exponent. Its definition is analogous to that of pH:

pS = —log[§*7]
Using such a notation, equation (i) becomes
pS = 23—-2pH

This equation can easily be memorized and used for quick calculations. The
equation is strictly valid for the pH range 0-8; over pH = 8 the dissociation of
hydrogen sulphide cannot be disregarded any more, and therefore the simple
treatment outlined above cannot be used. With proper mathematical treatment
the sulphide ion exponent even for pH above 8 can be calculated; results of
such calculations are summarized on the graph of Fig. 1.12. This graph can be
used if predictions on the precipitation of sulphides are required. This is
illustrated in the following examples.

Example 20 Given is a solution containing 0:IM CuSO, and 0-1M MnSO,.
What happens if (@) the solution is acidified to achieve pH = 0 and saturated
with hydrogen sulphide gas, and (b) if ammonium sulphide solution is added,
which adjusts the pH to 10?7 The solubility products of CuS and MnS are
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pS 24
22

| i L 1 i 1 |
0 2 4 6 8 1012 14
pH

Fig. 1.12

1 x 1074% and 1-4 x 10715 respectively (cf. Table 1.12).

(@) From Fig. 1.12, at pH =0 the value of pS is 23, that is
[S2°] = 1072> mol £7*. The metal-ion concentrations being 10”! mol £~*
in both cases, the product of ion concentrations is 10~ 2° for both ions. Because
10724 > 1x 10~44, copper sulphide will be precipitated, while as 1072* <
1-4 x 107 !5 manganese sulphide will not be precipitated at all. It is possible
therefore to separate copper and manganese at pH = 0.

(b) Using Fig.1.12, we find at pH = 10 the value 4 for pS. This corresponds
to [S2”] = 107* mol £7*. The product of ion concentrations is 10~ for both
metal ions. As 1075 > 1'4x 10715 > 1 x107%4, both CuS and MuS will be
precipitated under such conditions.

Example 21 Given a 0-01M solution of ZnCl,, what is the lowest pH at
which ZnS can be precipitated?
From Table 1.12 the solubility product of ZnS is taken as 1 x 10723, Thus

[Zn2+] [Sz—:' — 10—23
and {Zn?*] = 1072, the sulphide-ion concentration in the saturated solution is

-23
5] = 3

Tz =10

and pS = 21. From the equation
pS =23-2pH
the minimum value of pH at which precipitation occurs is
23—pS _ 23-21 -1
2 2

In fact, if we want to precipitate ZnS quantitatively, the pH must be raised
even higher. At pH 4 to 5, that is from a solution containing an acetate buffer,
ZnS wili precipitate easily.

pH =
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If similar calculations are carried out for a number of other metal sulphide
precipitates it is easy to classify these metals into two distinct groups. Metal
ions like Ag*, Pb2*, Hg3*, Bi**, Cu?*, Cd?*, Sn?*, As** and Sb** form
sulphides under virtually any circumstances e.g. they can be precipitated from
strongly acid (pH = 0) solutions. Other metal ions, like Fe?*, Fe3*, Ni**,
Co?*, Mn2*, and Zn?* cannot be precipitated from acid solutions, but they
will form sulphides in neutral or even slightly acid (buffered) solutions. The
difference is used in the analytical classification of these ions; the first set of ions
mentioned form the so-called first and second groups of cations, while the
second set are members of the third group. The separation of these ions is based
on the same phenomenon.

Precipitation and dissolution of metal hydroxides The solubility product
principle can also be applied to the formation of metal hydroxide precipitates;
these are also made use of in qualitative inorganic analysis. Precipitates will be
formed only if the concentrations of the metal and hydroxyl ions are momen-
tarily higher than those permitted by the solubility product. As the metal-ion
concentration in actual samples does not vary much (107! —10"3mol £7! is
the usual range), it is the hydroxyl-ion concentration which has the decisive
role in the formation of such precipitates. Because of the fact that in aqueous
solutions the product of hydrogen- and hydroxyl-ion concentrations is strictly
constant (K, = 107!* at 25°C, cf. Section 1.18), the formation of a metal-
hydroxide precipitate depends mainly on the pH of the solution. Using the
solubility product principle, it is possible to calculate the (minimum) pH
required for the precipitation of a metal hydroxide.

Example 22 Calculate the pH (a) at which the precipitation of Fe(OH), begins
from a 0-01M solution of FeCl;, and () the pH at which the concentration of
Fe3* ions in the solution does not exceed 10~ °M, that is to say, when the pre-
cipitation is practically complete. The value of the solubility product
(cf. Table 1.12) is

K, = [Fe**][OH™]® = 3-8x 10738
(@) With [Fe3*] = 1072, the hydroxyl-ion concentration

3/ K, 3/3-8x 10738
H ] = S = =] -12
[OH™] \/[Fe3+] \/ 02 1-56 x 10
The hydrogen-ion concentration is
K 10714
H+ = hd =
[H"] [OH"] 1:56x107!2
and the pH
pH = —log[H*] = —log(6-41 x 1073) = 2:19

Thus, Fe(OH); will start to precipitate at pH = 2-19.
(b) With [Fe3*] = 1073, the hydroxyl-ion concentration

3/ K 3/3-8x 10738
H— = S = —_ . -11
[OH™] \/[Fe3+] \/ 103 1:56 x 10

= 641x1073
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The hydrogen-ion concentration
K, 10714

+ = = = * -4
B = tor=] ~ Tsex10-1 — 841%10
and the pH
pH = —log[H*] = —log(6:41 x 10™%) = 3-19

Thus at pH = 3-19 Fe(OH), is completely precipitated.

Results of similar calculations, made on several metal-hydroxide precipitates,
are summarized on the graphs of Fig. 1.13. (Erdey, 1963). The shaded area in
each graph shows the pH region in which the precipitate is formed; the areas
left white correspond to circumstances under which the ions are in the dissolved
phase. The upper ends of the oblique lines, drawn as boundaries, correspond
to solutions containing 1072 mol £~! metal ions, these are therefore the pH
values at which precipitation begins. The lower ends, on the other hand, mark

pH| 1 2 3 4 5 6 7 8 9 10 11 1213

TWOH), | i
Sn(OH), WA
NWOH)s V1 iiiiziiiziziid
T«OH)s |17/l
ClOH), | i
Zr(OH), LTI,
Sa(OH), 77777777,
TiOH). [ 7700000000

Th(OH), IR,
Fe(OH), W,
AOH), I /e
Cr(OH), W////ﬁ/‘
UO,(0H), N\,
Be(OH), W
Zn(OH), Ly
Fe(OH) L
Cd(OH), o
NI(OH), W)
Co(OH), Ky
AgOH W
Pb(OH), W
Re(OH) Lo
HgO T
Mn(OH), L
Mg(OH), W

M. WO, 1777777777777
H.MoO, V7777777777770
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Fig. 1.13
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the pH at which precipitation becomes complete (i.e. where the concentration
of metal ions in the solution decreases below 103 mol £~ !). The figure also
shows the dissolution pH values of amphoteric hydroxides in alkalis. Some of
the hydroxides (like AgOH or Cu(OH),) may dissolve in ammonia solution at
even lower pH values owing to the formation of ammine complexes, these
pH values however are not shown on the diagram. Dashed lines correspond to
irreversible precipitation and dissolution, or to uncertain values in general.

From the diagram important conclusions may be drawn, and even separation
schemes may be devised. If for example we have a solution which contains
Fe3*, Ni?* and Zn?* ions, the following method could be used for their
separation: first the pH is adjusted to 4, when Fe(OH); is precipitated. The
precipitate is filtered, washed, and the filtrate treated with an excess of sodium
hydroxide. By adjusting the pH to 12-13 in this way, Ni(OH), is precipitated,
but the Zn(OH),, formed during the addition of the reagent, is redissolved.
The Ni(OH), precipitate can then be filtered and washed. The three ions are
thus separated.

It is useful to state that there are complete separation systems of cations
devised, based entirely on the separation of metal hydroxides, omitting the
use of sulphides altogether. These however will not be discussed here. As it
will be seen later, the separation of ions within the third group of cations, is
almost entirely based on the differences in the solubilities of their hydroxides.

Solubility of sparingly soluble salts of weak acids in strong mineral acids The
solubility product principle enables us to give a simple explanation of this
phenomenon, which is of relatively frequent occurrence in quantitative analysis.
Typical examples are the solubilities of calcium oxalate or barium carbonate in
hydrochloric acid. When dilute hydrochloric acid is added to a suspension of
calcium oxalate, the following equilibria will occur simultaneously:

Ca(COO0),(s) 2 Ca?* +(CO0);~ 6]
(CO0);~ +H* 2 H(COO0); (i1)
H(COO0); +H* = (COOH), (iii)
Equilibrium (i) can be characterized with the solubility product:
K, = [Ca?*] x[(CO0):"] = 2:6x107° @iv)

For equilibria (ii) and (iii) the following ionization equilibrium constants
will be valid

[H*][(CO0):"]

Ko = [H(COO0);3] = S0 )
and

_[H*I[HECO0):] ., .

K, = [(COOH),] = 2:4x107? (vi)

It is evident from equation (v) that if [H*] is large, it will decrease [(COO)3 ]
by forming H(COO); (and subsequently (COOH), in a saturated solution of
calcium oxalate. Because of the constancy of the solubility product (equation
(iv)) some of the calcium oxalate must dissolve to produce oxalate ions. If the
hydrogen-ion concentration is high enough, the whole amount of precipitate
may dissolve.
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Similarly, if hydrochloric acid is added to a solution containing barium
carbonate precipitate, the following equilibria will exist in the solution:

BaCO,(s) 2 Ba?* +CO3%" (vii)
H*+CO3%™ 2 HCO; (viii)
H*+HCO; 2 H,CO,; 2 H,0+CO,(g) (ix)
These equilibria can be characterized with the solubility product
K, = [Ba?*]x[CO%"] = 81x107° (x)
and with the ionization constants of carbonic acid
[H*][HCO5] -7 -
Ki==———_—=-==431x10 (xi)
' [H,CO,]
and
+ 2-
K, = (OO0 _ 561 w1071 (xii)

[HCO3]

Now, because of the low values of the two ionization constants of carbonic
acid, hydrogen ions will immediately combine with carbonate ions present in
the solution (owing to process vii) forming first hydrogen carbonate (equation
viii), then ultimately carbonic acid (equation ix). This decomposes to water
and carbon dioxide, and (unless pumped back into the solution at higher
pressure) the latter is removed from the system by bubbling out of the solution.
If there are enough hydrogen ions added, the whole set of equilibria gets shifted
towards the right-hand sides, ending up in the complete decomposition and
dissolution of barium carbonate. Any other metal carbonate undergoes similar
decomposition when treated with an acid. Even an acid as weak as acetic acid
will decompose carbonates.

Fractional precipitation The calculation as to which of two sparingly soluble
salts will be precipitated under given experimental conditions may be also
made with the aid of the solubility product principle. An example of great
practical importance is the Mohr method for the estimation of halides. In this
process a solution of chloride ions is titrated with a standard solution of silver
nitrate, a small quantity of potassium chromate being added to serve as an
indicator. Here two sparingly soluble salts may be formed, viz. silver chloride
(a white precipitate) and silver chromate (which is red):

Ag* +ClI” 2 AgCl(s)
and
2Ag* +CrO2™ 2 Ag,CrO,(s)
The solubility products of these precipitates are as follows (cf. Table 1.12).
K(AgCl) = [Ag*]x[CI"] = 1'5x1071° 0
K,(Ag,Cr0,) = [Ag*]*x[Cr03~] = 24 x 10712 (ii)

In the saturated solution of the mixture of both precipitates these solubility
equilibria will prevail simultaneously. From the two equations we can therefore
obtain
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[CI"]?  (:5x107!0* 1]
[CrO2"] ~ 2:4x107'2 ~ 1-1x10°®

This expression shows that under equilibrium conditions the concentration of
chromate ions in the solution is always much greater than that of the chloride
ions. If therefore to a mixture of chloride and chromate ions, silver ions are
added, these will combine with chloride ions, forming silver chloride precipitate
until the concentration of chloride ions in the solution decreases to such an
extent, that the ratio expressed in equation (iii) is achieved. From then
onwards the two precipitates will be formed simultaneously. If a 0-1M solution
of sodium chloride is titrated with silver nitrate in the presence of 0-002m
potassium chromate, the concentration of chloride ions at which silver chromate
starts to precipitate can be expressed from equation (iii):

- l o [2x105
[Cl]"\/m[cr04]—\/m—426>(10 M

Therefore practically all chloride ions are removed from the solution before
silver chromate is formed.

Another example of some practical interest is the precipitation with sulphate
of a solution containing strontium and barium ions. The solubility products of
the precipitates SrSO, and BaSO, are as follows (cf. Table 1.12):

K(SrSO,) = [Sr2*] x [SO3"] = 28x 1077 (iv)

K(BaSO,) = [Ba2*]x[SO%"] = 92x 107! v)
These two expressions and also the relation

[Sr**]  28x1077 __ 3000

[Ba?*] ~ 92x1071T 7~ ]

must be satisfied for the equilibrium between the two precipitates. It follows
therefore that if in a solution [Sr?*] > 3000[Ba®*] and sulphate ions are
added, SrSO, will be precipitated until the ratio given in equation (vi) is
reached; from then onwards the two ions will precipitate simultaneously. On
the other hand, if originally [Sr?*] < 3000[Ba®*] and sulphate ions are added
again, first BaSO, will be precipitated until the ratio [Sr?*]/[Ba®*] = 3000
is reached; from then onwards both precipitates will be formed together. In
the supernatant liquid the ratio expressed in equation (vi) will be maintained.

Similar calculations may be carried out for the pairs SrSO, and CaSO,, and
BaSO, and CaSO,; the results have an important bearing on the separation
of Group 1V cations.

As previously pointed out, the values of many solubility products are not
known with any great accuracy: for this reason considerable caution must be
exercised in predicting whether or not a given ion can be separated from one or
more ions on the basis of solubility product equations, particularly where there
is some doubt as to the exact magnitude of the solubility product.

(iif)

(vi)

1.29 MORPHOLOGICAL STRUCTURE AND PURITY OF PRECIPI-
TATES Precipitation is probably the most frequently used method in the
practice of qualitative analysis. The occurrence of a precipitate as the result of
the addition of a certain reagent may be used as a test for a given ion. In such
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cases we simply observe whether the precipitate formed has the proper colour
and general appearance and sometimes carry out tests with further reagents,
observing their effects on the precipitate. Precipitates may however be produced
for the sake of separation. Doing so, a suitable reagent is added, which forms
precipitate(s) with only one or a few of the ions present. After the addition of a
suitable amount of the reagent the precipitate is filtered and washed. Some of
the ions remain dissolved, while others are to be found in the precipitate. In
order to achieve as far as possible a quantitative separation, the precipitate
must be easily filterable and must be free of contamination.

The ease with which a precipitate can be filtered and washed depends largely
upon the morphological structure of the precipitate, that is the shape and size
of its crystals. Obviously, the larger the crystals that are formed during the
course of precipitation, the easier they can be filtered, and very probably
(though not necessarily) the quicker they will settle out of the solution, which
again will assist filtration. The shape of crystals is also important. Simple
structures, like cubes, octahedrons, or needles, are advantageous, because it is
easy to wash them after filtration. Crystals with more complex structures,
containing dents and cavities, will retain some of the mother liquid, even after
thorough washing. With precipitates made up of such crystals quantitative
separations are less likely to be achieved.

The size of crystals formed during the course of precipitation depends mainly
on two important factors: these are the rate of nucleation and the rate of
crystal growth.

The rate of nucleation can be expressed by the number of nuclei formed in
unit time. If the rate of nucleation is high, a great number of crystals are formed,
but none of these will grow too large, i.e. a precipitate made up of small particles
is formed. The rate of nucleation depends on the degree of supersaturation of
the solution. Experience has shown that the formation of crystals from a
homogeneous solution often does not start at the concentration of ions allowed
by the solubility product, but is delayed until the concentration of the solute is
much higher than that of the saturated solution. Such a supersaturated solution
may stay for quite a long time in this metastable state; often special procedures
are required (shaking, scratching the wall of the vessel with a glass rod, inocu-
lation with a crystal) to promote crystallization. The higher the degree of super-
saturation, the greater is the probability of forming new nuclei, thus the higher
the rate of nucleation.

The rate of crystal growth is the other factor which influences the size of
crystals formed during the course of precipitation. If this rate is high, large
crystals are formed. The rate of crystal growth depends also on the degree of
supersaturation. It is advisable however, to create circumstances under which
supersaturation is moderate, allowing only a relatively small number of nuclei
to be formed, which in turn can grow into large crystals.

The morphological structure of precipitates can often be improved by after-
treatment. It is known* that the solubility of very small particles is considerably
greater than that of a larger crystal of the same substance. If a mixture made of
the mother liquor and the precipitate is simply allowed to stand for a longer
time, the small particles will slowly dissolve in the mother liquor, while the
larger particles will in turn grow; thus a recrystallization occurs. This process

* Cf. L. Erdey’s Gravimetric Analysis, Vol. 1, Pergamon Press 1963, p. 81 et f.
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of ageing or ripening can be considerably accelerated by keeping such mixtures
at higher temperatures, e.g. allowing them to stand on a water bath. The process
of ageing precipitates in this way is often called digestion. After such treatment
the precipitate becomes more easily filterable and washable; this is why this
step is included in almost all procedures of gravimetric analysis. On the other
hand, ageing of a precipitate might have an unwanted effect. A freshly obtained
precipitate might, for example, be soluble in acids or bases, while if aged, it
becomes resistant to such agents. When dealing with the reactions of ions
attention will be drawn to such cases.

When a precipitate is separating from a solution it is not always perfectly
pure; it may contain various amounts of impurities, dependent upon the nature
of the precipitate and conditions of precipitation. The contamination of the
precipitate by substances which are normally soluble in the mother liquor is
termed coprecipitation. Two important processes may be distinguished which
cause coprecipitation. The first is the adsorption of foreign particles on the
surface of a growing crystal, while the second is the occlusion of foreign particles
during the process of crystal growth. Adsorption, in general, is greatest with
gelatinous precipitates and least for those of pronounced macrocrystalline
character.

Some precipitates are deposited slowly and the solution is in the state of
supersaturation for a considerable time. Thus, when calcium oxalate is pre-
cipitated in the presence of larger amounts of magnesium ions, the precipitate
is practically pure at first, but if it is allowed to remain in contact with the
solution, magnesium oxalate forms slowly (and the presence of calcium oxalate
precipitate tends to accelerate this process). Thus, the calcium oxalate precipitate
becomes contaminated owing to post-precipitation of magnesium oxalate.
Post-precipitation often occurs with sparingly soluble substances which tend
to form supersaturated solutions, they usually have an ion in common with the
primary precipitate. Another typical example is the precipitation of copper or
mercury(II) sulphide in dilute acid solution, which become contaminated, if
zinc ions are present, by post-precipitation of zinc sulphide. Zinc ions alone
may not be precipitated with sulphide ions under identical circumstances.

130 THE COLLOIDAL STATE It sometimes happens in qualitative
analysis that a substance does not appear as a precipitate when the reactants
are present in such concentrations that the solubility product of the substance
is greatly exceeded and precautions are taken against supersaturation of the
resulting solution. Thus when hydrogen sulphide is passed into a cooled solution
of arsenic(III) oxide, no precipitate is discernible when one looks through the
resulting mixture. The solution, however, has acquired a deep-yellow colour
and when viewed by reflected light shows a marked opalescence. If a powerful
beam of light is passed through the solution and the latter viewed through a
microscope at right angles to the incident light, a scattering of light (bright spots
of light against a dark background) is observed, evidently due to the light re-
flected by the particles in suspension in the solution. The scattering of light is
called the Tyndall effect, whilst the device suitable for viewing the Tyndall beam
in a microscope is termed the ultramicroscope. True solutions, i.e. those with
particles of molecular dimensions do not exhibit a Tyndall effect. Clearly the
reaction has taken place forming arsenic(I1I) sulphide but particles are in such
a fine state of division that they do not appear as a precipitate. They are in fact
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in the colloidal state or in colloid solution. Other colloidal solutions which may
be encountered in qualitative analysis include iron(III), chromium(III), and
aluminium hydroxides, copper(II), manganese(II), and nickel sulphides, silver
chloride and silicic acid.

Further examination of the colloidal solution of arsenic(I11) sulphide brings
to light other peculiar properties. When an attempt is made to filter the solution,
the particles are found to pass right through the filter paper. Also, when the
colloidal solution is allowed to stand for a long time, no appreciable settling
takes place; no precipitation takes place upon shaking with solid arsenic(11I)
sulphide, thus ruling out the possibility of supersaturation. The addition of, say,
aluminium sulphate solution however brings about immediate precipitation
of arsenic(I1I) sulphide, although there is no apparent reaction between the
AI** or SO2~ and any ion in the solution. Potassium chloride solution produces
the same effect but considerably more of it must be added. Any electrolyte, in
fact, causes precipitation, i.e. coagulation or flocculation of the colloidal material.
Heating the solution also favours coagulation. It is evident that the colloidal
state must be avoided in qualitative analysis, and a more detailed account of
the phenomenon will therefore be given.

The colloidal state of matter is distinguished by a certain range of particle
size, as a consequence of which certain characteristic properties become
apparent. Colloidal properties are in general exhibited by substances of particle
size ranging between 0-2 um and 5nm (2x 10”7 and 5x107° m). Ordmary
filter paper will retain particles up to a diameter of 10-20 ym (1-2 x 1073 m),
so that colloidal solutions, just like true solutions, pass through an ordinary
filter paper (the size of ions is of the order of 0:1 nm = 107! m) The limit of
vision under the microscope is about 5-10 nm (5-10x 107° m). Colloidal
solutions are therefore not true solutions. Close examination shows that they
are not homogeneous, but consist of suspension of solid or liquid particles in a
liquid. Such a mixture is known as a disperse system; the liquid (usually water
in qualitative analysis) is called the dispersion medium and the colloid the
disperse phase.

An important consequence of the smallness of the size of the particles in a
colloidal solution is that the ratio of the surface to the volume is extremely large.
Phenomena which depend upon the size of the surface, such as adsorption,
will therefore play an important part. The effect of particle size upon the area
of the surface will be apparent from the following example The total surface
area of 1 ml of material in the form of a cube of 1 cm side is 6 cm?. When it is
divided into cubes of 107 ®cm (10~® m) size (which approximates to many
colloidal systems), the total surface area of the same volume of material is
6 x 10° cm?.

Although colloidal particles cannot be separated from those of molecular
dimensions by the use of ordinary filter papers — the best quantitative filter
papers retain particles larger than about |1 ym in diameter — separation can be
effected by the use of special devices. The procedure known as dialysis utilizes
the fact that substances in true solution, provided the molecules are not too
large, can pass through membranes of parchment or collodion, while colloidal
particles are retained. The separation can also be effected by ultra-filtration. Filter
papers are impregnated with collodion, or with gelatin subsequently hardened
by formaldehyde, thereby making the pores small enough to retain particles of
colloidal dimensions. The ultimate size of the pores depends upon the particular
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paper used and upon the concentration of the solution employed to impregnate
it. The solution is poured on the filter and the passage of the liquid is accelerated
by suction or by pressure. It may be mentioned that other factors (e.g. rates of
diffusion and adsorption) in addition to pore size determine whether or not
particles of a given size will pass through an ultra-filter.

Colloidal systems, in which a liquid is the dispersion medium, are often
termed sols to distinguish them from true solutions: the nature of the liquid is
indicated by the use of a prefix, e.g. aquasols, alcosols, etc. The solid produced
upon coagulation or flocculation of a sol was originally described as a gel, but
the name is now generally restricted to those cases in which the whole system
sets to a semi-solid state without any supernatant liquid initially. Some authors
employ the word gel to include gelatinous precipitates, such as aluminium and
iron(II1) hydroxides, formed from sols, whereas others refer to them as coagels.
The process of dispersing a flocculated solid or gel (or coagel) to form a colloidal
solution is called peptization.

Colloidal solutions may be divided roughly into two main groups, designated
as lyophobic (Greek: solvent hating) and lyophilic (Greek: solvent loving); when
water is the dispersion medium, the terms hydrophobic and hydrophilic are
employed. The chief properties of each class are summarized in Table 1.14, but
it must be emphasized that the distinction is not an absolute one since some,
particularly sols of metallic hydroxides, exhibit intermediate properties.

Table .14 Some properties of colloid systems

Hydrophobic sols

Hydrophilic sols

1. The viscosity of the sols is similar to that
of the medium. Examples: sols of the metals,
silver halides, metallic hydroxides, and
barium sulphate.

2. A comparatively minute quantity of an
electrolyte results in flocculation. The
change is, in general, irreversible; water has
no effect upon the flocculant.

3. The particles, ordinarily, have an electric
charge of definite sign, which can be changed
only by special methods. The particles
migrate in one direction in an electric field
(cataphoresis or electrophoresis).

4. The ultramicroscope reveals bright
particles in vigorous motion (Brownian
movement).

§. The surface tension is similar to that of
water.

1. The viscosity is very much higher than
that of the medium; they set to jelly-like
masses, often termed gels (or coagels).
Examples: sols of silicic acid, tin(IV), gelatin,
starches, and proteins.

2. Small quantities of electrolytes have little
effect: large amounts may cause precipitation,
‘salting out’. The change is, in general,
reversible upon the addition of water.

3. The particles change their charge readily,
e.g. they are positively charged in acid
medium and negatively charged in a basic
medium. Uncharged particles are also known.
The particles may migrate in either direction
or not at all in an electric field.

4. Only a diffuse light is exhibited in the
ultramicroscope.

5. The surface tension is often lower than
that of water: foams are often produced
readily.

Colloid particles in solution exhibit the phenomenon called the Brownian
motion, which can be observed by the ultramicroscope. When placed into an
electric field, they usually migrate towards one of the electrodes, showing that
the colloid particles possess a distinct charge. This charge can be both positive
and negative. Negatively charged colloids include the sols of metals, sulphur,
metallic sulphides, silicic acid, stannic acid, silver halides, gums, starch, and
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certain acid dyestuffs, whilst sols of metallic hydroxides and of certain basic
dyestuffs usually carry a positive charge.

The stability of a colloidal solution is intimately associated with the electrical
charge on the particles. Thus in the formation of an arsenic(I1I) sulphide sol
by precipitation with hydrogen sulphide in faintly acid solution, sulphide ions
are primarily adsorbed (since every precipitate has a tendency to adsorb its
own ions), and in order to maintain the electroneutrality of the solution, an
equivalent quantity of hydrogen ions is secondarily adsorbed. Thus, an electrical
double layer is created around each particle, with the positive side facing the
solution. As a consequence, the colloid particles repel each other, preventing
the formation of larger (microscopic or macroscopic) particles. If this double
layer is destroyed, the colloid coagulates. This can be achieved, for example, by
adding larger amounts of an electrolyte to the solution (salting-out effect). The
ions of the electrolyte, being present in large concentrations, interfere with the
formation of a spherical electrical double layer around the particles, which are
therefore not inhibited further from coagulation. It appears that ions of opposite
charge to those primarily adsorbed on the surface are necessary for coagulation.
The minimum amount of electrolyte necessary to cause flocculation is called
the flocculation or coagulation value. It has been found that the latter depends
upon the valency of the ions of the opposite charge to that on the colloidal
particle, the higher the valency the smaller the coagulation value; the nature
of the ions has some influence also. If two sols of opposite charge are mixed
(e.g. iron(III) hydroxide and arsenic(I1I) sulphide), mutual coagulation usually
occurs because of the neutralization of charges.

The above remarks apply largely to hydrophobic sols. Hydrophilic sols are
generally much more difficult to coagulate than hydrophobic sols. If a small
amount of a hydrophilic sol (preferably, but not necessarily, with the same
charge), e.g. gelatin, is added to a hydrophobic sol, e.g. of gold, then the latter
appears to be strongly protected against the flocculating action of electrolytes.
It may be that the particles of the lyophilic sol are adsorbed by the lyophobic sol
and impart their properties to the latter. The hydrophilic substance is known as
a protective colloid. An explanation is thus provided of the relative stability of
the otherwise unstable gold (or other noble metal) sols produced by the addition
of a little gelatin or of the salts of protalbic or lysalbic acids (the latter are
obtained by the alkaline hydrolysis of albumin). For this reason organic matter,
which might form a protective colloid, must generally be destroyed before
proceeding with an analysis.

During the coagulation of a colloid by an electrolyte, the ion of opposite sign
to that of the colloid is adsorbed to a varying degree on the surface; the higher
the valency of the ion, the more strongly is it adsorbed. In all cases, the precipi-
tate will be contaminated by surface adsorption. Upon washing the precipitate
with water, part of the adsorbed electrolyte is removed, and a new difficulty may
arise. The electrolyte concentration in the supernatant liquid may fall below
the coagulation value, and the precipitate will pass into colloidal solution again.
It can be prevented by washing the precipitate with a suitable electrolyte.

The adsorptive properties of colloids find some application in analysis, e.g.
in the removal of phosphates by tin(IV) hydroxide oxide in the presence of
nitric acid (Section V.13); and in the formation of coloured lakes from colloidal
metallic hydroxides and certain soluble dyes (see Section I11.23 and I11.35 for
aluminium and magnesium respectively). There is, however, some evidence
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that lake formation may be partly chemical in character.

Precipitates obtained from dilute or very concentrated solutions are often in
the form of very fine crystals. These fine precipitates will generally become filter-
able if allowed to stand for some time in contact with the mother liquor,
preferably, if the solubility permits, near the boiling point of the solution. The
addition of macerated filter paper is beneficial in assisting the filtration of
colloidal precipitates. The macerated filter paper increases the speed of filtration
by retaining part of the precipitate and thus preventing the clogging of the pores
of the filter paper.

F. COMPLEXATION REACTIONS

1.31 THE FORMATION OF COMPLEXES In the practice of qualitative
inorganic analysis ample use is made of reactions which lead to the formation
of complexes. A complex ion (or molecule) comprises a central atom (ion) and
a number of ligands closely attached to the former. The relative amounts of
these components in a stable complex seems to follow a well-defined stoichio-
metry, although this cannot be interpreted within the classical concept of
valency. The central atom can be characterized by the coordination number, an
integer figure, which shows the number of (monodentate) ligands which may
form a stable complex with one central atom. In most cases the coordination
number is 6 (as in the case of Fe2*, Fe3*, Zn%*, Cr3*, Co3*, Ni?*, Cd?*)
sometimes 4 (Cu?*, Cu*, Pt?*), but the numbers 2(Ag*) and 8 (some of the
ions in the platinum group) do occur.

The coordination number represents the number of spaces available around
the central atom or ion in the so-called coordination sphere, each of which can
be occupied by one (monodentate) ligand. The arrangement of ligands around
the central ion is symmetrical. Thus, a complex with a central atom of a co-
ordination number of 6, comprises the central ion, in the centre of an octahedron,
while the six ligands occupy the spaces defined by the vertices of the octahedron.
To the coordination number 4 a tetrahedric symmetry normally corresponds,
although a planar (or nearly planar) arrangement, where the central ion is in
the centre of a square and the four ions occupy the four corners of the latter,
is common as well.

Simple inorganic ions and molecules like NH;, CN~, Cl~, H,O form mono-
dentate ligands, that is one ion or molecule occupies one of the spaces available
around the central ion in the coordination sphere, but bidentate (like the
dipyridyl ion), tridentate, and also tetradentate ligands are known. Complexes
made of polydentate ligands are often called chelates, the name originating
from the Greek word for the claw of the crab, which bites into an object like
the polydentate ligand ‘catches’ the central ion. The formation of chelate
complexes is used extensively in quantitative chemical analysis (complexometric
titrations).*

Formulae and names of some complex ions are as follows:

[Fe(CN)6]*~ hexacyanoferrate(1I)

* Cf. A. L. Vogel’s A Text-Book of Quantitative Inorganic Analysis. 3rd edn., Longman 1966,
p.415etf.
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[Fe(CN)g ]3>~ hexacyanoferrate(I1I)
[Cu(NH,),]** tetramminecuprate(II)
[Cu(CN), ]} tetracyanocuprate(I)
[Co(H,0)6]* hexaquocobaltate(I11)
[Ag(CN), ]~ dicyanoargentate(I)

[Ag(S,03),13~ dithiosulphatoargentate(I)

From these examples the rules of nomenclature are apparent. The central atom
(like Fe, Cu, Co, Ag) is followed by the formula of the ligand (CN, NH,,
H,0, S,0,), with the stoichiometric index number, (which, in the case of
monodentate ligands is equal to the coordination number). The formula is
placed inside square brackets, and the charge of the ion is shown outside the
brackets in the usual way. When expressing concentrations of complexes,
brackets of the type { } will be used to avoid confusion. In the name of the
ion, first the (Greek) number, then the name of the ligand is expressed, followed
by the name of the central atom and its oxidation number (valency).

The classical rules of valency do not apply for complex ions, To explain the
particularities of chemical bonding in complex ions, various theories have been
developed. As early as 1893, A. Werner suggested that, apart from normal
valencies, elements possess secondary valencies which are used when complex
ions are formed. He attributed directions to these secondary valencies, and
thereby could explain the existence of stereoisomers, which were prepared in
great numbers at that time. Later G. N. Lewis (1916), when describing his
theory of chemical bonds based on the formation of electron pairs, explained
the formation of complexes by the donation of a whole electron pair by an
atom of the ligand to the central atom. This so-called dative bond is sometimes
denoted by an arrow, showing the direction of donation of electrons. In the
structural formula of the tetramminecuprate(II) ion

NH3 2+
i
H,N - Cu « NH,
T
NH,

the arrows indicate that an electron pair is donated by each nitrogen to the
copper ion. Although the Lewis theory offers a comprehensive explanation of
chemical structures in relatively simple terms, a deeper understanding of the
nature of the chemical bond necessitated the formulation of new theories.
Among these the ligand field theory explains the formation of complexes on the
basis of an electrostatic field created by the coordinated ligand around the inner
sphere of the central atom. This ligand field causes the splitting of the energy
levels of the d-orbitals of the central atom, which in turn produces the energy
responsible for the stabilization of the complex (ligand field stabilization
energy). For a more detailed study of the ligand field theory, appropriate text-
books should be consulted.*

* Cf. W. J. Moore’s Physical Chemistry. 4th edn., Longman 1962, p. 545 et f.
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The charge on a complex ion is the sum of the charges on the ions which form
the complex:
Ag* +2CN~ - [Ag(CN), ]~
Cu?* +4CN~ - [Cu(CN), >~
Fe2* +6CN~ — [Fe(CN)g]*~
Fe3* +6CN~ — [Fe(CN)s]*~
If neutral molecules are involved as ligands in the formation of complexes,
the charge on the complex ion remains the same as that on the central atom:
Ag* +2NH; — [Ag(NH;),]"
Ni2* +6NH; — [Ni(NH,)s]**
Complexes with mixed ligands may have quite different charges:
Co3* +4NH; +2NO; — [Co(NH,),(NO,),]* (positive)
Co3* +3NH; +3NO; — [Co(NH;);(NO,);]  (neutral)
Co3* 4+2NH,; +4NO; — [Co(NH,),(NO,),]~ (negative)
The formation of complexes in qualitative inorganic analysis is often observed
and is used for separation or identification. One of the most common pheno-

mena occurring when complex ions are formed is a change of colour in the
solution. Some examples are:

Cu2+ +4NH3 i [Cu(NH3)4]2+

blue deep, dark blue
Fe2* +6CN ™~ - [Fe(CN)s]*~
pale green yellow
Ni?* +6NH, — [Ni(NH3)6‘]2 *
green blue
Fe3* +6F~ — [FeFq]*"
yellow colourless

Another important phenomenon often observed when complexes are formed,
is an increase of solubility; many precipitates may dissolve because of complex
formation:

Agl(s)+28,03" - [Ag(S,0,),]*~ 17

Complex formation is responsible for the dissolution of precipitates in excess
of the reagent:

AgCN(s)+CN~ - [Ag(CN),]~
Bily(s)+1~ — [Bil,]~

There are differences in the stabilities of complexes. Thus, copper(1) sulphide
can be precipitated from a solution of copper ions with hydrogen sulphide:

Cu?* +H,S - CuS(s)+2H"*
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The same precipitate is formed if hydrogen sulphide gas is introduced into the
dark-blue solution of tetramminocuprate(II) ions:

[Cu(NH;),]** + H,S — CuS(s)+2NH; +2NH,

From the colourless solution of tetracyanocuprate(I) [Cu(CN),]3~ ions
however, hydrogen sulphide does not precipitate copper sulphide, indicating
that the tetracyano complex is more stable than the tetrammine complex. On
the other hand, cadmium(II) ions form both tetrammine [Cd(NH,),]** and
tetracyano [Cd(CN),]*~ complexes, but hydrogen sulphide gas can precipitate
the yellow cadmium sulphide from both solutions, even though cadmium
sulphide is more soluble than the copper(I) sulphide precipitate (cf. Table 1.12).
This fact indicates that the tetracyanocadmiate(II) [Cd(CN),]*~ complex is
less stable than the tetracyanocuprate(l) [Cu(CN),]*~

1.32 THE STABILITY OF COMPLEXES In the previous section hints
were made about the differences in stabilities of various complexes. In order to
be able to make more quantitative statements and comparisons, a suitable way
has to be found to express the stability of complexes. The problem in many
ways is similar to that of expressing the relative strength of acids and bases.
This was done on the basis of their dissociation constants (cf. Section 1.16),
obtained by applying the law of mass action to these dissociation equilibria.
A similar principle can be applied for complexes.

Let us consider the dicyanoargentate(I) [Ag(CN),]~ complex. This ion
dissociates to form silver and cyanide ions:

[Ag(CN),]~ = Ag* +2CN~

The fact that such a dissociation takes place can be proved easily by experiments.
Silver ions (which are the product of this dissociation) can be precipitated by
hydrogen sulphide gas as silver sulphide Ag,S, and also silver metal can be
deposited on the cathode from such a solution by electrolysis (note that the
dicyanoargentate ion, with its negative charge moves towards the anode when
electrolysed). By applying the law of mass action to the dissociation mentioned
above, we can express the dissociation constant or instability constant as

[Ag"]1x[CN"}*
{[A2(CN),]}

The constant has a value of 1:0 x 10~2! at room temperature. By inspection
of this expression it must be evident that if cyanide ions are present in excess,
the silver ion concentration in the solution must be very small. The lower the
value of the instability constant, the more stable is the complex and vice versa.
A selected list of instability constants, (all of which have importance in quali-
tative inorganic analysis) is shown in Table I.15.

It is interesting to compare these values and to predict what happens if, to a
solution which contains the complex ion, a reagent is added which, under
normal circumstances, would form a precipitate with the central ion. It is
obvious that the higher the value of the instability constant, the higher the con-
centration of free central ion (metal ion) in the solution, and therefore the more
probable it is that the product of ion concentrations in the solution will exceed
the value of the solubility product of the precipitate and hence the precipitate

K =
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Table 1.15 Instability constants of complex ions

[Ag(NH;),]* = Ag* +2NH, 68x10"3
[Ag(S,0,),]P "= Ag* +28,02" 10 x 10~ 1%
[Ag(CN),]~ = Ag*+2CN- 1:0x 10-2!
[Cu(CN),]*~ = Cu* +4CN- 5-0x10-28
[Cu(NH;),]**= Cu?* +4NH, 46x10"14
[Cd(NH;),]**= Cd** + 4NH, 25x1077
[Cd(CN),J*~ = Cd?** +4CN- 1-4% 10~ 17
[CdL )~ =Cd?* +4I- 5% 1077
[HgCl,]>~ = Hg?* +4Cl- 60x10°17
[Hegl,)>~ = Hg?* +41- 50x1073!
[Hg(CN),]>~ = Hg?* +4CN~ 40x10-42
[Hg(SCN), > "= Hg?* +4SCN"~ 1-0 x 1022
[Co(NH;)]3*= Co®* + 6NH, 2:2x 10734
[Co(NH,)¢]?*== Co®* + 6NH, 1:3x 1075
1,1 =1"+1 14 x 102
[Fse(SCN)]2+ = Fe3* :—SCN' 33x10°2
[Zn(NH;),]?*= Zn** + 4NH, 2:6x10710
[Zn(CN),]?>~ = Zn?f +4CN- 2x10717

will start to form. The lower this solubility product, the more probable that the
precipitate will in fact be formed.

Equally an assessment can be made of the possibility of being able to dissolve
an existing precipitate with a certain complexing agent. Obviously, the more
stable the complex, the more probable it is that the precipitate will dissolve.
On the other hand, the less soluble the precipitate, the more difficult it will be
to find a suitable complexing agent to dissolve it.

Firm predictions can easily be made on the basis of simple calculations. The
following examples illustrate the way in which these calculations are made:

Example 23 A solution contains tetracyanocuprate(I) [Cu(CN),]*>~ and
tetracyanocadmiate(II) [Cd(CN),]>~ ions, both in 0-5M concentration. The
solution has a pH of 9 and contains 0-1 mol £~ ! free cyanide ions. Can copper(])
sulphide Cu, and/or cadmium sulphide CdS be precipitated from this solution
by introducing hydrogen sulphide gas?

From Table 1.12 we have the solubility products

K(Cu,S) = 2x 104
K(CdS) = 1-4x 10-28

and from Table I.15 we take the values of the following instability constants:

_ [Cu"][CN"]*

Kl —W= 5X10_28 (l)
and
_ G IIONTT 41017 (i)

* {[CACN)LT)
We have to calculate the concentrations of the various species present in the
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solution. The hydrogen-ion concentration being 10~° mol £, the sulphide
ion concentration can be expressed as (cf. Section 1.28):

- 1023 10723
SZ = =
51 =ty = a0y
Because of the low values of the instability constants, the complexes are practi-
cally undissociated, thus the concentration of both complex ions are 0-5 mol £ 1.

The concentration of cyanide ions being 10~ ! mol £, the concentrations of
the free metal ions can be expressed from (i) and (ii) as

Ky x{[Cu(CN),]>"} 5x1072*x0'5

=10"°mol £7!

+ = -_
[Cu ] - [CN_:'4 (10_)4
=25x10"2*mol £~ !
and
[Cd“] _ K, x {[Cd(CN)4]2'} _ 1'4x 10717 x 05

[CN-]* - (10~ 1)*
=7x107 % mol ¢!

Now we compare the products of concentrations with the solubility products.
For copper(l) ions we have

[Cu*]?x[S27] = (2:5x10724)2x 1075 = 625x 1073

As 6:25x 10733 < K,(Cu,S), it is obvious that copper(I) sulphide will not be
precipitated under such circumstances. On the other hand, for cadmium ions
we have

[Cd2*]x[S27] = Tx 107 %1075 = 7x 107 *°

As 7x 10719 > K (CdS) the concentrations of the ionic species are higher than
permitted by the solubility product, therefore cadmium(II) sulphide will be
precipitated from such a solution.

This difference in the behaviour of copper and cadmium ions is utilized for
the separation of copper and cadmium. First, excess ammonia is added to the
solution, when the tetrammine complexes of copper(Il) and cadmium are
formed (and hydroxides of other ions may be precipitated). Then potassium
cyanide is added to the solution, when the tetracyano complexes are formed,
and at the same time copper(Il) ions are reduced to copper(l). The deep-blue
colour of the tetrammine cuprate(Il) ions (which serves as a test for copper)
disappears, and a colourless solution is obtained. If hydrogen sulphide gas is
now introduced, the yellow precipitate of cadmium(II) sulphide is formed; by
this the presence of cadmium ions is proved. By filtering the mixture the
separation of copper and cadmium is achieved.

Example 24 What happens if, to a mixture which contains 0-1432 g silver
chloride and 0-2348 g silver iodide, (¢) ammonia and (b) potassium cyanide
solution is added? The final volume of the solution is 100 ml, and the con-
centrations of free ammonia and free potassium cyanide are 2 mol £~' and
0-05 mol £~ ! respectively.

By comparing the relative molecular masses of AgCl (143-2) and Agl (234-8)
with the actual weights we can see that the amount of each precipitate present
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is 1072 mol; if therefore they dissolve completely in the 100 ml solution, the
concentrations of chloride and iodide ions will be 1072 mol £ !. From the
stoichiometry of the dissociation reactions, which lead to the formation of
[Ag(NH,),]" and[Ag(CN),]” complex ions, it follows that their concentrations
will also be 1072 mol £~! in these solutions. The instability constants of these
complex ions are taken from Table 1.15; they are

+ 2

K= AeNe) T

(ii1)

and

_ [Ag"J[CN"]?

 {[A=(CN),]T}

From Table 1.12 we take the solubility products of AgCl and Agl:
K,(AgCl) = 1'5x1071°

and

K, I x 107 2! (iv)

K(Agl) = 0:9x 10716

With these data in hand, we can solve the problems.
(a) If ammonia is added, we have the concentrations

[NH;] = 2 mol £7!
{[Ag(NH3)2:|+} = 10_2 mol 3_1
The concentration of free silver ions can be calculated from equation (iii)
[Ag*] =K1{[Ag(NHz)z]+} _ 6-8 x 10'28 x 1072
[NH,] 2
If the precipitates were completely dissolved, the concentrations of chloride
and iodide ions would be

[C1"] = 1072 mol ¢!
[I7] =10"?mol £°!

Comparing the products of concentrations with the solubility products, we
have

[Ag*]x[C1"] = 17x1071°%x 1072 = 1'7x 107!% < K (AgC}H
Thus the silver chloride precipitate will dissolve in ammonia. On the other hand
[Ag*]x[17] = 1'17x107'°% 1072 = 117 x 1072 > K (Agl)

This result shows that silver iodide will not dissolve in ammonia (though some
of the silver ions will be complexed). These results are in good agreement with
experimental facts.

(b) A similar procedure can be adapted for the case of cyanide. Here

[CN"] =5x10"2mol ¢!
{[Ag(CN),]"} = 1072 mol £~!
[CI"] = 1072 mol £~}
[I7]=10"2mol £7!

= 1"7x10"'° mol ¢!
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From equation (iv) the concentration of free silver ions can be calculated:
A - -21 -2
(ag] = Kl[ARCNLTT) _ 1072 x 10
[CN7] (5x107%)
Comparing the products of ion concentrations with the solubility products
[Ag*]x[CI"] = 4x1072' x 1072 = 4x 10723 < K,(AgC))
[Ag*]x[I"] = 4x1072'x 1072 = 4x 10723 < K (Agl)
we can see that these concentrations are less than ‘allowed’ by the solubility
product for a saturated solution of these silver halides. Consequently, both

precipitates will dissolve in potassium cyanide. Again, this reasoning can be
verified by experiment.

=4x10"2'mol £!

1.33 THE APPLICATION OF COMPLEXES IN QUALITATIVE IN-
ORGANIC ANALYSIS The formation of complexes has two important
fields of application in inorganic qualitative analysis:

(a) Specific tests for ions Some reactions, leading to the formation of com-
plexes, can be applied as tests for ions. Thus, a very sensitive and specific reaction
for copper is the test with ammonia, when the dark-blue tetramminocuprate
ions are formed:

Cu?* +4NH,; 2 [Cu(NH,),]**
blue dark blue

the only other ion which gives a somewhat similar reaction is nickel, which
forms a hexamminenickelate(II) [Ni(NH;)¢]** ion. With some experience
however copper and nickel can be distinguished from each other.

Another important application is the test for iron(III) ions with thiocyanate.
In slightly acid medium a deep-red colouration is formed, owing to the stepwise
formation of a number of complexes:

Fe3* +SCN™ 2 [FeSCN]**
[FeSCN]?** + SCN~ & [Fe(SCN),]*
[Fe(SCN),]* + SCN™ =2 [Fe(SCN),]
[Fe(SCN);]1+SCN™ 2 [Fe(SCN), ]~
[Fe(SCN),]~ + SCN~ 2 [Fe(SCN)s]*~
[Fe(SCN)]>~ +SCN~ 2 [Fe(SCN)g]3~
of these [Fe(SCN),] is a non-electrolyte; it can be readily extracted into ether
or amyl alcohol. The complexes with positive charges are cations and migrate
towards the cathode if electrolysed, while those with negative charges are
anions, moving towards the anode when electrolysed. This reaction is specific
for iron(I11) ions; even iron(II) ions do not react with thiocyanate. The test in
fact is often used to test for iron(IIl) in the presence of iron(II) ions.

Some complexes are precipitates, like the bright-red precipitate formed be-
tween nickel(II) ions and dimethylglyoxime:

96



THEORETICAL BASIS 134

OH
| )
CH,—C—=N—OH CH,—C=N N—C—CH,
NS
2 +Nij2* Ni +2H*
VAN
CH;—C—=N—OH CH,—C=N N—=C—CH,
! l
o) OH

(the arrows represent coordinative bonds). This reaction is specific and sensitive
for nickel, if carried out under proper experimental circumstances (cf. Section
111.27).

(b) Masking When testing for a specific ion with a reagent, interferences may
occur owing to the presence of other ions in the solution, which also react with
the reagent. In some cases it is possible to prevent this interference with the
addition of reagents, so-called masking agents, which form stable complexes
with the interfering ions. There is no need for the physical separation of the ions
involved, and therefore the time for the test can be cut considerably. A classical
example of masking has already been mentioned: for the test of cadmium with
hydrogen sulphide copper can be masked with cyanide ions (cf. Section 1.31
and also Example 23 in Section 1.32). Another example of the use of masking is
the addition of organic reagents containing hydroxyl groups (like tartaric or
citric acid) to solutions containing iron(III) or chromium(III) ions to prevent
the precipitation of their hydroxides. Such solutions may then be made alkaline
without the danger of these metals being hydrolysed, and tests for other ions
can be made.

Masking may also be achieved by dissolving precipitates or by the selective
dissolution of a precipitate from a mixture. Thus, when testing for lead in the
presence of silver, we may produce a mixture of silver and lead chloride
precipitates:

Ag* +CI- - AgCl(s)
Pb2* 4+2C1~ — PbCl,(s)

If ammonia is added, silver chloride dissolves in the form of the diammine-
argentate ion:

AgCl(s)+2NH, — [Ag(NH,),]* +CI-

while lead chloride (mixed with some lead hydroxide) remains as a white
precipitate. In this way, without any further test, the presence of lead can be
confirmed.

1.34 THE MOST IMPORTANT TYPES OF COMPLEXES APPLIED
IN QUALITATIVE ANALYSIS In qualitative inorganic analysis complexes
(both ions and molecules) are often encountered. Some important examples of
these are:

(a) Aquocomplexes Most common ions exist in aqueous solution (and some
also in the crystalline state) in the form of aquocomplexes. Such ions are

[Ni(H,0)s]** hexaquonickelate(II)
[Al(H,0)¢}**  hexaquoaluminato
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[Cu(H,0),]** tetraquocuprate(II)
[Zn(H,0),]** tetraquozincate(II)

Some of the anions, like sulphate, form aquocomplexes as well:
[SO,(H,0)]>~ monoaquosulphate(11)

The hydronium ion H,O" is in fact an aquocomplex itself, and could be written
as [H(H,0)]".

Note that the formula of solid copper sulphate pentahydrate for example
should be written precisely as [Cu(H,0),][SO,(H,0)]. The usual formula,
CuSO,.5H,0 does not account for the fact that there are two different types
of water molecules (copper-water and sulphate-water) in the crystal structure.
This can easily be proved. On heating, first four molecules of water are released
from crystalline copper sulphate, at around 120°C, while the fifth molecule can
only be removed at a much higher temperature, 240°C.

In spite of the fact that these aquocomplexes exist, we normally ignore the
coordinated water molecules in formulae and equations. Thus, instead of
using the formulae mentioned, we shall write simply Ni%*, A13*, Cu?*, Zn?*,
SO2Z~, and H" in the text, unless the formation or decomposition of the aquo-
complex plays a specific role in the chemical reaction.

(b) Ammine complexes These have already been mentioned. They are formed
if excess ammonia is added to the solution of certain metal ions. Such complexes
are

[Ag(NH,),]*  diammineargentate(I)

[Cu(NH;),]** tetramminecuprate(II)

[Co(NH,)¢]** hexamminecobaltate(Il)

These ions exist only at high (>8)pH; the addition of mineral acids
decomposes them.

(c) Hydroxocomplexes (amphoteric hydroxides) Certain metal hydroxide
precipitates, like zinc hydroxide Zn(OH),, may be dissolved either by acids or
by bases, that is they display both acid and base character. For this reason these
precipitates are often termed amphoteric hydroxides. While their dissolution in
acid results in the formation of the aquocomplex of the metal which, in turn, is
normally regarded as the simple metal ion (like Zn%*), the dissolution in
excess base is in fact due to the formation of hydroxocomplexes, as in the
process

Zu(OH), +20H~ 2 [Zn(OH),]*~
The tetrahydroxozincate(II) ion is sometimes (mainly in older texts) represented
as the zincate anion, ZnO?2"~. Similar soluble hydroxocomplexes are as follows:

[Pb(OH),]>~ tetrahydroxoplumbate(II)

[Sn(OH),]*~ tetrahydroxostannate(II)
[but[Sn(OH)¢]*>~ hexahydroxostannate(IV)]

[Al(OH),]~ tetrahydroxoaluminate

In fact, some of these are mixed aquo-hydroxo complexes, and the
proper formulae of the tetrahydroxocomplexes are [Pb(H,0),(OH),]*".
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[Sn(H,0),(OH),}?>", and [Al(H,0),(OH),] respectively.

(d) Halide complexes. Halide ions are often coordinated to metal ions,
forming halide complexes. If, for example, an excess of hydrochloric acid is
added to a solution which contains iron(III) ions (in a suitably high concen-
tration), the solution turns yellow. This colour change (or deepening of colour)
is due to the formation of hexachloroferrate(11I) [FeCls]*~ ions. Silver chloride
precipitate may be dissolved in concentrated hydrochloric acid, when dichloro-
argentate(I) [AgCl,]™ ions are formed. An excess of potassium iodide dissolves
the black bismuth iodide Bil; precipitate under the formation of the tetra-
iodobismuthate(III) [Bil,]~ ion. Especially stable are some of the fluoride
complexes like hexafluoroaluminate [AlF¢]*~, the colourless hexafluoro-
ferrate(III) [FeF¢]*>~ and the hexafluorozirconate(IV) [ZrFg]?~ ions. For this
reason, fluorine is often used as a masking agent both in qualitative and
quantitative analysis.

(e) Cyanide and thiocyanate complexes Cyanide ions form stable complexes
with a number of metals. Such complexes are

[Ag(CN),]-  dicyanoargentate

[Cu(CN),]*~ tetracyanocuprate(I)
[Fe(CN)s]*~ hexacyanoferrate(Il)
[Fe(CN)s]*~  hexacyanoferrate(III)

Note that in [Cu(CN),]>~ copper is monovalent.

Cyanide is often used as a masking agent. In Example 23 its use for masking
copper for the identification of cadmium has been discussed.

Thiocyanate is used in some cases for the detection of ions. Its reaction with
iron(III) ion is characteristic and can be used for detecting both ions. The
deep-red colour observed is due to the formation of a number of thiocyanato-
ferrate(III) ions and also of the chargeless molecule [Fe(SCN),]. The blue
tetrathiocyanatocobaltate(II) [Co(SCN),]?>~ complex is sometimes used for
the detection of cobalt.

(f) Chelate complexes The ligands in complexes listed under (a) to (¢) are all
monodentate. Polydentate ligands, on the other hand, are quite common and
form very stable complexes. These are termed chelates or chelate complexes.
Oxalate is probably the simplest bidentate ligand, forming chelate complexes
such as

[Fe(C,0,);]3~ trioxalatoferrate(III) ion
[Sn(C,0,);]>~ trioxalatostannate(IV) ion

Oxyacids, like citric or tartaric acids, and polyols, like saccharose are also used,
mainly as masking agents, in qualitative analysis. The action of some specific
reagents, like a-o’-bipyridyl for iron(II) and dimethylglyoxime for nickel(II), is
also based on the formation of chelate complexes. In quantitative analysis the
formation of chelates is frequently utilized (complexometric titrations).*

* Cf. A. L. Vogel's A Text-Book of Quantitative Inorganic Analysis. 3rd edn., Longman 1966,
p.415etf.
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G. OXIDATION-REDUCTION REACTIONS

1.35 OXIDATION AND REDUCTION All the reactions mentioned in
the previous sections were ion-combination reactions, where the oxidation
number (valency) of the reacting species did not change. There are however a
number of reactions in which the state of oxidation changes, accompanied by
the interchange of electrons between the reactants. These are called oxidation-
reduction reactions or, in short, redox reactions.

Historically speaking the term oxidation was applied to processes where
oxygen was taken up by a substance. In turn, reduction was considered to be a
process in which oxygen was removed from a compound. Later on, the uptake
of hydrogen was also called reduction so the loss of hydrogen had to be called
oxidation. Again, other reactions, in which neither oxygen nor hydrogen take
part, had to be classified as oxidation or reduction until the most general
definition of oxidation and reduction, based on the release or uptake of electrons,
was arrived at. Before trying to define more precisely what these terms mean,
let us examine a few of these reactions.*

(a) The reaction between iron(III) and tin(II) ions leads to the formation
of iron(II) and tin(IV):

2Fe3* +Sn?* — 2Fe?* 4+ Sn**

If the reaction is carried out in the presence of hydrochloric acid, the dis-
appearance of the yellow colour (characteristic for Fe3*) can easily be observed.
In this reaction Fe3* is reduced to Fe?* and Sn?* oxidized to Sn**. What in
fact happens is that Sn?* donates electrons to Fe3*, thus an electron transfer
takes place.

(b) If a piece of iron (e.g. a nail) is dropped into the solution of copper
sulphate, it gets coated with red copper metal, while the presence of iron(II)
can be identified in the solution. The reaction which takes place is

Fe+Cu?* - Fe2* +Cu

In this case the iron metal donates electrons to copper(II) ions. Fe becomes
oxidized to Fe2* and Cu?* reduced to Cu.

(¢) The dissolution of zinc in hydrochloric acid is also an oxidation-
reduction reaction:

Zn+2H* - Zn?* +H,

Electrons are taken up by H* from Zn; the chargeless hydrogen atoms combine
to H, molecules and are removed from the solution. Here Zn is oxidized to
Zn** and H* is reduced to H,.

(d) In acid medium, bromate ions are capable of oxidizing iodide to
iodine, themselves being reduced to bromide:

BrO; +6H* + 61~ — Br™ +3I,+3H,0

It is not so easy to follow the transfer of electrons in this case, because an acid-
base reaction (the neutralization of H* to H,O) is superimposed on the redox

* In this section only such oxidation-reduction reactions are dealt with as have importance in
qualitative analysis. Other processes, with technological or historical importance, such as com-
bustion or extraction of metals are not treated here as these fall outside the scope of this book.
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step. It can be seen however that six iodide ions lose six electrons, which in turn
are taken up by a single bromate ion.

(e) Even more complicated is the oxidation of hydrogen peroxide to
oxygen and water by permanganate, which in turn is reduced to manganese(II):

2MnOj +5H,0, + 6H* — 2Mn2* 450, +8H,0

A more detailed examination (cf. Section 1.36) shows that altogether ten
electrons are donated by (five molecules of) hydrogen peroxide to (two)
permanganate ions in this process.

Looking at these examples, we can draw a few general conclusions and can
define oxidation and reduction in the following ways:

(i) Oxidation is a process which results in the loss of one or more electrons
by substances (atoms, ions, or molecules). When an element is being oxidized,
its oxidation state changes to more positive values. An oxidizing agent is one
that gains electrons, and is reduced during the process. This definition of
oxidation is quite general, it therefore applies also to processes in the solid,
molten, or gaseous states.

(i1) Reduction is, on the other hand, a process which results in the gain of
one or more electrons by substances (atoms, ions, or molecules). When an
element is being reduced, its oxidation state changes to more negative (or less
positive) values. A reducing agent is accordingly one that loses electrons and
becomes oxidized during the process. This definition of reduction is again quite
general and applies also to processes in the solid, molten, or gaseous states.

(iii) From all the examples quoted it can be seen that oxidation and re-
duction always proceed simultaneously. This is quite obvious, because the
electron(s) released by a substance must be taken up by another one. If we talk
about the oxidation of one substance, we must keep in mind that at the same
time the reduction of another substance also takes place. It is logical therefore
to talk about oxidation-reduction reactions (or redox reactions) when referring
to processes which involve transfer of charges.

1.36 REDOX SYSTEMS (HALF-CELLS) Although all oxidation-reduction
reactions are based on the transfer of electrons, this cannot always be seen
immediately from the reaction equations. These processes can be better under-
stood if they are split into two separate steps, the oxidation of one substance
and the reduction of another one. Let us look into the examples quoted in the
previous section.

(a) The reaction between iron(IIT) and tin(II) ions

2Fe3* 4+Sn?* - 2Fe?* 4+ Sn** : (i)
is made up of the reduction of iron(III) ions

2Fe3* +2¢~ — 2Fe?* (ii)
and the oxidation of tin(II) ions

Sn?* — Sn** +2e” (iii)

In these steps it is necessary to write down the exact number of electrons
which are released or taken up in order to balance the charges. It is easy to see
from these steps what actually happens if the reaction proceeds: the electrons
released by Sn%* are taken up by Fe3*. It can also be seen that equation (i) is
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the sum of (ii) and (iii), but the electrons are cancelled out during the
summation.
(b) The reaction between iron metal and copper ions

Fe+Cu?* - Fe?* +Cu
consists of the reduction of Cu?*
Cu?* +2¢~ —» Cu
and of the oxidation of Fe
Fe —» Fe2* +2¢”

The two electrons released by Fe are taken up by Cu?* in this process.
(¢) The dissolution of zinc in acids

Zn+2H* - Zn** +H,
involves the reduction of H*
2H* +2¢” — H,
and the oxidation of Zn
Zn - Zn** 4 2e”

Again, the two electrons released by Zn are taken up by H*.
(d) In the reaction between bromate and iodide

BrO; +6H* +61~ — Br™ +31,+3H,0
we have the reduction of bromate

BrO3; +6H* +6e~ — Br~ +3H,0
and the oxidation of iodide

61~ — 3I,+6e”

and the electrons released by the iodide are taken up by bromate ions.
(e) Finally, the reaction between permanganate and hydrogen peroxide
in an acid medivm

2MnO; +5H,0, +6H* —» 2Mn2* + 50, +8H,0
is made up of the reduction of permanganate

2MnO; +16H* +10e~ - 2Mn?* +8H,0
and of the oxidation of hydrogen peroxide

5H,0, —» 50,+10H"* + 10e~

The electrons released by H,0, are taken up by MnOj.

In general therefore, each oxidation-reduction reaction can be regarded as
the sum of an oxidation and a reduction step. It has to be emphasized that these
individual steps cannot proceed alone; each oxidation step must be accompanied
by a reduction and vice versa. These individual reduction or oxidation steps,
which involve the release or uptake of electrons are often called half-cell
reactions (or simply half-cells) because from combinations of them galvanic
cells (batteries) can be built up. The latter aspect of oxidation-reduction reactions
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~ill be dealt with later (cf. Section 1.39).

All the oxidation-reduction reactions used in examples (a) to (e) proceed in
one definite direction; e.g. Fe** can be reduced by Sn2*, but the opposite
process, the oxidation of Fe?* by Sn** will not take place. That is why the
single arrow was used in all the reactions, including the half-cell processes as
well. If however we examine one half-cell reaction on its own, we can say that
normally it is reversible.* Thus, while Fe3* can be reduced (e.g. by Sn**) to
Fe?*, it is also true that with a suitable agent (e.g. MnO}) Fe?* can be oxidized
to Fe®*. It is quite logical to express these half-cell reactions as chemical
equilibria, which also involve electrons, as

Fe** +e™ 2 Fe?* )

and also
Sn** +2¢” 2 Sn?* (ii)
Fe?* +2e¢” = Fe (iii)
Cu?* +2¢” 2 Cu (iv)
Zn?** +2¢” 2 Zn v)
H*+e = iH, (vi)
I,+2e e 2I° (vi)
BrOj +6H* +6e~ 2 Br~ +3H,0 (viii)
MnO; +8H* +5¢~ 2 Mn?* +4H,0 (ix)
0,+2H* +2¢~ 2 H,0, (x)

The substances which are involved in such an equilibrium form a redox
system. Thus, we can speak about the iron(III)-iron(II) or about the tin(IV)-
tin(IT) or the permanganate-manganese(II) system and so on. In a redox system
therefore, an oxidized and a reduced form of a substance are in equilibrium, in
which electrons (and in some cases protons) are exchanged. For practical
purposes we will classify these redox systems in two categories.

(i) Simple redox systems are those in which, between the oxidized and
reduced forms of the substance, only electrons are exchanged. Of the systems
mentioned above (i) to (vii) fall into this category. Such systems can generally
be described by the following equilibrium:

a Ox+ne 2 b Red

Here Ox and Red represent the oxidized and reduced form of the substance
respectively, a and b are stoichiometric numbers, while » is the number of
electrons exchanged. If the numbers of moles on the two sides of the equilibrium
are equal (that is a = b) we have a homogeneous redox system like those (i)
to (v), in other cases as (vi) and (vii) it is called inhomogeneous. In the simplest
cases a = b = |, when the system can be written as

Ox +ne” 2Red

(ii)) Combined redox and acid-base systems involve not only the exchange
of electrons, but also protons (hydronium ions) are exchanged, as in any acid-

* It must be emphasized however, that not all half-cell reactions are thermodynamically speaking
reversible (e.g. the oxidation of thiosulphate to tetrathionate: 28,02~ — S,02™ +2e).
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base system. Such are the systems (viii) to (x) among the examples given above.

These systems are indeed combinations of redox and acid-base steps. Let us
consider for example the permanganate-manganese(II) system. The electrons
which are released are taken up by manganese atoms. The oxidation number
(valency) of manganese in permanganate being + 7, the exchange of electrons
could be expressed as

Mn’* +5¢~ 2 Mn?* (xi)

which indeed represents the pure redox step. Mn’* ions are however unstable
in water; they hydrolyse in the acid-base step to form permanganate ions:

Mn’* +4H,0 2 MnO; +8H* (xii)
The combination of these two steps yields the equation quoted under (ix):
MnO; +8H* +5¢~ 2 Mn?* +4H,0 (ix)

The MnO;-Mn?* system is homogeneous, because from one permanganate
ion, one manganese(II) ion is formed ; there is no change in the number of moles
An inhomogeneous combined redox and acid-base system is, for example, the
dichromate—chromium(III) system:

.Cr,02~ + 14H* + 6~ 2 2Cr** + TH,0 (xiii)

This system is considered to be inhomogeneous, because when Cr,0%" is
reduced to Cr3* there is an increase in the number of moles containing
chromium.

It must be emphasized that redox systems do not necessarily consist of ions.
Although most inorganic systems are made up wholly or partly of ions, a
number of organic redox systems are in fact equilibria between molecules. The
dehydroascorbic acid (C4HgOg) and ascorbic acid (CgHgOg) redox system for
example

Ce¢HeOg+2H" +2¢~ 2 CgHgOq

does not contain ions (other than hydrogen). Many other organic redox systems
(like the quinone-hydroquinone system) follow a similar pattern, as there are
2 protons and 2 electrons involved. Many of the organic redox systems are in
fact irreversible; the use of double arrows in the equations in such cases is not
really justified.

1.37 BALANCING OXIDATION-REDUCTION EQUATIONS In Section
L5 the ways in which chemical equations can be balanced were outlined, bearing
in mind that whoever studies qualitative inorganic analysis, has already studied
elementary chemistry and would therefore be quite familiar with this procedure.
Balancing of oxidation-reduction equations however is a quite difficult task.
Unless one knows the number of electrons exchanged in the process, one can
easily be mistaken. Let us examine, for example, the reaction between per-
manganate ions and hydrogen peroxide in acid medium. Even if we know that
the products of the reaction are manganese(II) ions, oxygen gas, and water
we might end up with a wrong equation. The following equations

2MnO; +H,0,+6H" --— 2Mn** 4+30,+4H,0
2MnOj +3H,0,+6H* --— 2Mn?* 440, + 6H,0
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2MnO; +5H,0,+6H* — 2Mn?* +50, +8H,0
2MnO; +7H,0, + 6H* ---— 2Mn?* + 60, + 10H,0
etc.

are formally all correct: the numbers of atoms and charges are equal on both
sides in all these equations. In fact, only one of these (the third) is truly correct,
and expresses the stoichiometry of this process adequately. If we examine the
oxidation and reduction steps separately, only the third equation produces
equal numbers of electrons in these steps.

In order to balance oxidation-reduction equations, we must therefore find
out how many electrons are released by the reducing agent and taken up by the
oxidizing agent. This can easily be done if the half-cell reaction equations of
the redox systems involved are known. In the above example, if we write up
the two half-cell equations:

H,0, 2 0,+2H"* +2¢”
and
MnOj; +8H* +5¢~ 2 Mn?* +4H,0

we can see at once that 5 molecules of hydrogen peroxide will release 10 electrons,
which in turn will be taken up by 2 permanganate ions. From this ratio the
equation then can be balanced quite easily.
In general, balancing of oxidation-reduction equations should be made by
taking the following steps:
1. Ascertain the products of the reaction.
2. Express the half cell reaction equations of the reduction and oxidation steps
involved.
3. Multiply each half-cell equation by a factor so that both equations contain
the number of electrons.
4. Finally, add these equations and cancel out substances which appear on
both sides of the resulting equation.
The following examples may serve as illustrations:

Example 25 Describe the reaction which proceeds between Fe** and Sn2*.
1. We must know that the products are Fe?* and Sn**.
2. The half-cell reactions are as follows:
Fe3* +e” 2 Fe?* )
Sn2* 2 Sn** +2e” (i1)
3. If we multiply (i) by 2, we can add the two equations:
2Fe3* +2e™ +Sn2* - 2Fe?* +Sn** +2¢”
which can be simplified to
2Fe3* +Sn?* — 2Fe?* +Sn**

Example 26 Bromate ions can be reduced by iodide in acid medium.
Express the reaction equation.
1. We know that the products of this reaction are bromide ions, iodine, and,
probably, water.
2. Thus, we express the half-cell reactions as

BrO; +6H* +6e~ — Br~ +3H,0 (iii)
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and
217 - 1,4+ 2e” (iv)
3.-4. Summing (iii) + 3 x (iv) we obtain:
BrO; +6H* +6e¢~ +61~ - Br~ +3H,0+31,+6e”
which after simplification becomes:
BrO; +6H* +61~ - Br~ +31,+3H,0

Example 27 Cadmium sulphide precipitate can be dissolved in hot nitric
acid. Let us try to express the equation of this reaction.

1. When nitric acid acts as an oxidizing agent, nitrogen monoxide (NO) is
formed. From the cadmium sulphide, sulphur is formed (unless the acid
is too concentrated and hot), and cadmium ions remain dissolved. Again
water is probably formed.

2. The half-cell reaction of the nitric acid-nitrogen oxide system is

HNO,+3H* +3¢~ - NO1+2H,0 )

We can discuss the oxidation of cadmium sulphide in two steps. First the
dissociation of the precipitate takes place:

CdS| 2 Cd?** +82~ (vi)
(This dissociation becomes complete, as the S~ ions are removed con-

tinnously from the solution by reaction vii.) This is followed by the
oxidation of S?~:

S2™ - S| +42e” (vii)

3.-4. The sum of 2x(v)+3x(vi) and 3 x (vii) provides equal numbers of
electrons on both sides:

2HNO, +6H* +6¢~ +3CdS| + 382"
— 2INOT +4H,0+3Cd2* + 382~ +3S| +6e"

After simplification the equation becomes
2HNO; +6H"* +3CdS| —» 2NO1 +3Cd?* +3S] +4H,0

Example 28 In slightly acid, almost neutral solution, permanganate ions
are capable of oxidizing manganese(II) ions. Express the reaction equation.
1. The product of the reaction is manganese dioxide precipitate.

2. The half-cell reaction of the reduction of permanganate is a three-electron
process:

MnO; +4H" + 3¢~ - MnO,| +2H,0 (viii)
while at the oxidation of manganese(II) 2 electrons are liberated:
Mn?* +2H,0 —» MnO, | +4H" +2e~ (ix)
3.-4. Combining 2 x (viii)+ 3 x (ix) we obtain 6 electrons on both sides:
2MnO; +8H* +6e” +3Mn?** +6H,0
— 2MnO,| +4H,0+3MnO,| + 12H* + 6e~

106



THEORETICAL BASIS 137

This equation can be simplified to
2MnO; +3Mn?** +2H,0 - 5MnO, +4H*

It is worth while noting that hydrogen ions are formed during the reaction,
and if these build up to a higher concentration they may reverse the process.
In order to make the reaction complete, the solution must be buffered. The
reaction is utilized for the titrimetric determination of manganese by the so-
called Volhard—-Wolff method, when zinc oxide is used as a buffer.

Example 29 Glycerol CH,(OH)—CH(OH)—CH,(OH) or simply
C;HgO; can slowly be oxidized by dichromate ions in hot acid solution.
Express the equation of the reaction.

1. The products of the reaction are: CO,, H,O as well as Cr3* ions.
2. The half-cell equation of the reduction of dichromate is

Cr,02™ +14H* +6e~ — 2Cr3* +7H,0 (x)

while oxidation of each glycerol molecule produces 14 electrons (note that
this reaction is not reversible):

C,H0;+3H,0 — 3CO,1+ 14H* + 14e~ (xi)

3. As (x) involves 6 electrons and (xi) involves 14, we have to find their lowest
common multiple, which is 42.
4. Thus, 7 x (x)+ 3 x (xi) yields 42 electrons on both sides:

7Cr,0%3 +98H* +42¢~ +3C;H;30, +9H,0
— 14Cr* +49H,0+9CO, 1 +42H" +42¢~

One must not be puzzled by the unusually high stoichiometric numbers.
After simplification we get a much less complicated equation:

7Cr,02~ +3C,H40, + S6H* — 14Cr®* +9CO,1 +40H,0

Example 30 The oxidation of thiocyanate ions by permanganate in acid
solution is applied in quantitative analysis. Express the reaction equation.
1. The products of the reaction are SOZ~, CO,, N,, Mn?*, and H,O.
2. The half-cell equation of the reduction of permanganate is well known:

MnO; +8H* + 5S¢~ - Mn2* +4H,0 (xii)

The oxidation of thiocyanate is a rather complex process, which may be
dealt with in two separate steps. First, sulphate and cyanide ions are formed:

SCN™ +4H,0 - SO2~+CN~ +8H* +6e~ (xiii)
In a second step cyanide ions are oxidized to nitrogen and carbon dioxide:
2CN™ +4H,0 - 2CO,1+N,1+8H* +10e” (xiv)

3. and 4. A combination of 22 (xii)+ 10 (xiii) + 5 (xiv) provides equal numbers
of electrons on both sides:

22MnOj +176H* +110e™ + 10SCN~ +40H,0 + 10CN~ +20H,0
— 22Mn?* +88H,0+10S02™ +10CN~ + 80H* + 60e™
+10CO, 1+ 5N, 1 +40H* + 50e~
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On simplifying the final equation becomes

22MnO; + 10SCN~ + 56H*
— 22Mn?* +10S02%™ +10CO,1 + 5N, 1+28H,0

Itis very important that users of this book should acquire a routine knowledge
of balancing oxidation-reduction equations. Further practice may be obtained
by combining various oxidizing and reducing agents mentioned in Examples 25
to 30, for which the half-cell reactions can easily be checked from the numbered
equations. A careful study of Section 1.38 which follows might also help.

1.38 IMPORTANT OXIDIZING AND REDUCING AGENTS A large
number of oxidation-reduction reactions will be listed among the reactions
used for the identification of ions. For reference purposes a number of such
reactions have been collected in the present chapter, grouped around substances
which are used in practice as oxidizing and reducing agents.

Potassium permanganate, KMnO, Thisis a dark-brown solid, which produces
a violet solution when dissolved in water, which is characteristic for per-
manganate ions. Potassium permanganate is a strong oxidizing agent, which
acts differently according to the pH of the medium.

(a) In acid solution permanganate ions are reduced by a five-electron pro-
cess, when the oxidation number of manganese changes from +7 to +2:

MnO; +8H* +5¢~ —» Mn?* +4H,0
Some important oxidations carried out with permanganate ions are as follows:
MnOj +5Fe?* +8H* —» Mn?* +5Fe®* +4H,0
2MnOj + 101" + 16H* — 2Mn?* + 51, +8H,0
2MnO; + 5H,S+6H* - 2Mn?* + 58] +8H,0
(b) In neutral or slightly alkaline solution permanganate is reduced to

manganese dioxide, when in a three-electron process the oxidation number of
manganese changes from +7 to +4:

MnO; +4H* +3e~ - MnO,| +2H,0

MnO, is a darkish-brown precipitate. As an example the oxidation of
manganese(II) salts can serve:

2MnOj +3Mn?* +2H,0 — 5MnO, | +4H*

As H* ions are formed, which might reverse the reaction, buffers have to be
used. The reaction is utilized for the titrimetric determination of manganese,
when ZnO is normally used as buffer.

(¢) In strongly alkaline solutions (at pH 13 or over) permanganate can be
reduced to manganate in a one-electron process:

MnOj +e~ —» MnO3~

The oxidation number of manganese in manganate is +6. MnO2~ ions exhibit
a characteristic green colour. When permanganate is heated with alkalis, such
a reduction takes place and oxygen is formed:

4MnOj +40H™ — 4MnO2~ +2H,0+0,1
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Potassium dichromate K,Cr,0, This strong oxidizing agent is an orange-red
solid, which produces an orange solution in water. In strongly acid solutions
dichromate ions are reduced to chromium(III):

Cr,0%~ +14H* +6e~ — 2Cr3®* +7H,0
The oxidation number of Cr changes from +6 to + 3. The solution becomes
light green, the colour originating from Cr3* ions. Some important oxidations
with dichromate are as follows:
Cr,02™ +6Fe?* +14H* — 2Cr3* +6Fe®** +7H,0
Cr,02™ +6I" +14H* - 2Cr?** +31,+7H,0
Cr,02™ +3Sn2* + 14H* - 2Cr3®* +3Sn** +7H,0

Cr,0%” + 3HCHO + 8H* — 2Cr®** + 3HCOOH + 4H,0
(formaldehyde) (formic acid)

Nitric acid HNO, The oxidizing action of nitric acid depends on the con-
centration of the acid and the temperature of the solution. Normally, nitrogen
oxide is formed in a three-electron process:

HNO, + 3H* + 3¢~ - NO+2H,0

The NO gas is colourless, but readily reacts with atmospheric oxygen, when the
reddish-brown nitrogen dioxide is formed:

2NO +0, - 2NO, @)

It is instructive to carry out-such an oxidation (e.g. the dissolution of iron
metal) in a flask with a narrow neck. Pouring not too concentrated nitric acid
(e.g.a 1 +1 mixture of concentrated acid with H,O) on iron filings and heating
the mixture, one can see that the dissolution produces a colourless gas inside
the flask:

Fe+HNO,+3H* > Fe** +NO1+2H,0
Over the neck of the flask, the gas, exposed to atmospheric oxygen turns
brownish red, because reaction (i) proceeds.

Concentrated, or half-concentrated HNO; is mostly used to dissolve metals
and precipitates. Such reactions are:

3Ag+HNO; +3H* —» 3Ag* +NO1+2H,0
3CuS+2HNO,;+ 6H* — 3Cu?* +3S| +2NO1t +4H,0
Under the conditions in which these reactions are carried out nitric acid is

far from being completely dissociated, the formula HNO, is therefore used in
the above equations

The Halogens, Cl,, Br,, and I, The action of halogens is dependent upon the
conversion of electrically neutral halogen molecules into halogen ions by
accepting electrons:
Cl,+2e” - 2CI7
Br,+2e” - 2Br~
Iz+2e 2 21_
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The oxidizing power of halogens decrease with increasing relative atomic mass.
Iodine is a mild oxidant, while the iodide ion often acts as reducing agent. Some
oxidations with halogens, used in qualitative analysis, are as follows:

Cl, +2Fe?* — 2C1™ +2Fe3*
Br,+AsO3~ +H,0 —» AsO3~ +2Br~ +2H*
1,+285,03" - §,0% +2I°
Aqua regia . The mixture of three volume of concentrated HCl and one volume
of concentrated HNO;, called ‘aqua regia’ or the kingly water, is a strong

oxidizing agent, which is able to oxidize (and to dissolve) noble metals like
gold and platinum. Its action is based on the formation of chlorine:

HNO, +3HCI - NOCI{ +Cl,1 +2H,0

This equation is somewhat simplified ; in fact there are more products formed
during the process. Nitrosyl chloride, NOC], is one of the products which can
easily be identified. The oxidative action of chlorine is based on the process
described in the previous section. The dissolution of gold can be expressed
with the equation:

3HNO; +9HCl +2Au - 3NOCI+6C1™ +2Au** +6H,0

Hydrogen peroxide, H,0, Although often quoted as a strong oxidizing agent,
hydrogen peroxide may act both as an oxidizing and as a reducing agent. Its
oxidizing action is based on a two-electron process, which results in the for-
mation of water:

H,0,+2H* +2¢~ - 2H,0
As a reducing agent, hydrogen peroxide releases 2 electrons and oxygen gas is
formed:

H,0, -» O,+2H" +2¢”

Its role in redox reactions depends on the relative oxidizing or reducing strength
of the reaction partner, and also on the pH of the solution.
Oxidations with hydrogen peroxide in acid medium are, for example,
HzOz + 2H+ + 21_ b d Iz +2H20
H,0,+2H"* +2Fe?* - 2Fe3* +2H,0
It can however act as oxidant in alkaline medium too. An alkaline solution

containingchromium(III)in the form of tetrahydroxochromate(III) [Cr(OH), ]~
can be oxidized to chromate(VI) with H,0,:

3H202 + Z[CI(OH)4J_ b 2CI‘O4_ +2H+ + 6H20

Reductions with hydrogen peroxide can also be achieved both in acid (i)
and (ii) and alkaline medium (iii):

5H,0,+2MnO; +6H* — 50,1 +2Mn?* +8H,0 @)
3H,0, +2Au*" - 2Au+30,1+6H* (ii)
H,0, +2[Fe(CN)¢]*~ - 2[Fe(CN)s]*~ +2H* +0,1 (iii)
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Sulphur dioxide, SO,, and sulphurous acid H,SO; Sulphur dioxide gas, when
dissolved in water, forms sulphurous acid. It is a strong reducing agent, its
action is based on the transformation of sulphite ion to sulphate. The oxidation
number of sulphur changes from +4 to +6, hence 2 electrons are released
during the process:

SO%~ +H,0 — SO2™ +2H* +2e¢"

The reagent is sometimes employed by adding sodium sulphite Na,SO; to the
acidified solution to be reduced. Some reductions with SO%~ are as follows:
SO~ +2Fe** +H,0 —» SO2~ +2Fe** +2H*
SO3™ +1,+H,0 —» SO2~ +21" +2H*
3803~ +Cr,0%™ +8H" - 3502~ +Cr3* +4H,0
SO%™ + AsO3~ — SO~ +AsO3~

Hydrogen sulphide H,S Hydrogen sulphide gas or its saturated solution is
used as a precipitant in qualitative inorganic analysis. If oxidizing ions, like
Cr,0%7, MnOj, Fe3*, AsO3" or substances like HNO, or Cl, are present, it
undergoes oxidation, when elementary S is formed:

H,S —» S| +2H"* +2¢”

The sulphide precipitates formed will therefore also contain some free sulphur.
The reaction equations are as follows:
3H,S+Cr,02™ +8H* - 3S| +2Cr3* +7H,0
5H,S+2MnO; + 6H* — 55| +2Mn?* +8H,0
H,S+2Fe** — S| +2Fe?* +2H*
H,S+Cl, » S| +2Cl~ +2H*
3H,S+2HNO; — 3S]| +2NO?1+4H,0

Hydriodic acid HI (the iodide ion 1-) lodide ions reduce a number of sub-
stances, themselves being oxidized to iodine:

20 - 1,+2e"

The oxidation number of iodine changes from —1 to 0. Iodide ions are mostly
added in the form of potassium iodide KI. Reductions with I~ are e.g.:

61~ +BrO; +6H* — 31, +Br~ +3H,0

51" +105,~+6H* - 31,+3H,0

217+ Cl, » 1,+2CI°
61~ +Cr,0%~ +14H* - 31,+2Cr** +7H,0
101" +2MnO; + 16H* — 51, +2Mn?* +8H,0
If a solution of potassium iodide is acidified with concentrated hydrochloric

acid and the solution is left exposed to air, it slowly turns to yellow and later
brown, because of oxidation by atmospheric oxygen:

41" +0,+4H* - 21,+2H,0
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Tin(1l) chloride SnCl, Tin(1I) ions are strong reducing agents. When oxidized
to tin(IV) the oxidation number of tin increases from +2 to +4, corresponding
to the release of 2 electrons:

Sn2* — Sn** 4 2e”
Some reductions with tin(II) are

Sn?* 4+ 2HgCl, - Sn** + Hg,Cl, +2C1~
Sn?* 4+ Hg,Cl, -» Sn** +2Hg+2Cl™
Sn2* +Cl, —» Sn** +2C1-
Sn?* +Fe3* - Sn** +2Fe?*
Solutions of SnCl, do not keep well because atmospheric oxygen oxidizes the
tin(II) ion:
2Sn2* + 0,1 +4H"* - 28n** +2H,0

Metals like zinc, iron, and aluminium These are often used as reducing agents.
Their action is due to the formation of ions, normally of their lowest oxidation
state:

Zn - Zn%* +2e”

Fe - Fe?* +2e”

Al - AlI3* 43¢~

Zinc can be used for reduction both in acid and alkaline medium:

3Zn) +2Sb** — 2Sb| +3Zn?*
4Zn| +NOj; +70H™ +6H,0 — 4[Zn(OH),]*>~ + NH,
Zn| +NOj; +2H* - Zn?** +NO; +H,0
Fel+Cu?* - Cul +Fe?*
Fe| +Sn** — Sn2* +Fe?*
The reactions in which metals dissolve in acids or alkalis are also reductions
of the dissolving agents, as:
Zn|+2H* —» Zn?* +H,1
Fe|+2H* — Fe?* +H,t
2Al}+6HY — 2A13Y +3H,1
Zn|+20H™ +2H,0 - [Zn(OH),]*~ +H,1
2Al}+20H™ +6H,0 — 2[A(OH),]” +3H,?

1.39 REDOX REACTIONS IN GALVANIC CELLS When discussing
oxidation-reduction reactions we have not mentioned ways in which the
directions of such reactions can be predicted. In other words, discussions in the
previous chapters were aimed at understanding how oxidation-reduction re-
actions proceed, but there was no mention of why they take place. In this and
the next few sections the problem will be dealt with in some detail.

The direction of chemical reactions can always be predicted from thermo-
dynamical data. Thus, if the Gibbs free energy change of a reaction is calculated,

112



THEORETICAL BASIS 1.39

we can definitely state whether a given chemical reaction may proceed or not.
To perform such calculations a good working knowledge of thermodynamics
is needed, which however is not expected from the readers of this book. In the
previous chapters therefore the problem of the directions of chemical reactions
was dealt with on the basis of the equilibrium constant. From the value of the
equilibrium constant one can easily make semiquantitative estimations, e.g. if
the value of such a constant is high or low, the equilibrium between the reactants
and products is shifted to one or another extreme, meaning that the reaction in
fact will proceed in one or another direction. Such a treatment has been used
when dealing with acid-base, precipitation, and complexation reactions.
Although the law of mass action is equally valid for oxidation-reduction
processes, and therefore conclusions as to the direction of reactions may be
drawn from the knowledge of equilibrium constants, traditionally a different
approach is used for such processes. This has both historical and practical
reasons. As pointed out in the previous sections, in oxidation-reduction pro-
cesses electrons are transferred from one species to another. This transfer may
occur directly, i.e. one ion collides with another and during this the electron is
passed on from one ion to the other. It is possible, however, to pass these
electrons through electrodes and leads from one ion to the other. A suitable
device in which this can be achieved is a galvanic cell, one of which is shown in
Fig. I.14. A galvanic cell consists of two half-cells, each made up of an electrode
and an electrolyte. The two electrolytes are connected with a salt bridge and, if

Fig. 1.14

the electrodes are connected by wires, electrons will flow in the direction
indicated. The movement of electrons in the lead means that an electrical current
is flowing. Because of their practical importance, galvanic cells were extensively
studied before theories of redox reactions were formulated. For this reason,
interpretation of redox reactions is traditionally based on phenomena occurring
in galvanic cells, and this tradition is observed in this text also.

The direction of this electron flow in the cell is strongly associated with the
direction of the chemical reaction(s) involved in the process. Electrically speak-
ing, the direction of electron flow depends on the sign of the potential difference
between the electrodes; electrons will flow from the negative electrode through
the lead towards the positive electrode. The magnitudes of electrode potentials
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are therefore of primary importance when trying to interpret oxidation-
reduction processes in a quantitative way.
Let us examine the operation of a few galvanic cells.
(a) We have already dealt with the reduction of iron(III) ions with tin(II),
which leads to the formation of iron(IT) and tin(IV) ions:

2Fe3* +Sn?* — 2Fe?* 4+ Sn** @)

If solutions of iron(IIl) chloride and tin(IT) chloride are mixed, this reaction
proceeds instantaneously.

The same reaction proceeds in the galvanic cell shown in Fig. 1.14. The
solutions of tin(II) chloride and iron(IIl) chloride, each acidified with dilute
hydrochloric acid to increase conductivity, are placed in separate beakers A
and B, and the two solutions are connected by means of a ‘salt bridge’ containing
sodium chloride. The latter consists of an inverted U-tube filled with a solution
of a conducting electrolyte, such as potassium chloride, and stoppered at each
end with a plug of cotton wool to arrest mechanical flow. It connects the two
solutions while preventing mixing. The electrolyte in a solution in the salt
bridge is always selected so that it does not react chemically with either of the
solutions which it connects. Platinum foil electrodes are introduced into each
of the solutions, and are connected to a voltmeter V of a high internal resistance.
When the circuit is closed, the voltmeter shows a deflection corresponding to
the difference of the voltages of the two electrodes. If the resistance of the meter
is so high that no current can flow in the circuit, the measured voltage is equal
to the electromotive force or e.m.f. of the cell. If, on the other hand, the resistance
of the circuit is low, a current will flow, corresponding to the flow of the electrons
from the negative electrode (A) towards the positive one (B). If the current flows
for a while, tin(IV) ions can be detected in solution A while iron(IT) ions can be
found in solution B. This indicates that the following processes took place
during the operation of the cell:

In solution A:

Sn2* — Sn** +2e” (ii)

and the two electrons are taken up by the electrode. These are then conducted
to the other electrode where they are taken up by iron(III) ions. In solution B
therefore the reaction

2Fe3* +2¢” — 2Fe?* (1ii)

will proceed. The sum of equations (ii) and (iii) being equal to (i) we can see that
the basis of the operation of this galvanic cell was an oxidation-reduction
process, which would proceed normally if the reactants were mixed. The basis
difference between the two processes is that the reactants (Fe** and Sn2*) in the
galvanic cell are separated from each other.

(b) If a piece of zinc is dipped into a solution of copper sulphate, its surface
becomes coated with copper metal and the presence of zinc ions in the solution
can be detected. The chemical reaction which takes place can be described by
the following equation:

Cu?* +Zn| —» Cu| +Zn?* (iv)

In this process, electrons donated by zinc atoms were taken up by copper ions.
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Zn

ZnSO,

Fig. L15

The same process takes place in the Daniell cell, which is shown in Fig. 1.15.
In vessel D a copper foil, immersed in a solution of copper sulphate, forms the
+ve pole of the cell, while in vessel E the zinc foil, dipped into zinc sulphate, is
the —ve pole. The role and construction of the salt bridge B is the same as in the
previous cell. The voltmeter V measures the e.m.f. of the cell (the measured
voltage being equal to the e.m.f. only if there is practically no current flowing
in the circuit). If the electrodes are connected through a resistor, current will
flow which can be measured on the ammeter A. If the cell has been operating for
a while, it is possible to detect that the weight of the zinc electrode has decreased,
while the weight of the copper electrode has increased; at the same time the
concentration of zinc ions in the vessel E has increased, and that of copper ions
in vessel D has decreased. Thus, the chemical reactions which took place in
vessels E and D respectively were

Zn - Zn%* 4 2e” )
and
Cu?* +2¢~ - Cu (vi)

Note that the sum of equations (v) and (vi) equals (iv), meaning that the
chemical processes in both cases were the same.

1.40 ELECTRODE POTENTIALS When a galvanic cell is constructed, a
potential difference is measurable between the two electrodes. If the flow of
current is negligible, this potential difference is equal to the electromotive force
(e.m.f.) of the cell. The latter can be regarded as the absolute value of the differ-
ence of two individual electrode potentials, E, and E,.

e.m.f. = IE[ _‘Ezl

These electrode potentials are potential differences themselves, which are
formed between the electrode (solid phase) and the electrolyte (liquid phase).
Their occurrence can be most easily interpreted by the formation of double
layers on the phase boundaries. If a piece of metal is immersed in a solution
which contains its own ions (e.g. Zn in a solution of ZnSO,), two processes will
immediately start. First, the atoms of the outside layer of the metal will dissolve,
leaving electrons on the metal itself, and slowly diffuse into the solution as metal
ions. Second, metal ions from the solution will take up electrons from the metal

115



140 QUALITATIVE INORGANIC ANALYSIS

and get deposited in the form of metal atoms. These two processes have different
initial rates. If the rate of dissolution is higher than the rate of deposition, the
net result of this process will be that an excess of positively charged ions will get
into the solution, leaving behind an excess of electrons on the metal. Because of
the electrostatic attraction between the opposite charged particles, the electrons
in the metal phase and the ions in the solution will accumulate at the phase
boundary, forming an electrical double layer. Once this double layer is formed,
the rate of dissolution becomes slower because of the repulsion of the ionic
layer at the phase boundary, while the rate of deposition increases because of
the electrostatic attraction forces between the negatively charged metal and the
positively charged ions. Soon the rates of the two processes will become equal
and an equilibrium state will come into being, when, in a given time, the number
of ions discharged equals the number of ions produced. As a result a well-
defined potential difference will develop between the metal and solution, and the
metal will acquire a negative potential with respect to the solution.

If, on the other hand, the initial rate of deposition is higher than the initial
rate of dissolution, the electrical double layer will be formed just in the opposite
sense, and as a result the metal becomes positive with respect to the solution.
This is the case with the copper electrode in the Daniell cell.

The potential difference established between a metal and a solution of its salt
will depend on the nature of metal itself and on the concentration of the ions
in the solution. For a reversible metal electrode with the electrode reaction

Me —» Me™* +ne”

the E electrode potential can be expressed as
.  RT RT .
E=E° + ;Flnam” ~ E° + ;Fln[Me ]

where the activity ay..+ can in most practical cases be replaced by the concen-
tration of the metal [Me"*]. This equation was first deduced by Nernst in 1888,
and is therefore called the Nernst equation. In the equation R is the gas constant
(expressed in suitable units, e.g. R = 8:314J K~ ! mol™!) F is the Faraday
number (F = 9-6487 x 10* C mol™1!), T is the absolute temperature (K). E° is
the standard potential, a constant, which is characteristic for the metal in
question.

The electrodes just referred to are reversible with respect to the metallic ion,
that is to a cation. It is possible to construct electrodes which are reversibie
with respect to an anion. Thus, when silver, in contact with solid silver chloride,
is immersed into a solution of potassium chloride, the potential will depend on
the concentration of the chloride ion, and the electrode will be reversible to this
ion. The calomel electrode, described in Section 1.22 is also reversible to
chloride ions.

It is not possible to measure the potential difference between the solution and
the electrode, because in order to do this the solution must be connected to a
conductor, i.e. a piece of another metal must be dipped into it. On the phase
boundary another electrical double layer will be formed and in fact another,
unknown electrode potential is developed. It is impossible therefore to measure
absolute electrode potentials, only their differences. As seen before, the e.m.f.
of a cell can be measured relatively easily, and this e.m.f. is the algebraic
difference of the two electrode potentials. Building up cells from two electrodes,
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of which one is always the same, we can determine the relative values of electrode
potentials, which can be used then for practical purposes. All that has to be done
is to select a suitable standard reference electrode, to which all electrode poten-
tials can be related. In practice the standard reference electrode used for com-
parative purposes is the standard hydrogen electrode. This is a reversible hydro-
gen electrode, with hydrogen gas of 1:0133 x 10° Pa (=1 atm) pressure being
in equilibrium with a solution of hydrogen ions of unit activity. The potential of
this electrode is taken arbitrarily as zero. All electrode potentials are then cal-
culated on this hydrogen scale.

A standard hydrogen electrode can easily be built from a platinum foil, coated
by platinum black by an electrolytic process, and immersed in a solution of
hydrochloric acid containing hydrogen ions of unit activity (a mixture of 1000 g
water and 1:184 mol hydrogen chloride can be used in practice). Hydrogen
gas at a pressure of | atm is passed over the foil. A convenient form of the
standard hydrogen electrode is shown on Fig. 1.16. The gas is introduced

D
=

c N

Fig. 116

through side tube C and escapes through openings B in the surrounding gas
tube A ; the foil is thus kept saturated with the gas. The hydrogen gas, used for
this purpose, must be meticulously purified, e.g. by bubbling it through solutions
of KMnO, and AgNO;. Connection between the platinum foil sealed in tube D
and an outer circuit is made with mercury in D. The platimim black has the
remarkable property of adsorbing large quantities of hydrogen, and it permits
the change from the gaseous form into the ionic form and the reverse without
hindrance:
2H* +2¢~ 2 H,

This electrode therefore behaves as if composed entirely of hydrogen, that is as
a hydrogen electrode. By connecting this standard hydrogen electrode through
a salt bridge to an electrode of an unknown potential, a galvanic cell is obtained,
and the measured e.m.f. will be equal to the electrode potential of the unknown
electrode, its sign will be equal to the polarity of the electrode in question in this
cell. When using the standard hydrogen electrode as a reference electrode time
must be allowed for the system to reach equilibrium; normally 30-60 min
should elapse before the final measurement is taken.
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Because of slowness of response and elaborate equipment needed for handling
hydrogen gas, the standard hydrogen electrode is only occasionally used in
practice as a reference electrode. Instead, other electrodes are used, such as the
calomel electrode (cf. Section 1.22) or the silver-silver chloride electrode. These
are easy to manipulate and their electrode potentials are constant, having been
determined once and for all by direct reference to the standard hydrogen
electrode. For more details on such electrodes, textbooks of physical chemistry
should be consulted.*

From the Nernst equation we can see that the electrode potential of a metal
electrode, immersed in a solution of its ions, depends on the concentration
(more precisely, activity) of these ions. If the activity of ions in the solution is
unity (1 mol £71), the expression becomes,

E=F°

thus the electrode potential becomes equal to the standard electrode potential
itself. The standard electrode potential of a metal can therefore be defined as the
e.m.f. produced when a half-cell consisting of the element immersed in a solution
of its ions possessing unit activity is coupled with a standard hydrogen electrode.
The sign of the potential is the same as the polarity of the electrode in this
combination. Table 1.16 contains values of standard potentials of metal elec-
trodes. In this table metals are arranged in the order of their standard potentials,

Table I.16 Standard potentials of metal electrodes at 25°C

Electrede reaction E° (Volts) Electrode reaction E° (Volts)
Lit +e” 2 Li -304 Zn?* +2e” 2 Zn -0'76
K*+e™ 2K -2:92 Cr** 43¢ 2Cr —-0-74
Ba?* +2¢~ = Ba -2:90 Fe?* +2¢~ & Fe —0-44
Sr2* 4+2¢” 2 Sr —2-89 Cd®* 42" 2 Cd —0-40
Ca’* +2¢~ 2Ca —2-87 Co?* 4+2e¢” 2 Co —0-28
Nat+e~ «&Na -271 Ni2* +2¢~ = Ni —-025
Ce3* +3¢” 2 Ce —2:48 Sn?* +2¢” 2 Sn -014
Mg?* +2¢” 2 Mg -2:37 Pb2* +2¢” = Pb -0-13
Th**+4¢- =2 Th —-1-90 2H* +2¢” 2 H,(Pt) 0-00
Be?* +2¢~ 2 Be —1-85 Cu?* +2¢” 2 Cu +0-34
V3t 43 a2V —1-80 Hg?* +2¢~ 2 2Hg +0-79
AP +3e” 2 Al -1-66 Agt+e” 2 Ag +0-80
Mn?* +2¢” 2 Mn —~1-18 Pd?* +2¢~ 2 Pd +0-99
Audt +3e” 2 Au +1-50

starting with negative values and finishing with positive potentials. What is
obtained is the so-called electrochemical series of the metals. The more negative
the potential of a metal, the greater the tendency of the metal to pass into the
ionic state and vice versa. A metal with a more negative potential will displace
any other metal below it in the series from solutions of its salts. Thus, mag-
nesium, aluminium, zinc, and iron will all displace copper from solutions, lead
will displace copper, mercury or silver, copper will displace silver and mercury
and so on. Metals with negative standard potentials displace hydrogen and can

* See e.g. W. J. Moore’s Physical Chemistry. 4th edn., Longman 1966, p. 379 et f.
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therefore be dissolved in acids with the evolution of hydrogen; those with
positive standard potentials can be dissolved only in oxidizing acids (like HNO;).

The standard electrode potential is a quantitative expression of the readiness
of the element to lose electrons. It is therefore a measure of the strength of a
metal as a reducing agent. The more negative the electrode potential of a metal,
the more powerful its action as a reductant.

1.41 OXIDATION-REDUCTION POTENTIALS In the previous section
metal electrodes were dealt with, and it was shown that the equilibrium between
the metal ion and the metal

Me"t +ne” 2 Me (i)

gives rise to a potential difference between the electrode and the solution. We
have also seen how the electrode potential, with the aid of a reference electrode,
can be measured and expressed on the hydrogen scale.

Equation (i) above represents a redox half-cell with the metal ion as the
oxidized form and the metal itself as the reduced form. It is quite logical there-
fore to conclude that not only those redox systems which involve a solid metal
in the half-cell reaction will give rise to an electrode potential but that any
oxidation-reduction system can be characterized with a sort of potential. The
question, of course, is how such a potential can be measured. When discussing
the standard hydrogen electrode we have already seen such a system; the reduced
form, hydrogen, was adsorbed on a platinum electrode (with an exceptionally
high surface, secured by the electrolytically deposited platinum black). The
platinum electrode, which in fact acted as an inert electrode (i.e. a mere sonde),
was able to take up or provide electrons released or accepted by the hydrogen
gas or hydrogen ions respectively. Experience has shown that an inert electrode,
like platinum, gold (or in some cases mercury), is capable of measuring poten-
tials originating from oxidation-reaction equilibria. These are often called
oxidation-reduction potentials. As it will be clear later, the electrode potentials
discussed in Section 1.40 are themselves oxidation-reduction potentials, repre-
senting a special, but from the practical point of view very important, class.

If we have a solution in which both iron(II) and iron(I1I) ions are present, we
can construct a half-cell by immersing a platinum foil as an electrode into it, and
connecting the platinum electrode to the electrical circuit. The platinum should
not be coated with platinum black in this case as we do not want any adsorption
to take place on the surface, a so-called bright platinum electrode must therefore
be used. With a suitable salt bridge we can connect this solution to another
half-cell (e.g. a standard hydrogen or calomel electrode) and the e.m.f. of this
cell can be measured. The potential of the half-cell corresponds to the half-cell
equilibrium:

Fe3* +e~ 2 Fe?*

Although oxidation-reduction potentials can be treated in a general way,
(as in most textbooks of physical chemistry and electrochemistry), here we shall
first classify redox systems and then deal separately with the potentials within
each class. This not only suits the beginner but has been proved most useful for
the study of inorganic qualitative and quantitative analysis. The four classes
dealt with here are (a) metal electrodes, (b) simple redox systems, (c) combined
redox and acid-base systems and (d) gas electrodes.
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(a) Metal electrodes The half-cell reaction on which their operation is based,
can be written as

Me"t +ne” 2 Me

and the electrode potential can be calculated from the expression:
RT RT
=E° +—1 we & E° + — nt
E E‘e n n AMe + n ln [Me ]

Standard electrode potentials are collected in Table 1.16, and these electrodes
were discussed in details in Section 1.40.

(b) Simple redox systems The half-cell reaction can be symbolized in general
terms as

Ox+ne~ 2 Red

Ox represents the oxidized form and Red the reduced form of the redox couple.
Such systems are

Fe3t +e~ 2 Fe?t
I,+2e 221
Sn*+2e” 2 Sn?t etc.

Both the oxidized and reduced forms are in the dissolved phase. The oxidation-

reduction potential can be measured with an inert electrode (platinum, gold,

or in some cases mercury). The relation between ion concentrations (activities)

and the oxidation-reduction potentia] can be expressed by the Nernst equation as
o RT Aaox [OX]

E=E nFlaRed~E°+ l [Rd]
The E° standard potential can be measured in a solution containing the oxidized
and reduced form in equal (molar) concentrations (activities). Thus, the standard
oxidation-reduction potential of the iron(IIT)-iron(II) system could be measured
in a solution containing 0-1M FeCl; and 0-1M FeCl, or 0-01m FeCl; and 0-01m
FeCl, etc. Standard oxidation-reduction potentials of simplex redox systems
are shown in Table 1.17. The more positive this standard potential, the stronger
an oxidant is the oxidized form; the more negative the standard potential, the
stronger a reductant is the reduced form. The implications of these statements
will be discussed in more detail in Section 1.43.

(c) Combined redox and acid-base systems The half-cell reaction of such
systems (cf. Section 1.36) can be written as

Ox+mH* +ne” 2 Red+% H,0

Ox again represents the oxidized and Red the reduced form of the system. Such
half-cells are

MnOj +8H* +5¢~ @ Mn?* +4H,0

AsO3™ 4+2H" +2¢~ 2 AsO3~ +H,0

Cr,0%~ + 14H* + 6~ 2 2Cr3* +7H,0
BrO; +6H" +6e” = Br™ +3H,0  etc.
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Table I.17 Standard oxidation-reduction potentials of
simple redox systems at 25°C

Redox system E® (Volts)
Aut +2e” 2 Au* +1-29
Ce** +e” 2 Ce?t +1-62
Co3* +e” a2 Co?* +1-84
Crit4e” 2 Cr?* —0-41
Cu?* +e” 2 Cut +016
Fe3* +e” 2 Fe?t +0-76
[Fe(CN)6J*~ +e~ & [Fe(CN)g]*" +0-36
2Hg?* +2¢” 2 Hg2* +091
Mn3* 4+ e 2 Mn?* +1-51
MnOJ +e¢” 2 MnO3~ +0-56
Pb** 4 2e” 2 Pb2* +1-69
S,03" +2e” 2 2802 +2:05
S,02" +2¢” 2 25,02 +0-17
Sn** +2e” 2 Sn?* +0°15
Ti** +e” 2 Ti** +0-10
H,+2e” = 2H* +0-00
Br, +2e” 2 2Br” +1-01
Cl,+2e” 2 2C1- +1-36
I,+2e" 220 +0-52

The oxidation-reduction potential can again be measured with a platinum or
gold (inert) electrode. The correlation between concentrations (activities) and
the oxidation-reduction potential can be expressed with the Nerst equation as

RT . ag.af; RT  [Ox][H*]™
E = E° R | ZOx%H+ ~ E° —  In—r
+ nF " ARed + nF " [Red]

From this expression it can be seen clearly that the oxidation-reduction potential
of such systems depends as well on the hydrogen-ion concentration(pH) of the
solution. The E° standard oxidation-reduction potential can be measured in a
solution containing the oxidized and reduced forms in equal concentrations
and 1 mol £ ! hydrogen ions (that is, at pH 0). Thus, for example, the standard
potential of the permanganate-manganese(IT) system could be measured in a
solution containing 0-IM KMnO, and 0-1M MnSO, (or 0:0lM KMnO, and
0-0!M MnSO, etc.) at pH 0. Standard oxidation-reduction potentials of com-
bined redox and acid-base systems are shown in Table 1.18. The dependence of
the oxidation-reduction potential on the pH must always be kept in mind when
trying to make deductions from the values of this Table. Predictions as to the
direction of reactions can again be made on the basis of the values of oxidation-
reduction potentials (cf. Example 33 in Section 1.42 and also see Section 1.43).

Inhomogeneous redox systems The forms of Nernst equation quoted in
Section 1.41(a), (b), and (c) are, strictly speaking, valid only for homogeneous
redox systems, where there is no change in the number of molecules (or ions)
when the substance is reduced or oxidized. For inhomogeneous systems, where
this is not the case, general equations would be too complex to quote, but the
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Table 1.18 Standard oxidation-reduction potentials of
combined redox and acid-base systems at 25°C

Redox system E®° (Volts)
AsO3™ +2H* +2¢~ = AsO}™ +H,0 +0-56
BrO; +6H™ +6e” 2 Br™+3H,0 +1:42
ClO; +6H* +6e- = ClI™+3H,0 +1-45
ClO; +8H* + 8¢~ 2 ClI"+4H,0 +1:34
Cr,0%2™ +14H* 4+ 6e~ =2 2Cr** +7H,0 +1-36
H,0,+2H* +2¢~ = 2H,0 +1-77
107 +6H" +6e” 217 +3H,0 +1-09
MnOj; +4H* +3¢~ =2 MnO,(s)+2H,0 +1-70
MnOj; +8H* +5¢ & Mn?* +4H,0 +1-52
SOZ"+2H*+2¢~ = S02"+H,0 +020
SeO%™ +2H* +2¢~ & Se0%™+H,0 +1-15
O,+4H" +4e” 2 2H,0 +1-23

potential can be easily expressed if the half-cell reaction is known. The rule is
that in the argument of the logarithm in the Nernst equation the concentration
must be taken at powers corresponding to their stoichiometrical numbers. Such
inhomogeneous systems are for example
L+2e” 2217
2Hg?>* +2e¢~ = Hg3*
Cr,02” +14H* +6e” 2 2Cr3* +7H,0

The oxidation-reduction potentials of these systems can be expressed as

. RT [I"]?
EETwE I
_ .. RT [Hg}"]
E= B 55 In ity
and
3+732
E=E9—RT1 [Cr*]

6F " [Cr,03 JH ]™

respectively. Standard potentials, E°, for these systems can be taken from Tables
1.17 and 1.18.

(d) Gaselectrodes Gaseous substances, when donating or accepting electrons,
may act as electrodes. As the gases themselves do not conduct electricity, a
suitable inert electrode (e.g. platinum or graphite) must be used as a link to the
electrical circuit. The solid inert electrode may act as the catalyst of the
ionization process, as we have already seen with the hydrogen electrode.

The potential of gas electrodes can easily be calculated with a suitable form
of the Nernst equation. This will be elucidated in connection with three elec-
trodes of practical importance.

(i) The hydrogen electrode operates on the basis of the half-cell reaction:

2H* +2¢~ 2 H,
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This can be regarded as a simple redox system its potential can be expressed as

I [H,]
E = E°’———l ~E°'—-——l
2F aH+ [H ]2
In this expression the activity (or concentration) of hydrogen gas cannot easily
be measured. It can however be replaced by its pressure, as, for a given tem-
perature, the activity (or concentration) is proportional to the pressure.

ay, & [Hz:l = kl’n2
The proportionality factor, k, being constant, the expression

can be used to define the standard potential, E°. Thus, the potential of the
hydrogen electrode can be expressed as
RT py RT DPu
E=E———Ih—5*~E—-—1In Z
2F " a3, 2F "[H
Thus the potential of the hydrogen electrode depends on the hydrogen-ion
concentration in the solution and on the pressure of hydrogen gas above the
solution. The standard potential, E*, can be measured in a system where the
activity of hydrogen ions is unity in the solution and the pressure of hydrogen
gas over the solution is 1 atm. We have seen that the standard potential, £°, of
such an electrode is by definition 0.
(ii) The operation of the oxygen electrode is based on the half-cell reaction

O, +4H* +4¢~ 2 2H,0

Applying the Nernst equation for such a process, which is a combined redox
and acid-base reaction, we can write

 pe RT [H 0]2
E=E" = F " [0, T

The final expression is arrived at in a similar way to that for the hydrogen
electrode. The concentration of water is regarded as constant in dilute aqueous
solutions. The value of E°, measurable at pH = 0 with py, = 1 atm (where
Po, is pressure of oxygen over the solution) is +1:23 V. It is useful and easy
to memorize the standard potentials of the hydrogen electrode (E°= 0V)
and of the oxygen electrode (E°= 123 V, one, two, three). The importance of
these quantities will become apparent later (cf. Section 1.43).

(iii) The chlorine electrode operates on the basis of the half-cell reaction

Cl,+2e~ 2 2CI°
Its electrode potential can be expressed as

- -2
E— Eo_ l[ ] _ g RT [C7]

[Clz:l 2F Pa,
The value of the E°standard potential is + 1-36 V.

The overall conclusions we can draw from the examples mentioned are that
the potential of gas electrodes depends on the concentration of the particular

= E° + ln (Po,[H*]H
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ion in the solution which is involved in the half-cell reaction and on the pressure
of the gas in the electrode system, which, in other words, is the pressure of gas
measurable above the solution.

1.42 CALCULATIONS BASED ON THE NEAREST EQUATION Values
of standard potentials are normally available for room temperatures (25°C),
like those shown in Tables 1.16 to 1.18. Calculations based on the Nernst
equations are therefore usually restricted to this temperature.* The pre-
logarithmic factor of the Nernst equation can thus be simplified, and 10-based
logarithms can be introduced. With R = 83143 J K "' mol™!, T = 29815 K,

F = 96487 x 10*C mol™ !, and In 10 = 2:0326 the constant&;; In 10 = 0:0592

can be obtained. Thus the potential of a metal electrode becomes

00592
n

E=E+ log [Me"*]

and the same prelogarithmic factor can be used in all other forms of the Nernst
equation.

The following examples may illustrate the ways in which oxidation-reduction
potentials can be calculated.

Example 31 Calculate the e.m.f. of a Daniell cell, made up by immersing a
copper foil into a 0-15M CuSO, solution and a zinc rod into 0-25M ZnSO,
solution and linking the two half-cells together.

According to Table 16 the values of the standard potentials are as follows:

for Cu?*+2e” 2 Cu Ec, =034V
and
for Zn?**+2e” 2 Zn E%, = —076V
The e.m.f. of the cell can be expressed as
em.f. = |Ec,— Egz,|
Thus first the two electrode potentials have to be calculated. These are

Ec, = E°c, + 0.02592 log[Cu?*]
=034 + 9992155015 = 0316 V
and
E,, =E°, + 0.02592 log[Zn?*]
= 076 + Y9210 025 = —0778V

2

* When calculating potentials for other than room temperature, it is not enough simply to
insert the appropriate temperature into the prelogarithmic factor of the Nernst equation, because
the standard potential, E°, varies with temperature also. The correlation between electrode potential
and temperature is given by the appropriate form of the Gibbs— Helmholtz equation (cf. S. Glasstone’s
Textbook of Physical Chemistry. 2nd edn., MacMillan, London, 1964, p. 924).
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and the em.f.:
em.f. = |Eq,—Ez,| = |0-316—(—0-778)| = 1:094 V
Example 32 A solution contains 0-05M FeCl, and 0-15M FeCl;. What is

the oxidation-reduction potential measurable in the solution?
From Table 1.17 the standard potential for the half-cell

Fe3* +e~ 2 Fe?t

is taken; E° = 076 V.
The appropriate form of the Nernst equation (n = 1):
[Fe?t] 0-05
E =F° -0 log =—5+= = 076 —-0- — = 0788V
0:0592 log [Fe¥] 76 —0-0592 logo.15
Example 33 20 ml 0:02M KMnO,, 10 ml 0-5M H,SO, and 5 ml 0-1M FeSO,
solutions are mixed and diluted with water to 100 ml. Calculate the oxidation-
reduction potential of the solution.
From the reaction equation

MnOj +5Fe?* +8H* — 5Fe3* + Mn?* +4H,0

it can be seen that only a portion of the KMnO, will be reduced; the solution
therefore will contain both MnO; and Mn?* ions (while practically all the Fe?*
disappears and equivalent amounts of Fe3* are formed). Thus, the oxidation-
reduction potential will be that of the permanganate-manganese(II) system:

MnO; +8H* +5¢~ 2 Mn?* +4H,0

for this the standard potential is (cf. Table I.18) E° = 1.52.
To calculate the potential the Nernst equation can be written as
00592 Mn2*
E=FE° — log [ _n ] —
5 [MnO; ][H"]

Now we have to calculate the concentrations in the argument of the logarithm.
Disregarding the slight decrease of the hydrogen-ion concentration* due to the
reaction, we can calculate [H*] as

2x10x0'5

H*] = 222X
[H*] 100

To calculate [MnO; ] and [Mn?*] is more complicated but in fact we do not

need their actual values; it is sufficient to calculate the ratio [Mn?*]/[MnO; ].

This can be done easily. From the stoichiometry of the reaction it follows that,

of the original 20 ml 0-02M KMnO,, 15 ml is left unreacted while the equivalent
of 5 ml is reduced to Mn2*. Thus the ratio can be expressed as
[Mn2*] 5 1
[MnO;] 15 3
Now the oxidation-reduction potential can be calculated:
00592 1

5 198 35y

= 0-]1 mol £~}

E=15 - = 1431V

* The amount of hydrogen ions, used up in this reaction, is, according to the stoichiometry of
the reaction, 8 x 10™* mol.
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Example 34 20ml 0-1M NaCl and 2ml 0-1M AgNO, are mixed and
diluted to 100 ml. Calculate the potential of a silver electrode dipped into this
solution.

The potential of a silver electrode can be expressed by the Nernst equation as

E =E°+0059 log [Ag*]

E*for the half-cell Ag* +e~ & Ag is 0-80 V (cf. Table 1.16). To calculate the
electrode potential we have to calculate [Ag*]. This concentration will be
extremely low, because practically all the silver is precipitated by the sodium
chloride:

Ag*+ClI™ 2 AgCl|
For this precipitate the solubility product can be taken from Table 1.12:

K, = [Ag*][CI"] = 1'5x1071°
This expression can be combined with the Nernst equation to yield

K,

[Cr"]
The concentration of chloride ions can be calculated quite easily. Of the 20 ml
0-1M NaCl the equivalent of 2 ml has been removed by precipitation; thus

E = E°+0059 log

18
-1 = Ol — ) -1
[Cl:l—1 = 0-018 mol £

The potential can now be calculated :

10710
Example 35 What is the potential of the oxygen electrode in a solution
having a pH of 8?
The potential of this electrode (cf. Section 1.41d) can be expressed as

00592
7 log (Po,[H*]*)

Here E°= 123 V. For pH = 8 we have [H*] = 1078. The pressure of oxygen
over the solution is

E=E +

Po, = 021 atm
under atmospheric conditions. Thus, the potential is,

00592

E=1
123 + =

log {0-21(1078)*} = 0-748 V

1.43 CONCLUSIONS DRAWN FROM THE TABLES OF OXIDATION-
REDUCTION POTENTIALS From the values of oxidation-reduction
potentials we can easily find out whether a particular oxidation-reduction
reaction is feasible or not. We have already seen the rules that govern the dis-
placement of metals by one another, and the feasibility of dissolving metals in
acid with the liberation of hydrogen. Those conclusions can now be extended
and generalized. It can be said that the more positive the oxidation-reduction
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potential of a redox system, the stronger an oxidant is its oxidized form and
vice versa: the more negative its oxidation-reduction potential, the stronger a
reducing agent is its reduced form. The direction of an oxidation-reduction
reaction can also easily be predicted; the oxidized form of the system with a
more positive potential will oxidize the reduced form of a system with the more
negative potential, and never the other way round. From Table 1.17 we can,
for example, quote the following two systems:

Fe3* +e~ 2 Fe?* E= 4076V
Sn** +2¢~ 2 Sn?* E = +015V

Because of the relative values of the oxidation-reduction potentials, iron(III)
ions will oxidize tin(II) ions, the reaction

2Fe3* +Sn?* — 2Fe?* 4+ Sn**

can proceed only in this direction, and never in the opposite direction; that is,
iron(II) ions can never reduce tin(IV).

Similarly, from the Tables 1.17 and 1.18 we can see, for example, that per-
manganate ions (in acid medium) can oxidize chloride, bromide, iodide, iron(II),
and hexacyanoferrate(II) ions, also that iron(III) ions may oxidize arsenite or
iodide ions but never chromium(III) or chloride ions etc. It must be emphasized
that the standard potentials are to be used only as a rough guide; the direction
of a reaction will depend on the actual values of oxidation-reduction potentials.
These, if the concentrations of the species are known, can be calculated easily
by means of the Nernst equation.

The concentrations of the various species must be taken into consideration
especially if combined redox and acid-base systems are involved. From the
data, taken from Table 1.17 and 1.18 for example:

AsO3™ +2H* +2¢” 2 AsO3™ +H,0 E =05V
I,+2e™ 221 E =052V
one could draw the conclusion that arsenate ions will oxidize iodide:
AsO}™ +2H* +21" - 1,+AsO3~ +H,0

but the reaction cannot go in the opposite direction. This in fact is true only if
the solution is strongly acid (pH < 0). The oxidation-reduction potential of
the arsenate-arsenite system depends on the pH:

0-0592 [AsO37]

E=b -l o
. 00592, [AsO}]
= £ -l o

At pH = 6 the potential of a solution containing arsenate and arsenite ions at
equal concentrations decreases to +0-20 V. Under such circumstances there-
fore the opposite reaction will occur:

I,+AsO3"+H,0 —» AsO3}~ +2H* +21~

Both reactions are indeed used in qualitative inorganic analysis (cf. Section
I11.12, reaction S and Section II1.13, reaction 5).

— 00592 pH
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1.44 EQUILIBRIUM CONSTANT OF OXIDATION-REDUCTION RE-
ACTIONS The law of mass action being valid for oxidation-reduction
reactions, the feasibility of such reactions can most properly be decided on the
basis of their equilibrium constant. The equilibrium constant of oxidation-
reduction reactions is, in turn, strongly related to the differences in the standard
oxidation-reduction potentials of the systems involved. The proper explanation
of this correlation needs a good working knowledge of chemical thermo-
dynamics. In the following factual treatment this is assumed ; for a more detailed
understanding the reader should consult textbooks of physical chemistry.*
Let us consider the general form of a redox reaction

(ne~)
aOx, +bRed,+ -+ 2 cOx,+dRed;+ - @)
Here the subscripts 1 and 2 refer to the individual redox systems. The equi-
librium constant of such a reaction (Section 1.13), expressed with concentrations
is

_ [Ox,J[Red,]¢ . ..
"~ [0x,][Red,]°. ..

This equilibrium constant is related to the standard free energy change, AG®,
of this reaction:

—AG° = RThK : (iii)

The negative sign originates from the sign conventions usually adopted in
chemical thermodynamics. This standard free energy change is equal to the
electrical work done by a galvanic cell built from the two half-cells which are
involved in reaction (i). If @ moles of Ox, and b moles of Red, are used up in
this reaction, the electrical work done is

nF(E;—E3) = —AG® (iv)

where ES and Ej are the standard oxidation-reduction potentials of systems 1
and 2 respectively, and n is the number of electrons exchanged during the
reaction (more precisely, the number of Faradays passing through the electrical
circuit if @ moles of Ox; and 5 moles of Red, are used up). Equations (iii) and
(iv) can be combined to

K (ii)

Flog, e
RT

For room temperature (7 = 298:15 K), with loge = 04343, F = 9-6487.
10* Cmol™! and R = 8314 J K™% mol~!, we can obtain the expression

log K = 16:905n(E2 — ES) V)

which can be used for practical calculations. A few examples may illustrate
how such calculations should be carried out.

log K = n(E7—E3)

Example 36 Calculate the equilibrium constant of the reaction

(2e™)
2Fe3* +Sn2* 2 2Fe?* +Sn**

* See e.g. W. J. Moore’s Physical Chemistry. 4th edn., Longman 1966, pp. 174 and 385.
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The equilibrium constant can be written as
3 [Fe2+]2[sn4+]
- [Fes+]2[snz+]
Heren =2, E; = +0:76 Vand E5 = +0'15 V (cf. Table 1.17). From expres-
sion (v) we obtain
log K = 16905 x2 x(0:76 —0-15) = 2062
or K = 10262 = 421 x 10%°

Example 37 Calculate the equilibrium constant of the reaction

K

MnO; +8H* + 5Fe?* (5;) Mn2* +5Fe3* +4H,0
For this reaction
[Mn2+][Fea+]5 .
[MnO; J[H* F[Fe I N
Here n =35, E; = 152V, E; =076V (cf. Tables 1.17 and 1.18). Using
equation (v) we have
log K = 16:905x S x (1:52—0-76) = 64-24
or K = 105424 = 1-73 x 1054
Using this example we can show the correlation between standard oxidation-

reduction potentials without applying the thermodynamical concepts mentioned
above. The oxidation-reduction potential of the system

MnOj +8H* +5¢~ & Mn?* +4H,0

can be expressed as

K =

00592 [Mn2*] .
E, = E} — 1
1= BT T %8 IMnO, J[H P (vir)
and that of the system
Fe** +e™ 2 Fe?*
by
[Fe*]
E, = E5; — 0:0592 log[—l:—é5+—] (viii)
Equation (viii) can be transformed easily to
. 00592 [Fe**]? .
E, = E5 — S log [Fe+ 75 (ix)

If the reaction reaches equilibrium, the oxidation-reduction potentials of both
systems are equal:

E, = E, (%)
Equations (vii), (ix), and (x) can then be combined to give
0, 2 2+ F 3+7s
E— E = 59 o [Mn2*][Fe®**] (xi)

5 CE[MnO; J[H' P[F'T°
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As the concentrations in the argument of the logarithm are equilibrium con-
centrations, equations (vi) and (xi) can be combined, leading to

log K = 16905 x Sx (E;—E3)

which is identical with expression (v) deduced earlier (n = 5 for this particular
reaction).

From such examples it becomes apparent that the greater the difference
between the standard oxidation-reduction potentials, the higher the value of
the equilibrium constant, that is the reactions become the more complete. In
practice, a difference of 0:3 V for n = 1 secures a value for K greater than 10°,
which means that in practical terms the reaction will take place quantitatively.
If, on the other hand, the difference of standard potentials, as defined by
equations (i) and (v) is negative, the reaction is not feasible; in fact it will proceed
in the opposite direction.

H. SOLVENT EXTRACTION

1.45 THE DISTRIBUTION OR PARTITION LAW It is a well-known fact
that certain substances are more soluble in some solvents than in others. Thus
iodine is very much more soluble in carbon disulphide, chloroform, or carbon
tetrachloride than it is in water. Furthermore, when certain liquids such as
carbon disulphide and water, and also ether and water, are shaken together in a
vessel and the mixture allowed to stand, the two liquids separate out into two
layers. Such liquids are said to be immiscible (carbon disulphide and water) or
partially miscible (ether and water), according as to whether they are almost
insoluble or partially soluble in one another. If iodine is shaken with a mixture
of carbon disulphide and water and then allowed to settle, the iodine will be
found to be distributed between the two solvents. A state of equilibrium exists
between the solution of iodine in carbon disulphide and the solution of iodine
in water. It has been found that when the amount of iodine is varied, the ratio
of the concentrations is constant at any given temperature. That is:
Concentration of iodine in carbon disulphide ¢,

: " = ==K
Concentration of iodine in water o d

The constant K, is known as the partition, or distribution, coefficient. Some
experimental results are collected in Table 1.19. It is important to note that the
ratio ¢,/c, is constant only when the dissolved substance has the same relative
molecular mass in both solvents. The distribution or partition law may be
formulated thus: when a solute distributes itself between two immiscible sol-
vents there exists for each molecular species, at a given temperature, a constant
ratio of distribution between the two solvents, and this distribution ratio is
independent of any other molecular species which may be present. The value of
the ratio varies with the nature of the two solvents, the nature of the solute, and
the temperature.

The removal of a solute from an aqueous solution by a water-immiscible
solvent is called solvent extraction. This technique is often applied for
separations.
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Table 1.19 The distribution of iodine between water and

organic solvents at 25°C

Concentration of iodine Ky
in the organic phase in the aqueous phase

mol £7! mol £!

Org. phase: carbon disulphide

1387 3231x 1073 429
1-017 2-522x 1073 403
0-520 1-261 x 1073 412
0-323 0-788 x 1073 410
Average: 413-5

Org. phase: chloroform

0-338x 107! 0-25x 1073 1352
1-54x 107! 120x 1073 1283
2:32x 107! 1-84x 1073 1261
3-21x 1071 2:42x 1073 132:6

Average: 130-6

Org. phase: carbon tetrachloride

101 x 1072 1-332x107% 75-8
164 x 1072 2-151x 1074 763
4-10x 1072 5130 x 1074 80-0
601 x 1072 7391 x 1074 813
7-84 x 1072 9-448 x 1074 82:6
12-17x 1072 1438 x 1074 84-1

Average: 80-1

1.46 THE APPLICATION OF SOLVENT EXTRACTION IN QUALI-
TATIVE ANALYSIS A few examples of the application of solvent extraction
in qualitative analysis are as follows:

(a) Removal of bromine and of iodine from aqueous solution When an
aqueous solution of iodine is shaken with carbon disulphide, the concentration
of iodine in the resulting carbon disulphide layer is about 400 times that in water.
The carbon disulphide layer may be removed with the aid of a separatory funnel
and the process repeated. In this way the concentration of iodine in the aqueous
solution may be reduced to a very small value, although theoretically it cannot
be reduced completely to zero. The following calculation will illustrate the
point.

Example 38 Ten milligrams iodine are suspended in 12 ml water, and
shaken with 2 ml CCl, until equilibrium is reached. Calculate the weight of
iodine remaining in the aqueous layer.

Let x be the weight (in milligrams) of iodine which remains in the aqueous
phase. Its concentration will become

(2] = E?g‘m in mol £~ (or mmol ml™?)
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units. (253-8 = 2 x 1269 is the relative molecular mass of iodine).
In the CCl, 10-x mg iodine will be found, its concentration being
(10—x)

—_ -1
= 3538 %2 ™ol ¢

[IZJCCh

From Table 1.19 we have K; = 80-1 for the distribution coefficient:

(10—x) 10—x
Kd — [IZJCCI4 — 253'8)(2 — 2 - 80'1
[IZJaq x i
253-8x 12 12

from this x = 0-70 mg.

If the CCl, layer is withdrawn with the aid of a separatory funnel and the
residual aqueous layer is shaken with a second 2 ml batch fresh CCl,, the
quantity of iodine still remaining in the aqueous layer, y, can be computed from
the equation

0-70—y
2

K; =801 =
12
from which y = 0-052 mg.

It can be shown that after a third extraction 3.62 x 10~2 mg and after a fourth
one only 2-1 x 10~ % mg iodine is left behind.

If instead of three successive extractions with 2 ml portions of CCl,, the
original 10 ml of the aqueous suspension were treated with a single 6 ml
extraction CCl,, the weight of iodine remaining in the aqueous layer would be
reduced only to 0-24 mg, as can be shown by a calculation similar to the above.
This is a simple illustration of the fact that, in performing extractions, it is more
efficient and also more economical to carry out a number of successive extrac-
tions with small portions of the solvent rather than a single extraction with a
large quantity.

Use is made of the partition principle in the detection of bromides, of iodides,
and in the detection of bromides and iodides in the presence of each other.

(b) Various tests in qualitative analysis (i) Chromium pentoxide is more
soluble in amyl alcohol (or in ether) than in water; by shaking the dilute aqueous
solution with amyl alcohol (or with ether), a concentrated solution in the latter
solvent is obtained, and the presence of chromate or of hydrogen peroxide is
indicated by the blue colour.

(ii) The compound ammonium tetrathiocyanatocobaltate, with the formula
(NH,),[Co(CNS),], produced by the action of a concentrated solution of
ammonium thiocyanate upon a cobalt(II) ion is more soluble in amyl alcohol
than in water ; the blue colouration of the amyl alcohol layer, due to the formation
of a concentrated solution of this compound, is a sensitive and characteristic
test for cobalt.
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(c) Study of hydrolysis In the hydrolysis of a salt of a weak base and a strong
acid or of a weak acid and a strong base, there is an equilibrium between the
salt, the free acid, and the free base. The hydrolysis, for our present purpose,
may be written:

Salt+Water 2 Acid + Base

The concentration of the weak acid or of the weak base can be determined by
distribution between water and another solvent, such as benzene or chloroform;
the partition coefficient of the acid or base between the water and the other
solvent must, of course, be known. The degree of hydrolysis may then be calcu-
lated from the concentration of the salt and the determined concentration of
the weak acid or base. An example of such a salt is aniline hydrochloride. This
is partially hydrolysed into aniline and hydrogen chloride. On shaking the
aqueous solution with benzene the aniline will distribute itself between the
water and benzene in the ratio of the distribution coefficient. The initial con-
centration of aniline hydrochloride is known, the concentration of the free
aniline in the aqueous solution can be computed from that found in the benzene
solution, and from this the total concentration of aniline, produced by hydro-
lysis, is deduced. Sufficient data are then available for the calculation of the
degree of hydrolysis.

(d) The determination of the constitution of complex halide ions lodine is
much more soluble in an aqueous solution of potassium iodide than it is in
water ; this is due to the formation of tri-iodide ions, I5. The following equi-
librium exists in such a solution:

L+I"21;

If the solution is titrated with standard sodium thiosulphate solution, the total
concentration of the iodine, both as free I, and combined as I3, is obtained,
since, as soon as some iodine is removed by interaction with the thiosulphate,
a fresh amount of iodine is liberated from the tri-iodide in order to maintain the
equilibrium. If, however, the solution is shaken with carbon tetrachloride, in
which iodine alone is appreciably soluble, then the iodine in the organic layer
is in equilibrium with the free iodine in the aqueous solution. By determining
the concentration of the iodine in the carbon tetrachloride solution, the con-
centration of the free iodine in the aqueous solution can be calculated from the
known distribution coeflicient, and therefrom the total concentration of the
free iodine present at equilibrium. Subtracting this from the total iodine,
the concentration of the combined iodine (as I3) is obtained; by subtracting
the latter value from the initial concentration of potassium iodine the concentra-
tion of the free KI is deduced. The equilibrium constant:

["]x[I.]
K==——==
(5]
is then computed.

A similar method has been used for the investigation of the equilibrium
between bromine and bromides:

Br,+Br~ & Br3
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Distribution measurements have also been used to prove the existence of the
tetramminecuprate(II) ion, [Cu(NH,),]**, in an aqueous ammoniacal solution
of copper sulphate, the partition of the free ammonia being studied between
chloroform and water:

[Cu(NH;),]** 2 Cu?* +4NH,
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EXPERIMENTAL TECHNIQUES
OF QUALITATIVE
CHAPTER Il INORGANIC ANALYSIS

I1.1 INTRODUCTION Before the student attempts to carry out the analyti-
cal reactions of the various cations and anions detailed in Chapters III and 1V,
he should be familiar with the operations commonly employed in qualitative
analysis, that is with the laboratory technique involved. It is assumed that the
student has had some training in elementary practical chemistry; he should be
familiar with such operations as solution, evaporation, crystallization, distil-
lation, precipitation, filtration, decantation, bending of glass tubes, preparation
of ignition tubes, boring of corks, and construction of a wash bottle. These will
therefore be either very briefly discussed or not described at all in the following
pages.

Qualitative analysis may be carried out on various scales. In macro analysis
the quantity of the substance employed is 0-5-1 gram and the volume of
solution taken for the analysis is about 20 ml. In what is usually termed semi-
micro analysis, the quantity used for analysis is reduced by a factor of 0-1-0-05,
i.e. to about 0-05 gram and the volume of solution to about 1 ml. For micro
analysis the factor is of the order of 0-01 or less. There is no sharp line of
demarcation between semimicro and micro analysis: the former has been called
centigram analysis and the latter milligram analysis, but these terms indicate
only very approximately the amounts used in the analysis. It will be noted that
only the scale of the operations has been reduced; the concentrations of the
ions remain unchanged. Special experimental techniques have been developed
for handling the smaller volumes and amounts of precipitate, and these will be
described in some detail. For routine analysis by students, the choice lies be-
tween macro and semimicro analysis. There are many advantages in adopting
the semimicro technique; these include:

(i) Reduced consumption of chemicals with a considerable saving in the
laboratory budget.

(ii) The greater speed of the analysis, due to working with smaller quantities
of materials and the saving of time in carrying out the various standard opera-
tions of filtration, washing, evaporation, saturation, with hydrogen sulphide,
etc.

(iii) Increased sharpness of separation, e.g. washing of precipitates can be
carried out rapidly and efficiently when a centrifuge replaces a filter.

(iv) The amount of hydrogen sulphide used is considerably reduced.

(v) Much space is saved both on the reagent shelves and more especially
in the lockers provided immediately below the bench for the housing of the
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individual student’s apparatus; this latter merit may be turned to good use by
reducing the size of the bench lockers considerably and thus effectively increasing
the accommodation of the laboratory.

(vi) The desirability of securing a training in the manipulation of small
amounts of material.

For these, and also other, reasons many laboratories now employ semimicro
analysis, particularly for the elementary courses. Both macro and semimicro
procedures will be given separately in this book in order that the requirements
of all types of students may be met. Nevertheless, when the semimicro technique
is adopted, students are recommended to read the sections dealing with macro
technique. It may be said that when the general technique of semimicro analysis
has been mastered and appreciated, no serious difficulty should be encountered
in adapting a macro procedure to the semimicro scale. Apart from drop re-
actions, few applications of the micro technique will be described in the text.

Qualitative analysis utilizes two kinds of tests, dry reactions and wet reactions.
The former are applicable to solid substances and the latter to substances in
solution. Most of the dry reactions to be described can be used with only minor
modifications for semimicro analysis. Dry tests appear to have lost their
popularity in certain quarters; they do, however, often provide useful infor-
mation in a comparatively short time and a knowledge as to how they are carried
out is desirable for all students of qualitative analysis. Different techniques are
employed for wet reactions in macro, semimicro, and micro analysis.

IL.2 DRY REACTIONS A number of useful tests can be carried out in the
dry, that is without dissolving the sample. Instructions for such operations are
given below.

. Heating The substance is placed in a small ignition tube (bulb tube),
prepared from soft glass tubing, and heated in a Bunsen flame, gently at first
and then more strongly. Small test-tubes, 60-70 mm x 7-8 mm, which are
readily obtainable and are cheap, may also be employed. Sublimation may take
place, or the material may melt or may decompose with an attendant change in
colour, or a gas may be evolved which can be recognized by certain characteristic
properties.

2. Blowpipe tests A luminous Bunsen flame (air holes completely closed),
about 5 cm long, is employed for these tests. A reducing flame is produced by
placing the nozzle of a mouth blowpipe just outside the flame, and blowing
gently so as to cause the inner cone to play on the substance under examination.
An oxidizing flame is obtained by holding the nozzle of the blowpipe about one-
third within the flame and blowing somewhat more vigorously in a direction
parallel with the burner top ; the extreme tip of the flame is allowed to play upon
the substance. Figure I1.1 illustrates the oxidizing and reducing flames.

The tests are carried out upon a clean charcoal block in which a small cavity
has been made with a penknife or with a small coin. A little of the substance is
placed in the cavity and heated in the oxidizing flame. Crystalline salts break
into smaller pieces; burning indicates the presence of an oxidizing agent
(nitrate, nitrite, chlorate, etc.). More frequently the powdered substance is
mixed with twice its bulk of anhydrous sodium carbonate or, preferably, with
‘fusion mixture’ (an equimolecular mixture of sodium and potassium carbon-
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Oxidizing Reducing
Fig. 11.1

ates; this has a lower melting point than sodium carbonate alone) in the reducing
flame. The initial reaction consists in the formation of the carbonates of the
cations present and of the alkali salts of the anions. The alkali salts are largely
adsorbed by the porous charcoal, and the carbonates are, for the most part,
decomposed into the oxides and carbon dioxide. The oxides of the metals may
further decompose, or be reduced to the metals, or they may remain unchanged.
The final products of the reaction are therefore either the metals alone, metals
and their oxides, or oxides. The oxides of the noble metals (silver and gold) are
decomposed, without the aid of the charcoal, to the metal, which is often
obtained as a globule, and oxygen. The oxides of lead, copper, bismuth,
antimony, tin, iron, nickel, and cobalt are reduced either to a fused metallic
globule (lead, bismuth, tin, and antimony) or to a sintered mass (copper) or to
glistening metallic fragments (iron, nickel, and cobalt). The oxides of cadmium,
arsenic, and zinc are readily reduced to the metal, but these are so volatile that
they vaporize and are carried from the reducing to the oxidizing zone of the
flame, where they are converted into difficulty volatile oxides. The oxides thus
formed are deposited as an incrustation round the cavity of the charcoal block.
Zinc yields an incrustation which is yellow while hot and white when cold; that
of cadmium is brown and is moderately volatile; that of arsenic is white and is
accompanied by a garlic odour due to the volatilization of the arsenic. A charac-
teristic incrustation accompanies the globules of lead, bismuth, and antimony.

The oxides of aluminium, calcium, strontium, barium, and magnesium are
not reduced by charcoal; they are infusible and glow brightly when strongly
heated. If the white residue or white incrustation left on a charcoal block is
treated with a drop of cobalt nitrate solution and again heated, a bright-blue
colour, which probably consists of either a compound or a solid solution of
cobaltous and aluminium oxides (Thenard’s blue) indicates the presence of
aluminium ;* a pale-green colour, probably of similar composition (Rinmann’s
green), is indicative of zinc oxide; and a pale pink mass is formed when mag-
nesium oxide is present.

3. Flame tests In order to understand the operations involved in the flame
colour tests and the various bead tests to be described subsequently, it is neces-
sary to have some knowledge of the structure of the non-luminous Bunsen flame
(Fig. 11.2).

* A blue colour is also given by phosphates, arsenates, silicates. or borates.
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The non-luminous Bunsen flame consists of three parts: (i) an inner blue cone
ADB consisting largely of unburnt gas; (ii) a luminous tip at D (this is only
visible when the air holes are slightly closed); and (iii) an outer mantle ACBD
in which complete combustion of the gas occurs. The principal parts of the
flame, according to Bunsen, are clearly indicated in Fig. I1.2 The lowest tem-
perature is at the base of the flame (a); this is employed for testing volatile
substances to determine whether they impart any colour to the flame. The

C
Upper oxidizing zone (d)
D
Upper reducing zone (e)
Y Hottest portion of flame (b)

E F Lower oxidizing zone (c)
Lower reducing zone (f)

Lower temperature zone (a)

Fig. 11.2

hottest part of the flame is the fusion zone at b and lies at about one-third of the
height of the flame and approximately equidistant from the outside and inside
of the mantle; it is employed for testing the fusibility of substances, and also,
in conjunction with g, in testing the relative volatilities of substances or of a
mixture of substances. The lower oxidizing zone (c) is situated on the outer
border of b and may be used for the oxidation of substances dissolved in beads
of borax, sodium carbonate, or microcosmic salt. The upper oxidizing zone (d)
consists of the non-luminous tip of the flame; here a large excess of oxygen is
present and the flame is not so hot as‘at ¢. It may be used for all oxidation pro-
cesses in which the highest temperature is not required. The upper reducing
zone (e) is at the tip of the inner blue cone and is rich in incandescent carbon;
it is especially useful for reducing oxide incrustations to the metal. The lower
reducing zone (1) is situated in the inner edge of the mantle next to the blue cone
and it is here that the reducing gases mix with the oxygen of the air; it is a less
powerful reducing zone than e, and may be employed for the reduction of fused
borax and similar beads.

We can now return to the flame tests. Compounds of certain metals are
volatilized in the non-luminous Bunsen flame and impart characteristic colours
to the flame. The chlorides are among the most volatile compounds, and these
are prepared in situ by mixing the compound with a little concentrated hydro-
chloric acid before carrying out the tests. The procedure is as follows. A thin
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platinum wire* about 5 cm long and 0-03-0-05 mm diameter, fused into the end
of a short piece of glass tubing or glass rod which serves as a handle, is employed.
This is first thoroughly cleaned by dipping it into concentrated hydrochloric
acid contained in a watch glass and then heating it in the fusion zone (b) of the
Bunsen flame; the wire is clean when it imparts no colour to the flame. The wire
is dipped into concentrated hydrochloric acid on a watch glass, then into a little
of the substance being investigated so that a little adheres to the wire. It is then
introduced into the lower oxidizing zone (c), and the colour imparted to the
flame observed. Less volatile substances are heated in the fusion zone (b); in this
way it is possible to make use of the difference in volatilities for the separation
of the constituents of a mixture.

A table showing the colours imparted to the flame by salts of different metals
is given in Section V.2(3). Carry out flame tests with the chlorides of sodium,
potassium, calcium, strontium, and barium and record the colours you observe.
Repeat the test with a mixture of sodium and potassium chlorides. The yellow
colouration due to the sodium masks that of the potassium. View the flame
through two thicknesses of cobalt glass; the yellow sodium colour is absorbed
and the potassium flame appears crimson.

Potassium chloride is much more volatile than the chlorides of the alkaline
earth metals. It is therefore possible to detect potassium in the lower oxidizing
flame and the calcium, strontium, and barium in the fusion zone.

After all the tests, the platinum wire should be cleaned with concentrated
hydrochloric acid. It is a good plan to store the wire permanently in the acid.
A cork is selected that just fits into a test-tube, and a hole is bored through the
cork through which the glass holder of the platinum wire is passed. The test-
tube is about half filled with concentrated hydrochloric acid so that when the
cork is placed in position, the platinum wire is immersed in the acid.

A platinum wire sometimes acquires a deposit which is removed with difficulty
by hydrochloric acid and heat. It is then best to employ fused potassium hydro-
gen sulphate. A coating of potassium hydrogen sulphate is made to adhere to
the wire by drawing the hot wire across a piece of the solid salt. Upon passing
the wire slowly through a flame, the bead of potassium pyrosulphate which
forms travels along the wire, dissolving the contaminating deposits. When cool,
the bead is readily dislodged. Any small residue of pyrosulphate dissolves at
once in water, whilst the last traces are usually removed by a single moistening
with concentrated hydrochloric acid, followed by heating. The resulting bright
clean platinum wire imparts no colour to the flame.

4. Spectroscopic tests. Flame spectra The only worthwhile way to employ
flame tests in analysis is to resolve the light into its component tints and to
identify the cations present by their characteristic sets of tints. The instrument
employed to resolve light into its component colours is called a spectroscope.
A simple form is shown in Fig. I1.3. It consists of a collimator A which throws a
beam of parallel rays on the prism B, mounted on a turntable; the telescope C
through which the spectrum is observed; and a tube D, which contains a scale
of reference lines which may be superposed upon the spectrum. The spectroscope

* If a platinum wire is not available, a short length of chromel (or nichrome) wire, bent into a
small loop at one end and inserted into a cork (to serve as a handle) at the other, may be used.
This is not as satisfactory as platinum wire and is not recommended.
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Fig. 113

is calibrated by observing the spectra of known substances, such as sodium
chloride, potassium chloride, thallium chloride, and lithium chloride. The
conspicuous lines are located on a graph drawn with wavelengths as ordinates
and scale divisions as abscissae. The wavelength curve may then be employed
in obtaining the wavelength of all intermediate positions and also in establishing
the identity of the component elements of a mixture.

To adjust the simple table spectroscope described above (which is always
mounted on a rigid stand), a lighted Bunsen burner is placed in front of the
collimator A at a distance of about 10 cm from the slit. Some sodium chloride is
introduced by means of a clean platinum wire into the lower part of the flame,
and the tube containing the adjustable slit rotated until the sodium line, as seen
through the telescope C, is in a vertical position. (If available, it is more con-
venient to employ an electric discharge ‘sodium lamp’, such as is marketed by
the General Electric Company: this constitutes a high-intensity sodium light
source.) The sodium line is then sharply focused by suitably adjusting the sliding
tubes of the collimator and the telescope. Finally, the scale D is illuminated by
placing a small electric lamp in front of it, and the scale sharply focused. The
slit should also be made narrow in order that the position of the lines on the
scale can be noted accurately.

A smaller, relatively inexpensive, and more compact instrument, which is
more useful for routine tests in qualitative analysis, is the direct vision spectro-
scope with comparison prism, shown in Fig. I1.4.

The light from the ‘flame’ source passes through the central axis of the instru-
ment through the slit, which is adjustable by a milled knob at the side. When the
comparison prism is interposed, half the length of the slit is covered and thus
light from a source in a position at right angles to the axis of the instrument will
fall on one-half of the slit adjacent to the direct light which enters the other half.
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This light passes through an achromatic objective lens and enters a train of five
prisms of the 60° type, three being of crown glass and the alternate two of flint
glass. The train of prisms gives an angular dispersion of about 11° between the
red and the blue ends of the spectrum. The resulting spectrum, which can be
focused by means of a sliding tube adjustment, is observed through the window.
There is a subsidiary tube adjacent to the main tube: the former contains a
graticule on a glass disc, which is illuminated either from the same source of
light as that being observed or from a small subsidiary source (e.g. a flash lamp
bulb). It is focused by means of a lens system comprising two achromatic com-
binations between which is a right angle prism. This prism turns the beam of
light so that it falls on the face of the end prism (of the train of five prisms) and is
reflected into the observer’s eye, where it is seen superimposed upon the
spectrum. An adjusting screw is provided to alter the position of the right angle
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prism in order to adjust the scale relative to the spectrum. The scale is calibrated
directly into divisions of 10 nanometers (or 100 A in older instruments) and has
also an indication mark at the D-line: it is ‘calibrated’ by means of a sodium
source, and the adjusting screw is locked into position by means of a locking nut.
The instrument can be mounted on a special stand.

If a sodium compound is introduced into the colourless Bunsen flame, it
colours it yellow if the light is examined by means of a spectroscope, a bright
yellow line is visible. By narrowing the slit, two fine yellow lines may be seen.
The mean wavelength corresponding to these two lines is 5:893 x 1077
[Wavelengths are generally expressed in nanometers (nm). | nm = 107°
The old units of Angstrom (A, 107'° m) and millimicron (mg = 107° m,
identical to nm) are now obsolete.] The mean wavelength of the two sodium
lines is therefore 589-3 nm. The elements which are usually identified by the
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spectroscope in qualitative analysis are: sodium, potassium, lithium, thallium
and, less frequently, because of the comparative complexity of their spectra,
calcium, strontium, and barium. The wavelengths of the brightest lines, visible
through a good-quality direct vision spectroscope, are collected in Table II.1.
As already stated, the spectra of the alkaline earth metals are relatively complex
and consist of a number of fine lines; the wavelengths of the brightest of these
are given. If the resolution of the spectroscope is small, they will appear as
bands.

Table II.1 Commeonly occurring spectrum lines

Element Description of line(s) Wavelength in nm
Sodium Double yellow 589-0, 589-6
Potassium Double red 7665, 769-9
Double violet 404-4, 4047
Lithium Red 670-8
Orange (faint) 610-3
Thallium Green 5350
Calcium Orange band 6182-620-3
Yellowish-green 555-4
Violet (faint) 4227
Strontium Red band 674-4, 662-8
Orange 606-0
Blue 460-7
Barium Green band 553-6, 5347, 524-3, 5137
Blue (faint) 487-4

The spectra of the various elements are shown diagrammatically in Fig. II.5;
the positions of the lines have been drawn to scale.

A more extended discussion is outside the scope of this volume, and the
reader is referred to the standard works on the subject.*

5. Borax bead tests A platinum wire, similar to that referred to under flame
tests, is used for the borax bead tests. The free end of the platinum wire is coiled
into a small loop through which an ordinary match will barely pass. The loop is
heated in the Bunsen flame until it is red hot and then quickly dipped into
powdered borax Na,B,0,, 10H,0. The adhering solid is held in the hottest
part of the flame; the salt swells up as it loses its water of crystallization and
shrinks upon the loop forming a colourless, transparent, glass-like bead con-
sisting of a mixture of sodium metaborate and boric anhydride.}

Na2B4O7 = 2NaB02 + B203

The bead is moistened and dipped into the finely powdered substance so that
a minute amount of it adheres to the bead. It is important to employ a minute

* See for example: L. H. Ahrens and R. S. Taylor: Specirochemical Analysis. 2nd edn., Addison-
Wesley 1961 or M. Slavin: Emission Spectrochemical Analysis, Wiley 1971.

+ Some authors do not recommend the use of a loop on the platinum wire as it is considered
that too large a surface of the platinum is thereby exposed. According to their procedure, the
alternate dipping into borax and heating is repeated until a bead 1-5-2 mm diameter is obtained.
The danger of the bead falling off is reduced by holding the wire horizontally. It is the author’s
experience that the loop method is far more satisfactory, especially in the hands of beginners, and
is less time-consuming.
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amount of substance as otherwise the bead will become dark and opaque in the
subsequent heating. The bead and adhering substance are first heated in the
lower reducing flame, allowed to cool and the colour observed. They are then
heated in the lower oxidizing flame, allowed to cool and the colour observed
again.
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Characteristic coloured beads are produced with salts of copper, iron,
chromium, manganese, cobalt, and nickel. The student should carry out borax
bead tests with salts of these metals and compare his result with those given in
Chapter III.

After each test, the bead is removed from the wire by heating it again to
fusion, and then jerking it off the wire into a vessel of water. The borax bead
also provides an excellent method for cleaning a platinum wire; a borax bead
is run backwards and forwards along the wire by suitably heating, and is then
shaken off by a sudden jerk.

The coloured borax beads are due to the formation of coloured borates; in
those cases where different coloured beads are obtained in the oxidizing and the
reducing flames, borates corresponding to varying stages of oxidation of the
metal are produced. Thus with copper salts in the oxidizing flame, one has:

Na,B,0, = 2NaBO, +B,0;
CuO+B,0; = Cu(BO,), (copper(II) metaborate)
The reaction:
CuO+NaBO, = NaCuBO; (orthoborate)

probably also occurs. In the reducing flame (i.e. in the presence of carbon), two
reactions may take place: (i) the coloured copper(II) salt is reduced to colourless
copper(I) metaborate:

2Cu(BO,), +2NaBO, +C = 2CuBO, + Na,B,0, + CO?

(ii) the copper(1I) borate is reduced to metallic copper, so that the bead appears
red and opaque:

2Cu(BO,), +4NaBO, + 2C = 2Cu+2Na,B,0, +2CO1

With iron salts, Fe(BO,), and Fe(BO,); are formed in the reducing and
oxidizing flames respectively.

Some authors assume that the metal metaborate may combine with sodium
metaborate to give complex borates of the type Na,[ Cu(BO,), ], Na,[Ni(BO,), ]
and Na,[Co(BO,),]:

Cu(BO,),+2NaBO, = Na,[Cu(BO,),]

6. Phosphate (or microcosmic salt) bead tests The bead is produced similarly
to the borax head except that microcosmic salt, sodium ammonium hydrogen
phosphate tetrahydrate Na(NH,)HPO,.4H,O, is used. The colourless, trans-
parent bead contains sodium metaphosphate:

Na(NH,)PHO, = NaPO, + H,01 + NH,1

This combines with metallic oxides forming orthophosphates, which are often
coloured. Thus a blue phosphate bead is obtained with cobalt salts:

NaPO; + CoO = NaCoPO,

The sodium metaphosphate glass exhibits little tendency to combine with acidic
oxides. Silica, in particular, is not dissolved by the phosphate bead. When a
silicate is strongly heated in the bead, silica is liberated and this remains sus-
pended in the bead in the form of a semi-translucent mass; the so-called silica
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‘skeleton’ is seen in the bead during and after fusion. This reaction is employed
for the detection of silicates:

CaSiO; + NaPO, = NaCaPO, +SiO,

It must, however, be pointed out that many silicates dissolve completely in the
bead so that the absence of a silica ‘skeleton’ does not conclusively prove that a
silicate is not present.

In general, it may be stated that the borax beads are more viscous than the
phosphate beads. They accordingly adhere better to the platinum wire loop.
The colours of the phosphates, which are generally similar to those of the borax
beads, are usually more pronounced. The various colours of the phosphate
beads are collected in the following table.

Table I1.2 Microcosmic salt bead tests

Oxidizing flame Reducing flame Metal
Green when hot, blue when Colourless when hot, red when Copper
cold. cold.
Yellowish- or reddish-brown Yellow when hot, colourless to Iron
when hot, yellow when cold. green when cold.
Green, hot and cold. Green, hot and cold. Chromium
Violet, hot and cold. Colourless, hot and cold. Manganese
Blue, hot and cold. Blue, hot and cold. Cobalt
Brown, hot and cold. Grey when cold. Nickel
Yellow, hot and cold. Green when cold. Vanadium
Yellow when hot, yellow- Green, hot and cold. Uranium
green when cold.
Pale yellow when hot, colourless Green when hot, blue* when Tungsten
when cold cold.
Colourless, hot and cold. Yellow when hot, violet* Titanium
when cold.

* Blood red when fused with a trace of iron(II) sulphate.

7. Sodium carbonate bead tests The sodium carbonate bead is prepared by
fusing a small quantity of sodium carbonate on a platinum wire loop in the
Bunsen flame; a white, opaque head is produced. If this is moistened, dipped
into a little potassium nitrate and then into a small quantity of a manganese
compound, and the whole heated in the oxidizing flame, a green bead of sodium
manganate is formed :

MnO +Na,CO, +0, = Na,MnO, +CO,1

A yellow bead is obtained with chromium compounds, due to the production
of sodium chromate:

2Cr,0,+4Na,CO, +30, = 4Na,CrO, +4CO,1

II.3 WET REACTIONS These tests are made with substances in solution.
A reaction is known to take place (a) by the formation of a precipitate, (b) by
the evolution of a gas, or (c) by a change of colour. The majority of the reactions
of qualitative analysis are carried out in the wet way and details of these are
given in later chapters. The following notes upon the methods to be adopted in
carrying out the tests will be found of value and should be carefully studied.
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\. Test-tubes The best size for general use is 15x2 cm with 25 ml total
capacity. It is useful to remember that 10 ml liquid fills a test-tube of this size
to a depth of about 5:5 cm. Smaller test-tubes are sometimes used for special
tests. For heating moderate volumes of liquids a somewhat larger tube, about
18 x 2:5 cm, the so-called ‘boiling tube’ is recommended. A test-tube brush
should be available for cleaning the tubes.

2. Beakers Those of 50, 100, and 250 m! capacity and of the Griffin form are
the most useful in qualitative analysis. Clock glasses of the appropriate size
should be provided. For evaporations and chemical reactions which are likely
to become vigorous, the clock glass should be supported on the rim of the beaker,
by means of V-shaped glass rods.

3. Conical or Erlenmeyer flasks These should be of 50, 100, and 250 ml
capacity, and are useful for decompositions and evaporations. The introduction
of a funnel, whose stem has been cut off, prevents loss of liquid through the
neck of the flask and permits the escape of steam.

4. Stirring rods A length of glass rod, of about 4 mm diameter, is cut into
suitable lengths and the ends rounded in the Bunsen flame. The rods should be
about 20 cm long for use with test-tubes and 8-10 c¢m long for work with basins
and small beakers. Open glass tubes must not be used as stirring rods. A rod
pointed at one end, prepared by heating a glass rod in the flame, drawing it out
when soft as in the preparation of a glass jet and then cutting it into two, is
employed for piercing the apex of a filter paper to enable one to transfer the
contents of a filter paper by means of a stream of water from a wash bottle into
another vessel.

A rubber-tipped glass rod or ‘policeman’ is employed for removing any solid
from the sides of glass vessels. A stirring rod of polythene (polyethylene) with a
thin fan-shaped paddle on each end is available commercially and functions as a
satisfactory ‘policeman’ at laboratory temperature: it can be bent into any form.

5. Wash bottle This may consist of a 500 m! flat-bottomed flask, and the
stopper carrying the two tubes should be preferably of rubber (cf. Fig. I1.194).
It is recommended that the wash bottle be kept ready for use filled with hot water
as it is usual to wash precipitates with hot water; this runs through the filter
paper rapidly and has a greater solvent power than cold water, so that less is
required for efficient washing. Asbestos string or c¢loth should be wound round
the neck of the flask in order to protect the hand.

A rubber bulb may be attached to the short tube as in Fig. I1.194: this form
of wash bottle is highly convenient and is more hygienic than the type requiring
blowing by the mouth.

Polyethylene wash bottles (Fig. 11.19d) can be operated by pressing the elastic
walls of the bottle. The pressure pushes the liquid out through the tube. The
flow rate can easily be regulated by changing the pressure exerted by the hand.
When set aside the walls flatten out again and air is sucked into the bottle
through the tube. As the air bubbles through the liquid, the latter will always be
saturated with dissolved oxygen and this might interfere with some of the tests.
These flasks cannot be heated, and although they will take hot liquids, it is very
inconvenient to use them because one has to grip the hot walls.
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6. Precipitation When excess of a reagent is to be used in the formation of a
precipitate, this does not mean that an excessive amount should be employed.
In most cases, unless specifically stated, only a moderate amount over that
required to bring about the reaction is necessary. This is usually best detected
by filtering a little of the mixture and testing the filtrate with the reagent; if no
further precipitation occurs, a sufficient excess of the reagent has been added.
It should always be borne in mind that a large excess of the precipitating agent
may lead to the formation of complex ions and consequent partial solution of
the precipitate; furthermore, an unnecessary excess of the reagent is wasteful
and may lead to complications at a subsequent stage of the analysis. When
studying the reactions of ions the concentrations of the reagents are known and
it is possible to judge the required volume of the reagent by quick mental
calculation.

7. Precipitation with hydrogen sulphide This operation is of such importance
in qualitative analysis that it merits a detailed discussion. One method, which
is sometimes employed, consists in passing a stream of gas in the form of bubbles
through the solution contained in an open beaker, test-tube, or conical flask;
this procedure is sometimes termed the ‘bubbling’ method. The efficiency of
the method is low, particularly in acid solution; absorption of the gas takes
place at the surface of the bubbles and, since the gas is absorbed slowly, most
of it escapes into the air of the fume chamber and is wasted. It must be re-
membered that the gas is highly poisonous. The ‘bubbling’ method is not
recommended and should not be used for macro analysis. The most satisfactory
procedure (the ‘pressure’ method) is best described with the aid of Fig. I1.6.
The solution is contained in a small conical flask A, which is provided with a
stopper and lead-in tube; B is a wash bottle containing water and serves to
remove any hydrochloric acid spray that might be carried over from the Kipp’s
apparatus in the gas stream ; C is a stopcock which controls the flow of gas from
the generator, whilst stopcock D provides an additional control* for the gas
flow. The conical flask is connected to the wash bottle by a short length of
rubber tubing. The stopper is first loosened in the neck of the flask and the gas
stream turned on (C first, followed by D) so as to displace most of the air in the
flask: this will take not more than about 30 seconds. With the gas flowing, the
stopper is inserted tightly and the flask is gently shaken with a rotary motion;
splashing of the liquid on to the hydrogen sulphide delivery tube should be
avoided. In order to ensure that all the air has been expelled, it is advisable to
loosen the stopper in A again to sweep out the gas and then to stopper the flask
tightly. Passage of the gas is continued with gentle rotation of the flask until the
bubbling of the gas in B has almost ceased.t At this point the solution in A should
be saturated with hydrogen sulphide and precipitation of the sulphides should
be complete: this will normally require only a few minutes. Complete precipi-
tation should be tested for by separating the precipitate by filtration, and
repeating the procedure with the filtrate until the hydrogen sulphide produces

* Stopcock D is optional; it prevents diffusion of air into the wash bottle and thus ensures an
almost immediate supply of hydrogen sulphide.

+ It must be borne in mind that the gas may contain a small proportion of hydrogen due to the
usually present in the commercial iron(II) sulphide. Displacement of the gas in the flask (by loosening
the stopper) when the bubbling has diminished considerably will ensure complete precipitation.
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no further precipitate. Occasionally a test-tube replaces the conical flask; it
is shown (with the stopper) in (b). The delivery tube must be thoroughly cleaned
after each precipitation. The advantages of the ‘pressure’ method are: (i) a large
surface of the liquid is presented to the gas and (ii) it prevents the escape of
large amounts of unused gas.

Alternatively, a saturated aqueous solution of hydrogen sulphide can be used
as a reagent. This can most easily be prepared in the bottle B of the apparatus
shown in Fig. I1.6. Such a reagent can most conveniently be used in teaching
laboratories or classroom demonstrations when studying the reactions of ions.
For a quantitative precipitation of sulphides (e.g. for separation of metals) the
use of hydrogen sulphide gas is however recommended.

8. Filtration The purpose of filtration is, of course, to separate the mother
liquor and excess of reagent from the precipitate. A moderately fine-textured
filter paper is generally employed. The size of the filter paper is controlled by the
quantity of precipitate and not by the volume of the solution. The upper edge of
the filter paper should be about 1 cm from the upper rim of the glass funnel. It
should never be more than about two-thirds full of the solution. Liquids con-
taining precipitates should be heated before filtration except in special cases,
for example that of lead chloride which is markedly more soluble in hot than
cold water. Gelatinous precipitates, which usually clog the pores of the filter
paper and thus considerably reduce the rate of filtration, may be filtered through
fluted filter paper or through a pad of filter papers resting on the plate of a
Buchner funnel (Fig. I11.96 or ¢); this procedure may be used when the quantity
of the precipitate is large and it is to be discarded. The best method is to add a
little filter paper pulp to the solution and then to filter in the normal manner.
The filter paper pulp may consist of (a) filter paper clippings, ashless grade,
(b) a filtration ‘accelerator’ or ‘ashless tablet’ (Whatman), or (¢) ‘dry-dispersed’,
ash-free, analytical filter paper pulp (Schleicher and Schuell, U.S.A.). All the
various forms of pure filter paper pulp increase the speed of filtration by re-
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taining part of the precipitate and thus preventing the clogging of the pores of
the filter paper.

When a precipitate tends to pass through the filter paper, it is often a good
plan to add an ammonium salt, such as ammonium chloride or nitrate, to the
solution; this will help to prevent the formation of colloidal solutions. The
addition of a Whatman filtration ‘accelerator’ may also be advantageous.

A precipitate may be washed by decantation, as much as possible being re-
tained in the vessel during the first two or three washings, and the precipitate
then transferred to the filter paper. This procedure is unnecessary for coarse,
crystalline, easy filterable precipitates as the washing can be carried out directly
on the filter paper. This is best done by directing a stream of water from a wash
bottle first around the upper rim of the filter and following this down in a spiral
towards the precipitate in the apex; the filter is filled about one-half to two-
thirds full at each washing. The completion of washing i.e. the removal of the
precipitating agent is tested for by chemical means; thus if a chloride is to be
removed, silver nitrate solution is used. If the solution is to be tested for acidity
or alkalinity, a drop of the thoroughly stirred solution, removed upon the end
of a glass rod, is placed in contact with a small strip of ‘neutral’ litmus paper or
of ‘wide range’ or ‘universal’ test paper (Section 1.22) on a watch glass. Other
test papers are employed similarly.

9. Removal of the precipitate from the filter If the precipitate is bulky, sufficient
amounts for examination can be removed with the aid of a small nickel or
stainless steel spatula. If the amount of precipitate is small, one or two methods
may be employed. In the first, a small hole is pierced in the base of the filter
paper with a pointed glass rod and the precipitate washed into a test-tube or a
small beaker with a stream of water from the wash bottle. In the second, the
filter paper is removed from the funnel, opened out on a clock glass, and scraped
with a spatula.

It is frequently necessary to dissolve a precipitate completely. This is most
readily done by pouring the solvent, preferably whilst hot, on to the filter and
repeating the process, if necessary, until all the precipitate has passed into
solution. If it is desired to maintain a small volume of the liquid, the filtrate
may be poured repeatedly through the filter until all the precipitate has passed
into solution. When only a small quantity of the precipitate is available, the
filter paper and precipitate may be heated with the solvent and filtered.

10. Aids to filtration The simplest device is to use a funnel with a long stem,
or better to attach a narrow-bored glass tube, about 45 cm long and bent as
shown in Fig. I1.7, to the funnel by means of rubber tubing. The lower end of
the tube or of the funnel should touch the side of the vessel in which the filtrate
is being collected in order to avoid splashing. The speed of filtration depends
inter alia upon the length of the water column.

Where large quantities of liquids and/or precipitates are to be handled, or if
rapid filtration is desired, filtration under diminished pressure is employed: a
metal or glass water pump may be used to provide the reduced pressure. A filter
flask of 250—500 ml capacity is fitted with a two-holed rubber bung; a long glass
tube is passed through one hole and a short glass tube, carrying a glass stopcock
at its upper end, through the other hole. The side arm of the flask is connected
by means of thick-walled rubber tubing (‘pressure’ tubing) to another flask, into
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the mouth of which a glass funnel is fitted by means of a rubber bung. (Fig. I1.94).
Upon applying suction to the filter paper fitted into the funnel in the usual way,
it will be punctured or sucked through, particularly when the volume of the
liquid in the funnel is small. To surmount the difficulty, the filter paper must be
supported in the funnel. For this purpose either a Whatman filter cone (No. 51)
made of a specially hardened filter paper, or a Schleicher and Schuell (U.S.A.)
filter paper support (No. 123), made from a muslin-type material which will not
retard filtration, may be used. Both types of support are folded with the filter
paper to form the normal type of cone (Fig. I1.8). After the filter paper has been
supported in the funnel, filtration may be carried out in the usual manner under
the partial vacuum created by the pump, the stopcock T being closed. When
filtration is complete, the stopcock T is opened, air thereby entering the
apparatus which thus attains atmospheric pressure; the filter funnel may now
be removed from the filter flask.

Fig. IL8

For a large quantity of precipitate, a small Buchner funne! (b in Fig. I1.9,
shown enlarged for the sake of clarity) is employed. This consists of a porcelain
funnel in which a perforated plate is incorporated. Two thicknesses of well-
fitting filter paper cover the plate. The Buchner funnel is fitted into the filter
flask by means of a cork. When the volume of liquid is small, it may be collected
in a test-tube placed inside the filter flask. The Jena ‘slit sieve’ funnel,* shown
in ¢, is essentially a transparent Buchner funnel; its great advantage over the
porcelain Buchner funnel is that it is easy to see whether the funnel is perfectly
clean.

Strongly acidic or alkaline solutions cannot be filtered through ordinary
filter paper. They may be filtered through a small pad of glass wool or of
asbestos placed in the apex of a glass funnel. A more convenient method,
applicable to strongly acidic and mildly basic solutions, is to employ a sintered
glass funnel (Fig. 11.9d); the filter plate, which is available in various porosities,
is fused into a resistance glass (borosilicate) funnel. Filtration is carried out
under reduced pressure exactly as with a Buchner funnel.

* A Pyrex ‘slit sieve’ funnel, with 65 mm disc, is available commercially.
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11. Evaporation The analytical procedure may specify evaporation to a
smaller volume or evaporation to dryness. Both operations can be conveniently
carried out in a porcelain evaporating dish or casserole; the capacity of the
vessel should be as small as possible for the amount of liquid being reduced in
volume. The most rapid evaporation is achieved by heating the dish directly on
a wire gauze. For many purposes a water bath (a beaker half-filled with water
maintained at the boiling point is quite suitable) will serve as a source of heat;
the rate of evaporation will of course be slower than by direct heating with a
flame. Should corrosive fumes be evolved during the evaporation, the process
must be carried out in the fume cupboard. When evaporating to dryness, it is
frequently desirable, in order to minimize spattering and bumping, to remove
the dish whilst there is still a little liquid left; the heat capacity of the evaporating
dish is usually sufficient to complete the operation without further heating.
The reduction in volume of a solution may also be accomplished by direct
heating in a small beaker over a wire gauze or by heating in a wide test-tube
(‘boiling-tube’), held in a holder, by a free flame; in the latter case care must be
taken that the liquid does not bump violently. A useful anti-bumping device,
applicable to solutions from which gases (hydrogen sulphide, sulphur dioxide,
etc.) are to be removed by boiling, is shown in Fig. I1.10. It consists of a length
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of glass tubing sealed off about 1 cm from one end, which is inserted into the
solution. The device must not be used in solutions that contain a precipitate.

\2. Drying of precipitates Partial drying, which is sufficient for many purposes,
is accomplished by opening out the filter, laying it upon several dry filter papers
and allowing them to absorb the water. More complete drying is obtained by
placing the funnel containing the filter paper in a ‘drying cone’ (a hollow tinned-
iron cone or cylinder), which rests either upon a sand bath or upon a wire gauze
and is heated by means of a small flame. The funnel is thus exposed to a current
of hot air, which rapidly dries the filter and precipitate. Great care must be taken
not to char the filter paper. A safer but slower method is to place the funnel and
filter paper, or the filter paper alone resting upon a clock glass, inside a steam
oven.

3. Cleaning of apparatus The importance of using clean apparatus cannot be
too strongly stressed. All glassware should be put away clean. A few minutes
should be devoted at the end of the day’s work to ‘cleaning up’; the student
should remember that wet dirt is very much easier to remove than dry dirt.
A test-tube brush should be used to clean test-tubes and other glass apparatus.
Test-tubes may be inverted in the test-tube stand and allowed to drain. Other
apparatus, after rinsing with distilled water, should be wiped dry with a ‘glass
cloth’, that is a cloth which has been washed at least once and contains no
dressing.

Glass apparatus which appears to be particularly dirty or greasy is cleaned
by soaking in chromosulphuric acid (concentrated sulphuric acid containing
about 100 g of potassium dichromate per litre), followed by a liberal washing
with tap water, and then with distilled water.

14. Some working hints (a) Always work in a tidy, systematic manner.
Remember a tidy bench is indicative of a methodical mind. A string duster is
useful to wipe up liquids spilt upon the bench. All glass and porcelain apparatus
must be scrupulously clean.

(b) Reagent bottles and their stoppers should not be put upon the bench.
They should be returned to their correct places upon the shelves immediately
after use. If a reagent bottle is empty, it should be returned to the store-room
for filling.

(¢) When carrying out a test which depends upon the formation of a
precipitate, make sure that both the solution to be tested and the reagent are
absolutely free from suspended particles. If this is not the case, filter the solutions
first.

(d) Do not waste gas or chemicals. The size of the Bunsen flame should be
no larger than is absolutely necessary. It should be extinguished when no longer
required. Avoid using unnecessary excess of reagents. Reagents should always
be added portion-wise.
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(e) Pay particular attention to the disposal of waste. Neither strong acids
nor strong alkalis should be thrown into the sink; they must be largely diluted
first, and the sink flushed with much water. Solids (corks, filter paper, etc.)
should be placed in the special boxes provided for them in the laboratory. On
no account may they be thrown into the sink.

(/) All operations involving (i) the passage of hydrogen sulphide into a
solution, (ii) the evaporation of concentrated acids, (iii) the evaporation of
solutions for the removal of ammonium salts, and (iv) the evolution of poisonous
or disagreeable vapours or gases, must be conducted in the fume chamber.

(g) All results, whether positive, negative, or inconclusive, must be
recorded neatly in a notebook at the time they are made. The writing up of
experiments should not be postponed until after the student has left the labora-
tory. Apart from inaccuracies which may thus creep in, the habit of performing
experiments and recording them immediately is one that should be developed
from the very outset.

(h) If the analysis is incomplete at the end of the laboratory period, label
all solutions and precipitates clearly. It is a good plan to cover these with filter
paper to prevent the entrance of dust, etc.

I1.4 SEMIMICRO APPARATUS AND SEMIMICRO ANALYTICAL
OPERATIONS The essential technique of semimicro analysis does not differ
very greatly from that of macro analysis. Since volumes of the order of | ml are
dealt with, the scale of the apparatus is reduced; it may be said at once that as
soon as the simple technique has been acquired and mastered, the student will
find it just as easy to manipulate these small volumes and quantities as to work
with larger volumes and quantities in ordinary test-tubes (150 x 20 mm) and
related apparatus. The various operations occupy less time and the consumption
of chemicals and glassware is reduced considerably; these two factors are of
great importance when time and money are limited. Particular care must be
directed to having both the apparatus and the working bench scrupulously
clean.
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\. Test-tubes and centrifuge tubes Small Pyrex test-tubes (usually 75 x 10 mm,
4 ml, sometimes 100 x 12 mm, 8 ml) are used for reactions which do not require
boiling. When a precipitate is to be separated by centrifuging, a test-tube with a
tapered bottom, known as a centrifuge tube (Fig. I1.11d) is generally employed;
here, also, the contents cannot be boiled as ‘bumping’ will occur. Various sizes
are available; the 3 ml centrifuge tube is the most widely used and will be adopted
as standard throughout this book. For rapid concentration of a solution by
means of a free flame, the semimicro boiling tube (60 x 25 mm, Pyrex; Fig. II.11¢)
will be found convenient.

2. Stirring rods Solutions do not mix readily in semimicro test-tubes and
centrifuge tubes; mixing is effected by means of stirring rods. These can readily
be made by cutting 2 mm diameter glass rod into 12 cm lengths. A handle may
be formed, if desired, by heating about 1 cm from the end and bending it back
at an angle of 45° (see Fig. I1.125). The sharp edges are fire-polished by heating
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momentarily in a flame. In washing a precipitate with water or other liquid, it is
essential to stir the precipitate so that every particle is brought in contact with as
large a volume of liquid as possible: this is best done by holding the tube almost
horizontal, to spread the precipitate over a large surface, and then stirring the
suspension.

3. Droppers For handling liquids in semimicro analysis, a dropper (also
termed a dropper pipette) is generally employed. Two varieties are shown in
Fig. I1.13q and 5. The former one finds application, in 30 or 60 ml (1 or 2 fluid
ounce) reagent bottles and may therefore be called a reagent dropper; the capil-
lary of the latter (b) is long enough to reach to the bottom of a 3 ml centrifuge
tube, and is used for removing supernatant liquids from test-tubes and centri-
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Fig. IL.13
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fuge tubes and for the quantitative addition of reagents. Dropper b will be
referred to as a capillary dropper.

Whilst both types of dropper may be purchased, it is quite a simple operation
(and excellent practice) to make them from glass tubing. To make a capillary
dropper, take a piece of glass tubing about 20 cm long and of 7 mm bore and
heat it near the middle of a Bunsen or blowpipe flame, rotating it slowly all the
time. When the centre is soft, allow the glass to thicken slightly by continuing
the heating and rotating whilst exerting a gentle inward pressure from the ends.
Remove the tube from the flame and slowly draw out the softened portion to
form a fairly thick-walled capillary about 20 cm long and 2 mm diameter. When
cold, cut the capillary at the mid-point with a file. Fire-polish the capillary ends
by rotating in a flame for a moment or two. In order that a rubber bulb (teat)
may fit securely on the wide end, heat it cautiously in a flame until just soft, and
whilst rotating stowly open it up with a file or glass-worker’s triangular ‘reamer’;
alternatively, the softened end of the tube may be quickly pressed down on an
asbestos or uralite sheet or upon some other inert surface. A reagent dropper is
made in a similar manner except that it is unnecessary to appreciably thicken
the middle of the tube before drawing out.

Before use the droppers must be calibrated, i.e. the volume of the drop de-
livered must be known. Introduce some distilled water into the clean dropper
by dipping the capillary end into some distilled water in a beaker and com-
pressing and then releasing the rubber teat or bulb. Hold the dropper vertically
over a clean dry 5 ml measuring cylinder, and gently press the rubber bulb.
Count the number of drops until the meniscus reaches the 2 ml mark. Repeat
the calibration until two results are obtained which do not differ by more than
2 drops. Calculate the volume of a single drop. The dropper should deliver
between 30 and 40 drops per ml. Attach a small label to the upper part of the
dropper giving the number of drops per ml.

The standard commercial form of medicine dropper, with a tip of 1:5 mm
inside diameter and 3 mm outside diameter, delivers drops of dilute aqueous
solutions about 0-05 ml in volume, i.e. about 20 drops per ml. This dropper is
somewhat more robust than that shown in Fig. II.13q, as it has a shorter and
thicker capillary: this may be an advantage for elementary students, but the
size of the drop (c. 20 per ml) may be slightly too large when working with
volumes of the order of 1 ml. However, if this dropper is used, it should be
calibrated as described in the previous paragraph.

It must be remembered that the volume of the drop delivered by a dropper
pipette depends upon the density, surface tension, etc., of the liquid. If the
dropper delivers 20 drops of distilled water, the number of drops per ml of other
liquids will be very approximately as follows: dilute aqueous solutions, 20-22;
concentrated hydrochloric acid, 23-24; concentrated nitric acid, 36-37; con-
centrated sulphuric acid, 36-37; acetic acid, 63; and concentrated ammonia
solution, 24-25.

4. Reagent bottles and reagents A semimicro reagent bottle may be easily
constructed by inserting a reagent dropper through a cork or rubber stopper
that fits a 30 or 60 ml bottle - as in Fig. I1.14a. These dropping bottles (Fig.
I1.14b) may be purchased and are inexpensive; the stoppers of these bottles are
usually made of a hard rubber or plastic composition, and this as well as the
rubber teat (or bulb) are attacked by concentrated inorganic acids. A dropping
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bottle of 30 ml capacity with an interchangeable glass cap (Fig. I1.14¢) is also
marketed. The bottles ¢ and b cannot be used for concentrated acids and other
corrosive liquids because of their action upon the stoppers. The simplest con-
tainers for these corrosive liquids are 30 or 60 m! T.K. dropping bottles
(Fig. I11.14d).

Each student should be provided with a solid wooden stand housing a set of
reagents in 30 ml or, preferably, 60 ml bottles. The following are used in the
author’s laboratory. Some may prefer to have the Ammonia solution, conc. in
a T.K. bottle, and the dilute mineral acids in the reagent bottles fitted with
reagent droppers. Others may like to have the Hydrochloric acid, dil. of
2-:5-3Mm strength. These are questions of personal preference, and the decision
will rest with the teacher.

Table II.3 Reagents for semimicro work

Reagent Bottles Fitted with Reagent Droppers (Fig. I1.14a or b)

Sodium hydroxide 2™ Acetic acid, dil. 2™
Ammonium sulphide M Ammonia solution, conc. I5m
Potassium hydroxide M Ammonia solution, dil. ™M
Barium chloride 0-25m Potassium hexacyanoferrate(I) 0-025M
Silver nitrate 0-Im Potassium chromate 0 Im
Iron(1II) chloride 0-5M Ammonium carbonate M
T.K. Dropper Bottles

Hydrochloric acid, conc. 12m Hydrochloric acid, dil. 2™
Sulphuric acid, conc. 18M Sulphuric acid, dil. M
Nitric acid, conc. 16M Nitric acid, dil. M

The other reagents, which are used less frequently, are kept in 60 or 125 ml
dropping bottles (30 m! for expensive or unstable reagents) on the reagent shelf
(side shelf or side rack reagents); further details of these will be found in the
Appendix. Two sets of these bottles should be available in each laboratory.
When using these side shelf reagents, great care should be taken that the drop-
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pers do not come into contact with the test solutions, thus contaminating the
reagents. If accidental contact should be made, the droppers must be thoroughly
rinsed with distilled water and then dried. Under no circumstances should the
capillary end of the dropper be dipped into any foreign solution.

5. The centrifuge The separation of a precipitate from a supernatant liquid is
carried out with the aid of a centrifuge. This is an apparatus for the separation
of two substances of different density by the application of centrifugal force
which may be several times that of gravity. In practice, the liquid containing the
suspended precipitate is placed in a semimicro centrifuge tube. The tube and its
contents, and a similar tube containing an equal weight of water are placed in
diagonally opposite buckets of the centrifuge, and the cover is placed in
position; upon rotation for a short time and after allowing the buckets to come
to rest and removing the cover, it will be found that the precipitate has separated
at the bottom of the tube. This operation (centrifugation) replaces filtration in
macro analysis. The supernatant liquid can be readily removed by means of a
capillary dropper; the clear liquid may be called the centrifugate or ‘centrate’.

The advantages of centrifugation are: (i) speed, (ii) the precipitate is concen-
trated into a small volume so that small precipitates are observed readily and
their relative magnitudes estimated, (iii) the washing of the precipitate can be
carried out rapidly and efficiently, and (iv) concentrated acids, bases, and other
corrosive liquids can be manipulated easily.

The theory of the centrifuge is given below. The rate of settling r, (cm s~ 1)
of spherical particles of density d, and of radius a (cm) in a medium of dynamic
viscosity # (poise) and of density d,, is given by Stokes’ law:

2a2g (dp - dm)
rg=—1-2 T

9
where g is the acceleration due to gravity (981 cm s~ 2). It is evident from the
equation that the rate of settling is increased by: an increase in the size of the
particles a; an increase in difference between the density of the particles d, and
that of the medium d,,; a decrease in the viscosity of the medium; and an

increase in the acceleration due to gravity g. Fine crystalline particles tend to
increase in size when allowed to stand in the liquid in which they are precipitated,

®
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particularly when the solution is maintained at elevated temperatures and
shaken occasionally. The coagulation of colloidal and gelatinous precipitates
is also accelerated by high temperatures and stirring, and also by the addition of
certain electrolytes. Moreover, an increase in temperature reduces the viscosity
and also increases the difference (d, — d,,). This explains why centrifuge tubes or
test-tubes in which precipitates are formed are usually placed in a hot water
bath and shaken from time to time before separation of the mother liquor. The
effect of these factors is, however, comparatively small. To accelerate greatly
the rate of settling, the force on the particle g (acceleration due to gravity) must
be changed. This is readily and conveniently achieved with the aid of a centrifuge.

The relative rates of settling in a centrifuge tube and in a stationary test-tube
may be derived as follows. The centrifugal force F, upon a particle of effective
mass m (grams) moving in a circle of diameter r (cm) at n revolutions per second
is given by:

mv?  m(2nrn)?

F, =ma=
r

= 4n’mrn?,

where g is the acceleration (cm s~ 2), v is the velocity (cm s~ 2), and = = 3-1416.
The gravitational force F, on a particle of mass m is given by:

F,=m.g
their ratio

F, m.4n’rn®> 4n’rn?

F, mg g

Expressing rotations per second » in rotations per minute N, and substituting
for n, we have:

F 4n%rN?

_—=——" =1 107 5rN? ii
F, ~ 981 x60? 1-118 x r (ii)
Thus a centrifuge with a radius of 10 cm and a speed of 2000 revolutions per
minute has a comparative centrifugal force of 1:118 x 107 x 10 x (2000)? =447,
say, 450 times the force of gravity. A precipitate which settles in, say, 10 minutes
by the force of gravity alone will settle in 10 x 60/450 or in 1-3 seconds in such a

centrifuge. The great advantage of a centrifuge is thus manifest.

Several types of centrifuge are available for semimicro analysis. These are:
A. A small 2-tube hand centrifuge with protecting bowl and cover
(Fig. I1.16 and Fig. I1.33); if properly constructed it will give speeds up to
2-3000 rev min~ ! with 3 ml centrifuge tubes. The central spindle should be
provided with a locking screw or nut: this is an additional safeguard against the
possibility of the head carrying the buckets flying off — an extremely rare
occurrence. The hand-driven centrifuge is inexpensive and is satisfactory for
elementary courses.

B. An inexpensive constant speed, electrically-driven centrifuge (see
Figs 11.32 and I1.33) is marketed and has a working speed of 1450 rev min™?.
It is supplied with a dual purpose head. The buckets can either ‘swing out’ to
the horizontal position or, by means of a rubber adapter, the buckets can be
held at a fixed angle of 45° (M.S.E.) or 51° (International); in the latter case, the
instrument acts as an ‘angle’ centrifuge. This is an alternative to the hand
centrifuge.
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C. A variable speed, electrically-driven centrifuge (see Fig. 11.33) with
speed indicator is the ideal instrument for centrifugation, but is relatively
expensive. It is recommended that at least one of these should be available in
every laboratory for demonstration purposes.

Removable lid Centrifuge head

0 Position
of centrifuge
tube when
running
Position of
centrifuge tube
at rest
Oil here
@)
N
O§

Fig. 1L16

When using a hand-driven centrifuge, the following points should be borne
in mind:

(a) The two tubes should have approximately the same size and weight.

(b) The tube should not be filled beyond 1 cm from the top. Spilling may
corrode the buckets and produce an unbalanced head.

(c) Before centrifuging a precipitate contained in a centrifuge tube, pre-
pare a balancing tube by adding sufficient distilled water from a dropper to an
empty tube of the same capacity until the liquid levels in both tubes are
approximately the same.

(d) Insert the tubes in diametrically opposite positions in the centrifuge;
the head (sometimes known as a rotor) will then be balanced and vibration will
be reduced to a minimum. Fix the cover in place.

(e) Start the centrifuge slowly and smoothly, and bring it to the maximum
speed with a few turns of the handle. Maintain the maximum speed for 30-45
seconds, and then allow the centrifuge to come to rest of its own accord by
releasing the handle. Do not attempt to retard the speed of the centrifuge with
the hand. A little practice will enable one to judge the exact time required to
pack the precipitate tightly at the bottom of the tube. It is of the utmost im-
portance to avoid strains or vibrations as these may result in stirring up the
mixture and may damage the apparatus.
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(/) Before commencing a centrifugation, see whether any particles are
floating on the surface of the liquid or adhering to the side of the tube. Surface
tension effects prevent surface particles from settling readily. Agitate the surface
with a stirring rod if necessary, and ‘wash down the side of the centrifuge tube
using a capillary dropper and a small volume of water or appropriate solution.

(g) Never use centrifuge tubes with broken or cracked lips. The instructions
for use of constant speed, electrically-driven centrifuges are similar to those
given above with the addition of the following:

(h) Never leave the centrifuge while it is in motion. If a suspicious sound is
heard, or you observe that the instrument is vibrating or becomes unduly hot,
turn off the current at once and report the matter to the teacher. An unusual
sound may be due to the breaking of a tube; vibration suggests an unbalanced
condition.

(i) If a variable speed, electrically-driven centrifuge is employed, switch
the current on with the resistance fully in circuit; gradually move the resistance
over until the necessary speed is attained. (For most work, it is neither necessary
nor desirable to utilize the full speed of the centrifuge.) After 30-45 seconds,
move the slider (rheostat arm) back to the original position; make certain that
the current is switched off. Allow 30 seconds for the centrifuge to come to rest,
then raise the lid and remove the tubes.

Most semimicro centrifuges will accommodate both- semimicro test-tubes
(75 x 10 mm) and centrifuge tubes (up to 5 ml capacity). The advantages of the
latter include easier removal of the mother liquor with a dropper, and, with
small quantities of solids, the precipitate is more clearly visible (and the relative
quantity is therefore more easily estimated) in a centrifuge tube (Fig. I1.17).

To remove the supernatant liquid, a capillary dropper is generally used. The
centrifuge tube is held at an angle in the left hand, the rubber teat or nipple of the

Y #

Fig, IL17

Precipitate

capillary dropper, held in the right hand, is compressed to expel the air and the
capillary end is lowered into the tube until it is just below the liquid (Fig. I1.18).
As the pressure is very slowly released the liquid rises in the dropper and the
latter is lowered further into the liquid until all the liquid is removed. Great
care should be taken as the capillary approaches the bottom of the centrifuge
tube that its tip does not touch the precipitate. The solution in the dropper
should be perfectly clear; it can be transferred to another vessel by merely com-
pressing the rubber bulb. In difficult cases, a little cotton wool may be inserted
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Fig. 1L.18

in the tip of the dropper and allowed to protrude about 2 mm below the glass
tip; any excess of cotton wool should be cut off with scissors.

6. Washing the precipitates 1t is essential to wash all precipitates in order to
remove the small amount of solution present in the precipitate, otherwise it will
be contaminated with the ions present in the centrifugate. It is best to wash the
precipitate at least twice, and to combine the first washing with the centrifugate.
The wash liquid is a solvent which does not dissolve the precipitate but dilutes
the quantity of mother liquor adhering to it. The wash liquid is usually water,
but may be water containing a small amount of the precipitant (common ion
effect) or a dilute solution of an electrolyte (such as an ammonium salt) since
water sometimes tends to produce colloidal solutions, i.e. to peptize the
precipitate.

To wash a precipitate in a centrifuge tube, 5-10 drops of water or other reagent
are added and the mixture thoroughly stirred (stirring rod or platinum wire);
the centrifuge tube is then counterbalanced against another similar tube con-
taining water to the same level and centrifuged. The supernatant liquid is re-
moved by a capillary dropper, and the washing is repeated at least once.

7. Wash bottles For most work in semimicro analysis a 30 or 60 ml glass
stoppered bottle is a suitable container for distilled water; the latter is handled
with a reagent dropper. Alternatively, a bottle carrying its own dropper
(Fig. I1.14a or b) may be used. A small conical flask (25 or 50 ml) may be used
for hot water. For those who prefer wash bottles, various types are available
(Fig. 11.19): a is a 100 or 250 ml flat-bottomed flask with a jet of 0-5-1 mm
diameter, and is mouth-operated; b is a hand-operated wash bottle (flask,
125 ml; rubber bulb, 50 ml); ¢ is a Pyrex 50 ml graduated wash bottle, and d
isa polythene bottle, from which the wash solution can be obtained by squeezing.

8. Transferring of precipitates In some cases precipitates can be transferred
from semimicro test-tubes with a small spatula (two convenient types in nickel
or monel metal are shown in Fig. I1.20). This operation is usually difficult,
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Fig. 1119

particularly for centrifuge tubes. Indeed, in semimicro analysis it is rarely
necessary to transfer actual precipitates from one vessel to another. If, for some
reason, transfer of the precipitate is essential, a wash liquid or the reagent itself
is added, the mixture vigorously stirred and the resulting suspension transferred
to a reagent dropper, and the contents of the latter ejected into the other vessel;
if required, the liquid is removed by centrifugation.

If the precipitate in a test-tube is to be treated with a reagent in an evaporating
dish or crucible, the reagent is added first, the precipitate brought into suspension
by agitation with a stirring rod, and the suspension is then poured into the open
dish or crucible. The test-tube may be washed by holding it in an almost vertical
(upside down) position with its mouth over the receptacle and directing a fine
stream of solution or water from a capillary dropper on to the sides of the
test-tube.

9. Heating of solutions Solutions in semimicro centrifuge tubes cannot be
heated over a free flame owing to the serious danger of ‘bumping’ (and conse-
quent loss of part or all of the liquid) in such narrow tubes. The ‘bumping’ or
spattering of hot solutions may often be dangerous and lead to serious burns if
the solution contains strong acids or bases. Similar remarks apply to semimicro
test-tubes. However, by heating the side of the test-tube (8 ml) and not the
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Fig. 11.20
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bottom alone with a micro burner, as indicated in Fig. I11.21, and withdrawing
from the flame periodically and shaking gently, ‘bumping’ does not usually
occur. The latter heating operation requires very careful manipulation and
should not be attempted by elementary students. The mouth of the test-tube
must be pointed away from the students nearby. The danger of ‘bumping’ may
be considerably reduced by employing the anti-bumping device shown in
Fig. I1.10; the tube should be about 1 cm longer than the test-tube to facilitate
removal.

Fig. 11.21

On the whole it is better to resort to safer methods of heating. The simplest
procedure is to employ a small water bath. This may consist of a 250 ml
Pyrex beaker, three-quarters filled with water and covered with a lead or
galvanized iron plate (Fig. I1.22) drilled with two holes to accommodate a
test-tube and a centrifuge tube. It is a good plan to wind a thin rubber band
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v

Fig. 11.22

about 5 mm from the top of the tube; this will facilitate the removal of the hot
tube from the water bath without burning the fingers and, furthermore, the
rubber band can be used for attaching small pieces of folded paper containing
notes of contents, etc.

A more elaborate arrangement which will, however, meet the requirements
of several students, is Barber’s water bath rack (Fig. 11.23). The dimensions of a
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1Smm

4mm

Fig 11.23 Fig 11.24

rack of suitable size are given in Fig. I1.24. This rack will accommodate four
centrifuge tubes and four semimicro test-tubes. The apparatus is constructed
of monel metal, stainless steel, a plastic material which is unaffected by water
at 100°C, or of brass which is subsequently tinned. The brass may be tinned by
boiling with 20 per cent sodium hydroxide solution containing a few lumps of
metallic tin.

10. Evaporations Where rapid concentration of a liquid is required or where
volatile gases must be expelled rapidly, the semimicro boiling tube (c in Fig.
I1.11) may be employed. Two useful holders, constructed of a light metal alloy,
are shown in Fig. I1.25; b is to be preferred as the boiling tube cannot fall out
by mere pressure on the holder at the point where it is usually held.* Slow
evaporation may be achieved by heating in a test-tube, crucible, or beaker on a
water bath.

If evaporation to dryness is required, a small casserole (c. 6 ml) or crucible
(3-8 ml) may be employed. This may be placed in an air bath consisting of a
30 ml nickel crucible and supported thereon by an asbestos or uralite ring
(Fig. I1.26a) and heated with a semimicro burner. Alternatively, a small Pyrex
beaker (say, of 50 or 100 ml capacity) may be used with a silica or nichrome

* A small wooden clothes-peg (spring type) may also be used for holding semimicro test-tubes.
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Fig. 1L.25

triangle to support the crucible or casserole (Fig. I1.265): this device may also
be applied for evaporations in semimicro beakers.

(@)
()
Fig, 11.26

Evaporation to dryness may also be accomplished by direct intermittent
heating with a micro burner of a crucible (supported on a nichrome or silica
triangle) or of a semimicro beaker (supported on a wire gauze). A little practice
is required in order to achieve regular boiling by intermittent heating with a
flame and also to avoid ‘bumping’ and spattering; too hot a flame should not
be used. In many cases the flame may be removed whilst a little liquid remains;
the heat capacity of the vessel usually suffices to complete the evaporation

without further heating. If corrosive fumes are evolved, the operation should
be conducted in the fume cupboard.
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\1. Dissolving of precipitates The reagent is added and the suspension is
warmed, if necessary, on the water bath until the precipitate has dissolved. If
only partial solution occurs, the suspension may be centrifuged.

Some precipitates may undergo an ageing process when set aside for longer
times (e.g. overnight). This can result in an increased resistance against the
reagent used for dissolution. In Chapters III, IV, and VII, when dealing with
the particulars of reactions, such a tendency of a precipitate is always noted. It is
advisable to arrange the timetable of work with these precipitates in such a way
that dissolution can be attempted soon after precipitation.

12. Precipitations with hydrogen sulphide Various automatic generators of the
Kipp type are marketed, and may be employed for groups of students. Owing
to the highly poisonous and very obnoxious character of hydrogen sulphide,
these generators are always kept in a fume cupboard (draught chamber or hood.)
A wash bottle containing water should always be attached to the generator in
order to remove acid spray (compare Fig. I1.6a). The tube dipping into the
liquid in the wash bottle should preferably be a heavy-walled capillary; this will
give a better control of the gas flow and will also help to prolong the life of the
charge in the generator.

Precipitation may be carried out in a centrifuge tube, but a semimicro test-
tube or 10 ml conical flask is generally preferred; for a large volume of solution,
a 25 ml Erlenmeyer flask may be necessary. The delivery tube is drawn out to a
thick-walled capillary (1-2 mm in diameter) and carries at the upper end a small
rubber stopper which fits the semimicro test-tube* (Fig. I1.27) or conical flask.
The perfectly clean delivery tube is connected to the source of hydrogen sulphide
as in Fig. 11.6, and a slow stream of gas is passed through the liquid for about
30 seconds in order to expel the air, the cork is pushed into position and the
passage of hydrogen sulphide is continued until very few bubbles pass through
the liquid; the vessel is shaken gently from time to time. The tap in the gas
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Fig. I1.27

* For a 3 ml centrifuge tube or a 4 ml test-tube, the top part of the rubber teat (bulb) from a
dropper makes a satisfactory stopper: a small hole is made in the rubber bulb and the delivery tube
is carefully pushed through it.
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generator is then turned off; the delivery tube is disconnected and immediately
rinsed with distilled water. If the liquid must be warmed, the stopper is loosened,
the vessel placed in the water bath for a few minutes, and the gas introduced
again.

If an individual generator is desired, a Pyrex test-tube (150 x 20 mm) charged
with ‘Aitch-tu-ess’ or an equivalent mixture (essentially an intimate mixture of
a solid paraffin hydrocarbon, sulphur, and asbestos) is utilized: this yields
hydrogen sulphide when heated by a micro burner and the evolution of gas
ceases (but not usually abruptly) when the source of heat is removed. The test-
tube type of generator is depicted in Fig. 11.28. The small hole (vent) is covered

Fig. 1L.28

with the finger during the passage of the gas. Since the hydrogen sulphide
evolution does not cease abruptly with the removal of the flame, an absorption
bottle (Fig. 11.29) is generally employed to absorb the unused gas. It consists
of a 60 ml bottle containing 10 per cent sodium hydroxide solution: the lower
end of the longer, 6 mm, tube is just above the surface of the solution. When
saturation of the solution with the gas is completed, the capillary pipette and
cotton wool bulb are removed and the absorption bottle is attached. The method
is not strongly recommended because ‘pressure’ precipitation (cf. Section I1.3)
is difficult and, if attempted, introduces an element of danger.

Fig. 11.29
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13. Hdentification of gases Many anions (e.g. carbonate, sulphide, sulphite,
thiosulphate, and hypochlorite) are usually identified by the volatile decom-
position products obtained with the appropriate reagents. Suitable apparatuses
for this purpose are shown in Fig. I1.30. The simplest form (a) consists of a
semimicro test-tube with the accompanying ‘filter tube’:* a strip of test paper
(or of filter paper moistened with the necessary reagent) about 3-4 mm wide
is suspended in the ‘filter tube’. In those cases where spray is likely to affect the
test paper, a loose plug of cotton wool should be placed at the narrow end of
the ‘filter tube’. Apparatus b is employed when the test reagent is a liquid. A

v

(a) ®) (c)
Fig. 11.30

short length of wide-bore rubber tubing is fitted over the mouth of a semimicro
test-tube with about 1 cm protruding over the upper edge. The chemical reaction
is started in the test-tube and a ‘filter tube’ containing a tightly-packed plug of
cotton wool is inserted through the rubber collar, the filter plug again packed
down with a 4 mm glass rod, and 0-5-1 ml of the reagent introduced. An alterna-
tive apparatus for liquid reagents is shown in c: it is a type of absorption pipette
and is attached to the 4 ml test-tube by a rubber stopper or a tightly-fitting
paraffined cork. A drop or two of the liquid reagent is introduced into the
absorption tube. The double bulb ensures that all the evolved gas reacts, and it
also prevents the test reagent from being sucked back into the reaction mixture.
All the above apparatus, a~c, may be warmed by placing in the hot water rack
(e.g. Fig. I1.23). They will meet all normal requirements for testing gases evolved
in reactions in qualitative analysis.

When the amounts of evolved gas are likely to be small, the apparatus of
Fig. I1.31 may be used; all the evolved gas may be swept through the reagent
by a stream of air introduced by a rubber bulb of about 100 ml capacity.** The
approximate dimensions of the essential part of the apparatus are given in a,
whilst the complete assembly is depicted in 5. The sample under test is placed
in B, the test reagent is introduced into the ‘filter tube’ A over a tightly-packed

* Test-tubes (75 x 10 mm and 100 x 12 mm) together with the matching ‘filter tubes’ (55 x 7 mm
and 80 x 9 mm) are standard products; they are inexpensive and therefore eminently suitable for
elementary and other students. The smaller size is satisfactory for most purposes.

** The bulb of a commercial rectum or ear syringe is satisfactory.
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plug of cotton wool (or other medium), and the acid or other liquid reagent, is
added through the ‘filter tube’ C. The rubber bulb is inserted into C, and by
depressing it gently air is forced through the apparatus, thus sweeping out the
gases through the test reagent in A. The apparatus may be warmed by placing
it in a hot water bath.

\4. Cleaning of apparatus 1t is essential to keep all apparatus scrupulously
clean if trustworthy results are to be obtained. All apparatus must be thoroughly
cleaned with chromosulphuric acid (concentrated sulphuric acid containing
about 100 g of potassium dichromate per litre) or with a brush and cleaning
powder. The apparatus is then rinsed several times with tap water, and re-
peatedly with distilled water. Special brushes (Fig. I1.32) are available for semi-

Fig. 1132
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micro test-tubes and centrifuge tubes; the commercial ‘pipe cleaners’ are also
satisfactory. The tubes may be allowed to drain in a special stand or else they
may be inverted in a small beaker on the bottom of which there are several folds
of filter paper or a filter paper pad to absorb the water. Larger apparatus may
be allowed to drain on a clean linen towel or glass cloth. Droppers are best
cleaned by first removing the rubber bulbs or teats and allowing distilled water
to run through the tubes; the teats are cleaned by repeatedly filling them with
distilled water and emptying them. When clean, they are allowed to dry on a
linen glass cloth. At the end of the laboratory period, the clean apparatus is
placed in a box with cover, so that it remains clean until required.

15. Spot plates. Drop-reaction paper These are employed chiefly for con-
firmatory tests (see Section I1.6 for a full discussion). Spot plates with a number
of circular cavities are marketed, either black or white. The former are employed
for white or light-coloured precipitates, and the latter for dark-coloured pre-
cipitates. Transparent spot plates (e.g. Jena) and combination black and white
spot plates (with line of demarcation between the black and white running
exactly through the centres of the depressions) are also available commercially.
Spot plates are useful for mixing small quantities of reagents, and also for testing
the pH of a solution colorimetrically.

Drop-reaction or spot-test paper (e.g. Whatman, No. 120) is a soft variety
of pure, highly porous paper which is used for reactions that result in highly
coloured precipitates. The precipitate does not spread very far into the paper
because of the filtering action of the pores of the paper; consequently the spot
test technique is employed in highly sensitive identification tests, the white paper
serving as an excellent background for dark or highly coloured precipitates, and
incidentally providing a permanent record of the test.

Semi-quantitative results may be obtained by the use of the Yagoda ‘confined-
spot-test’ papers (Schleicher and Schuell, U.S.A., Nos. 211Y and 597Y): these
are prepared with a chemically inert, water-repelling barrier which constricts
the spot reaction to a uniform area of fixed dimensions.

6. Calculation of the volume of precipitating reagents This type of calculation
is instructive, for it will assist the student to appreciate fully the significance of
the quantities of reagent employed in semimicro analysis. Let us assume that
a sample contains | mg of silver ions and 2 mg of mercury(I) ions, and that the
precipitating agent is 2M hydrochloric acid. To calculate the volume of the
precipitating agent required, the number of moles of the ion or ions to be pre-
cipitated and the number of moles per m! of the precipitating agent must be
ascertained. In the present sample there will be (1 x 1072)/107:9 = 9-3 x 10~ ¢ mol
silver ion and (2x1073)/200:6 = 1 x 10~ ° mol mercury(I) ion, i.e. the total
amount of the cations is 193 x 10”° mol. Now | ml of 2M hydrochloric acid
contains 2 x 1073 mol chloride ion, so that the volume of acid required will
be (1:93x 107 %)/(2 x 10~ %) = 0-00965 ml. The capillary dropper delivers a drop
of about 0-03 ml (30-40 drops per ml), hence 1 drop of 2M hydrochloric acid
contains sufficient chloride ions to precipitate the silver and mercury(I) ions
and also to provide a large excess to reduce the solubility of the sparingly soluble
chlorides (common ion effect).

In practice, the weights of the ions in a solution of the sample are usually not
known, so that exact calculations cannot be made. However, if the weight of
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sample employed is known, the maximum amount of precipitating agent
required can be easily calculated. This is one of the reasons for taking a known
weight (weighed to the nearest milligram) of the sample for analysis. Let us
consider an actual sample. We may assume that 50 mg of the solid sample (or a
solution containing the same amount of dissolved material) is taken for analysis,
of which about 35 mg constitutes a Group I cation. Simple stoichiometric con-
siderations reveal that among such ions lead, with the relative atomic mass of
207-2 requires the largest amount of hydrochloric acid for complete precipi-
tation. Thus, if we base our calculation on lead, we cannot err on the wrong
side. The 35mg of lead constitutes 35x 1073/207-2 = 1:7x 10~* mol, for
which 3-4 x 10~* mol hydrochloric acid is needed. If a 2m solution of hydro-
chloric acid is available, we require 3-4x 10742 = 1:'7x107* £ or 0-17 ml
of the acid. This volume equals approximately 6 drops; and the addition of
8-10 drops will suffice for complete precipitation, taking into account the
common ion effect as well.

17. Some practical hints (Cf. Section 11.3, 14)

(a) Upon commencing work, arrange the more common and frequently
used apparatus in an orderly manner on your bench. Each item of apparatus
should have a definite place so that it can be found readily when required. All
apparatus should have been cleaned during the previous laboratory period.

(b) Weigh the sample for analysis (if a solid) to the nearest milligram:
50 mg is a suitable quantity.

(¢) Read the laboratory directions carefully and be certain that you under-
stand the purpose of each operation — addition of reagents, etc. Examine the
label on the bottle before adding the reagent. Serious errors leading to a con-
siderable loss of time and, possibly, personal injury may result from the use of
the wrong reagent. Return each reagent bottle to its proper place immediately
after use.

(d) When transferring a liquid reagent with a reagent dropper always hold
the dropper just above the mouth of the vessel and allow the reagent to ‘drop’
into the vessel. Do not allow the dropper tip to touch anything outside the
reagent bottle; the possible introduction of impurities is thus avoided. Similar
remarks apply to the use of T.K. dropper bottles.

(e) Never dip your own dropper into a reagent. Pour a little of the reagent
(e.g. a corrosive liquid) into a small clean vessel (test-tube, crucible, beaker,
etc.) and introduce your dropper into this. Never return the reagent to the
bottle; it is better to waste a little of the reagent than to take the risk of con-
taminating the whole supply.

(f) Do not introduce your spatula into a reagent bottle to remove a little
solid. Pour or shake a little of the solid on to a clean, dry watch glass, and use
this. Do not return the solid reagent to the stock bottle. Try to estimate your
requirements and pour out only the amount necessary.

(g) All operations resulting in the production of fumes (acid vapours,
volatile ammonium salts, etc.) or of poisonous or disagreeable gases (hydrogen
sulphide, chlorine, sulphur dioxide, etc.) must be performed in the fume
chamber.

(h) Record your observations briefly in your note-book in ink immediately
after each operation has been completed.

(i) Keep your droppers scrupulously clean. Never place them on the
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bench. Rinse the droppers several times with distilled water after use. At the
end of each laboratory period, remove the rubber teat or cap and rinse it
thoroughly. : ' -

(/) During the course of the work place dirty centrifuge tubes, test-tubes,
etc., in a definite place, preferably in a beaker, and wash them at convenient
intervals. This task can often be done while waiting for a solution to evaporate
or for a precipitate to dissolve while being heated on a water bath.

(k) Adequately label all solutions and precipitates which must be carried
over to the next laboratory period.

(1) When in difficulty, or if you suspect any apparatus (e.g. the centrifuge)
is not functioning efficiently, consult the teacher.

Fig. I1.33

18. Semimicro apparatus The apparatus suggested for each student is listed
below. (The liquid reagents recommended for each student are given in Section
11.4(4).)

1 wash bottle, polythene (Fig. I11.19d)

1 beaker, Griffin form, 250 m!

1 hot water rack constructed of tinned copper (Figs. I1.23 and I11.24) or

1 lead cover (Fig. 11.22) for water bath

1 beaker, S ml

1 beaker, 10 ml

1 conical flask, 100ml, and one 50ml rubber bulb (for wash bottle, Fig.11.19)

2 conical flasks, 10 ml

1 conical flask, 25 ml

6 test-tubes, 75 x 10 mm,* 4 m}, with rim

2 test-tubes, 75 x 10 mm,* 4 ml, without rim

2 “filter tubes’, 55 x 7 mm* (Fig. I11.30)

1 gas absorption pipette (with 75 x 10 mm test-tube and rubber stopper,

Fig. 11.30)

4 centrifuge tubes, 3 ml (Fig. I1.114)

2 semimicro boiling tubes, 60 x 25 mm, 20 ml

1 wooden stand (to house test-tubes, ‘filter tubes’, gas absorption pipette,

conical flasks, etc.)

* Semimicro test-tubes (100 x 12:5 mm, 8 ml) and the appropriate ‘filter tubes’ (80 x 9 mm) are
marketed, and these may find application in analysis. The smaller 4 ml test-tubes will generally
suffice: their great advantage is that they can be used directly in a semimicro centrifuge in the
buckets provided for the 3 ml centrifuge tubes.
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2 medicine droppers, complete with rubber teats (bulbs)

2 reagent droppers (Fig. 11.13a)

2 capillary droppers (Fig. 11.135)

1 stand for droppers

2 anti-bump tubes (Fig. 11.10)

1 crucible, porcelain, 3 ml (23 x |5 mm)

1 crucible, porcelain, 6 ml (28 x 20 mm)

1 crucible, porcelain, 8 m! (32 x 19 mm)

3 rubber stoppers (one 1 x 2 cm, two 0-5 x 1-5 cm, to fit 25 ml conical flask,
test-tube, and gas absorption pipette)

30 cm glass tubing, 4 mm outside diameter (for H,S apparatus)

10 cm rubber tubing, 3 mm (for H,S apparatus)

5 cm rubber tubing, S mm (for ‘filter tubes’)

30 cm glass rod, 3 mm (for stirring rods, Fig. I1.12)

1 measuring cylinder, 5 ml

1 watch glass, 3-5 cm diameter

2 cobalt glasses, 3 x 3 cm

2 microscope slides

1 platinum wire (5 cm of 0:3 mm diameter)

1 forceps, 10 cm

1 semimicro spatula (Fig. [1.20a or b)

1 semimicro test-tube holder (Fig. I1.25)

1 semimicro test-tube brush (Fig. I1.31)

1 pipe cleaner

1 spot plate (6 cavities)

1 wide-mouthed bottle, 25 ml filled with cotton wool

1 wide-mouthed bottle, 25 ml filled with strips (2 x 2 cm) of drop reaction
paper

1 dropping bottle, labelled DISTILLED WATER

1 packet blue litmus paper

1 packet red litmus paper

1 triangular file (small)

1 tripod and wire gauze (for water bath)

1 retort stand and one iron ring 7-5 cm

1 wire gauze (for ring)

1 triangle, silica

1 triangle, nichrome

1 burner, Bunsen or Tirrill

1 semimicro burner

I1.5 MICRO APPARATUS AND MICROANALYTICAL OPERATIONS
In micro analysis the scale of operations is reduced by a factor of 0-01 as com-
pared with macro analysis. Thus whereas in macro analysis the weights and
volumes for analysis are 0-5-1 g and about 10 m}, and in semimicro analysis
50 mg and 1 ml respectively, in micro analysis the corresponding quantities
are about 5mg and 0'1 ml. Micro analysis is sometimes termed milligram
analysis to indicate the order of weight of the sample employed. It must be
pointed out that whilst the weight of the sample for analysis has been reduced,
the ratio of weight to volume has been retained and in consequence the con-
centration of the individual ions, and other species, is maintained. A special

173



II.5 QUALITATIVE INORGANIC ANALYSIS

technique must be used for handling such small quantities of materials. There
is no sharp line of demarcation between semimicro and micro analysis and much
of the technique described for the former can, with suitable modifications to
allow for the reduction in scale by about one-tenth, be utilized for the latter.
Some of the modifications, involving comparatively simple apparatus, will be
described. No attempt will be made to deal with operations centred round the
microscope (magnification up to 250) as the specialized technique is outside
the scope of this volume.*

The small amounts of material obtained after the usual systematic separations
can be detected, in many cases, by what is commonly called spot analysis, i.e.
analysis which utilizes spots of solutions (about 0-05 ml or smaller) or a fraction
of milligram of solids. Spot analysis has been developed as a result of the
researches of numerous chemists: the names of Tananaeff, Krumholz, Wenger,
van Niewenburg, Gutzeit and, particularly, Feigl and their collaborators must
be mentioned in this connection. In general, spot reactions are preferable to
tests which depend upon the formation and recognition of crystals under the
microscope, in that they are easier and quicker to carry out, less susceptible to
slight variations of experimental conditions, and can be interpreted more
readily. Incomplete schemes of qualitative inorganic analysis have been pro-
posed which are based largely upon spot tests: these cannot, however, be
regarded as entirely satisfactory for very few spot tests are specific for particular
ions and also the adoption of such schemes will not, in the long run, help in the
development of micro qualitative analysis. Furthermore, such schemes, when
considered from the point of view of training of students in the theory and
practice of analysis, are pedagogically unsound. It seems to the writer that the
greatest potential progress lies in the use of the common macro procedures (or
simple modifications of them) to effect the preliminary separations for which
the specialized micro technique is adopted, followed by the utilization of spot
tests after the group or other separation has been effected. Hence the following
pages will contain an account of the methods which can be used for performing
macro operations on a micro scale and also a discussion of the technique of
spot analysis.

Micro centrifuge tubes (Fig. 11.34) of 0-5-2 ml capacityt replace test-tubes,
beakers and flasks for most operations. Two types of centrifuge tubes are
shown: b is particularly useful when very small amounts of precipitate are being
handled. Centrifuge tubes are conveniently supported in a rack consisting of a
wooden block provided with 6 to 12 holes, evenly spaced, of 1'5 cm diameter
and 1'3 cm deep.

Solutions are separated from precipitates by centrifuging. Semimicro centri-
fuges (Section I1.4.5), either hand-operated or electrically-driven, can be used.
Adapters are provided inside the buckets (baskets) in order to accommodate
micro centrifuge tubes with narrow pen ends.

Precipitations are usually carried out in micro centrifuge tubes. After centri-
fuging, the precipitate collects in the bottom of the tube. The supernatant liquid

* For a detailed account, see E. M. Chamot and C. W. Mason: Handbook of Chemical Microscopy,
Volume I (1938) and Volume II (1940) (J. Wiley; Chapman and Hall); also A. A. Benedetti-Pichler:
Introduction to the Microtechnique of Inorganic Analysis (1942) (J. Wiley; Chapman and Hall.)

t The dimensions given ensure that the centrifuge tubes fit into the buckets of a semimicro centri-
fuge. The dimensions for other capacities are: Type a: 0-5ml, 60 x 6:3 mm (ext.);2ml, 68 x 11-25 mm
(ext.); 3 ml, 76 x 11:25 mm (ext.). Type b: 0-5 ml, 63 mm, 8-:5 mm (ext.), 2-5 mm (int.).
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may be removed either by a capillary dropper (Fig. I1.13) or by means of a
transfer capillary pipette. The latter consists of a thin glass tube (internal
diameter about 2 mm: this can be prepared from wider tubing) 20 to 25 cm in
length with one end drawn out in a micro flame to a tip with a fine opening.
The correct method of transferring the liquid to the capillary pipette will be
evident from Fig. I1.35. The centrifuge cone is held in the right hand and the
capillary pipette is pushed slowly towards the precipitate so that the point of
the capillary remains just below the surface of the liquid. As the liquid rises in
the pipette, the latter is gradually lowered, always keeping the tip just below the

i —L- )}

Fig. 11.35

surface of the liquid until the entire solution is in the pipette and the tip is about
1 mm above the precipitate. The pipette is removed and the liquid blown or
drained out into a clean dry centrifuge tube.

Another useful method for transferring the centrifugate to, say, another
centrifuge tube will be evident upon reference to Fig. I1.36. The siphon is made
of thermometer capillary and is attached to the capillary pipette by means of a
short length of rubber tubing of 1 mm bore. The small hole A in the side of the
tube permits perfect control of the vacuum; the side arm of the small test-tube
is situated near the bottom so as to reduce spattering of the liquid in the centri-
fuge tube inside the test-tube when the vacuum is released. Only gentle suction
is applied and the opening A is closed with the finger; upon removing the finger,
the action of the capillary siphon ceases immediately.

For the washing of precipitates the wash solution is added directly to the
precipitate in the centrifuge tube and stirred thoroughly either by a platinum
wire or by means of a micro stirrer, such as is shown in Fig. I1.37; the latter can
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=

Fig. IL.36

readily be made from thin glass rod. The mixture is then centrifuged, and the
clear solution removed by a transfer capillary pipette as already described. It
may be necessary to repeat this operation two or three times to ensure complete
washing.

The transfer of precipitates is comparatively rare in micro qualitative analysis.
Most of the operations are usually so designed that it is only necessary to transfer
solutions. However, if transfer of a precipitate should be essential and the pre-
cipitate is crystalline, the latter may be sucked up by a dry dropper pipette and
transferred to the appropriate vessel. If the precipitate is gelatinous, it may be
transferred with the aid of a narrow glass, nickel, monel metal, or platinum

TN

*+0-3cm
10cm bore

0-lcm
4cm bore

0-2cm dia.

Fig. 1137
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spatula. The centrifuge tube must be of type a (Fig. 11.34) if most of the pre-
cipitate is to be removed.

The heating of solutions in centrifuge tubes is best carried out by supporting
them in a suitable stand (compare Figs. 11.22-23) and heating on a water bath.
When higher temperatures are required, as for evaporation, the liquid is trans-
ferred to a micro beaker or micro crucible; this is supported by means of a
nichrome wire triangle as indicated in Fig. I1.38. Micro beakers may be heated

| — —— — Wire triangle

Micro beaker
or cruch or crucible

Nickel crucible

Fig.I1.38

by means of the device shown in Fig. I11.39, which is laid on a water bath.

Section A-B

-
. ~
Steam jacket

for micro beaker

Metal plate

prsmt—

:\.|:\__ e —
(¢]

Water bath rings

Fig. 11.39

Another valuable method for concentrating solutions or evaporating to
dryness directly in a centrifuge tube consists of conducting the operation on a
water bath in a stream of filtered air supplied through a capillary tube fixed just
above the surface of the liquid. The experimental details will be evident by
reference to Fig. 11.40.

Micro centrifuge tubes are cleaned with a feather, ‘pipe cleaner’ or small test-
tube brush (cf. Fig. I1.31). They are then filled with distilled water and emptied
by suction as in Fig. I1.41. After suction has commenced and the liquid removed,
the tube is filled several times with distilled water without removing the suction
device. Dropper pipettes are cleaned by repeatedly filling and emptying them
with distilled water, finally separating rubber bulb and glass tube, and rinsing
both with distilled water from a wash bottle. A transfer capillary pipette is
cleaned by blowing a stream of water through it.

The passage of hydrogen sulphide into a solution in a micro centrifuge tube
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is carried out by leading the gas through a fine capillary tube in order not to
blow the solution out of the tube. The delivery tube may be prepared by drawing
out part of a length of glass tubing of 6 mm diameter to a capillary of 1-2 mm
bore and 10-20 cm long. A plug of pure cotton wool is inserted into the wide
part of the tubing, and then the capillary tube is drawn out by means of a
micro burner to a finer tube of 0:3-0-5 mm bore and about 10 cm long. The
complete arrangement is illustrated in Fig. 11.42. Such a fine capillary delivers
a stream of very small bubbles of gas; large bubbles would throw the solution
out of the micro centrifuge tube. The flow of the hydrogen sulphide must be
commenced before introducing the point of the capillary into the centrifuge
cone. If this is not done, the solution will rise in the capillary and when hydrogen
sulphide is admitted, a precipitate will form in the capillary tube and clog it.

Fig. IL.41
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Fig. IL.42

The point of saturation of the solution is indicated by an increase in the size of
the bubbles; this is usually after about two minutes.

The identification of gases obtained in the reactions for anions may be con-
ducted in an Erlenmeyer (or conical) flask of 5 or 10 ml capacity; it is provided
with a rubber stopper which carries at its lower end a ‘wedge point’ pin, made
preferably of nickel or monel metal (Fig. 11.43). A small strip of impregnated
test paper is placed on the loop of the pin. The stoppered flask, containing the
reaction mixture and test paper, is placed on a water bath for five minutes. An

Fig. 11.43
improved apparatus consists of a small flask provided with a ground glass
stopper on to which a glass hook is fused (compare Fig. I1.55); the test paper
is suspended from the glass hook. If the evolved gas is to be passed through a
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liquid reagent, the apparatus of Fig. 11.296 or ¢, proportionately reduced, may
be employed.
Confirmatory tests for ions may be carried out either on drop reaction paper
or upon a spot plate. The technique of spot tests is fully described in Section I1.6.
The following micro apparatus* will be found useful:
Micro porcelain, silica, and platinum crucibles of 0-5 to 2 ml capacity
Micro beakers (5 ml) and micro conical flasks (5 ml)
Micro centrifuge tubes (0-5, 1:0 and 2-0 ml)
Micro test-tubes (40—50 x 8 mm)
Micro volumetric flasks (1, 2, and 5 m})
Micro nickel, monel, or platinum spatula, 7-10 cm in length and flattened
at one end
Micro burner
Micro agate pestle and mortar
Magnifying lens, 5 x or 10 x
A pair of small forceps
A small platinum spoon, capacity 0-5-1 ml, with handle fused into a glass
tube. (This may be used for fusions.)

I1.6 SPOT TEST ANALYSIS The term ‘spot reaction’ is applied to micro
and semimicro tests for compounds or for ions. In these chemical tests manipu-
lation with drops (macro, semimicro, and micro) play an important part. Spot
reactions may be carried out by any of the following processes:

(i) By bringing together one drop of the test solution and of the reagent
on porous or non-porous surfaces (paper, glass, or porcelain).

(ii) By placing a drop of the test solution on an appropriate medium (e.g.
filter paper) impregnated with the necessary reagents.

(iii) By subjecting a strip of reagent paper or a drop of the reagent to the
action of the gases liberated from a drop of the test solution or from a minute
quantity of the solid substance.

(iv) By placing a drop of the reagent on a small quantity of the solid sample,
including residues obtained by evaporation or ignition.

(v) By adding a drop of the reagent to a small volume (say, 0-5-2 ml) of
the test solution and then extracting the reaction products with organic solvents.

The actual ‘spotting’ is the fundamental operation in spot test analysis, but
it is not always the only manipulation involved. Preliminary preparation is
usually necessary to produce the correct reaction conditions. The preparation
may involve some of the operations of macro analysis on a diminished scale
(compare Section I1.5), but it may also utilize certain operations and apparatus
peculiar to spot test analysis. An account of the latter forms the subject matter
of the present section.

Before dealing with the apparatus required for spot test reactions, it is
necessary to define clearly the various terms which are employed to express the
sensitivity of a test. The limit of identification is the smallest amount recognizable,
and is usually expressed in micrograms (ug) or gamma (y), one microgram or one
gamma being one-thousandth part of a milligram or one-millionth part of a
gram:

lpg=1y=000lmg =10"°g

* All glass apparatus must be of resistance (e.g. Pyrex) glass,
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Throughout this text the term sensitivity will be employed synonymously with
limit of identification. The concentration limit is the greatest dilution in which
the test gives positive results; it is expressed as a ratio of substance to solvent
or solution. For these two terms to be comparable, a standard size drop must
be used in performing the test. Throughout this book, unless otherwise stated,
sensitivity will be expressed in terms of a standard drop of 0-05 ml.

The removal and addition of drops of test and reagent solutions is most
simply carried out by using glass tubing, about 20 cm long and 3 mm external
diameter; drops from these tubes have an approximate volume of 0-05 ml.
The capillary dropper (Fig. I1.135) may also be employed. A useful glass pipette,
about 20 cm long, may be made from 4 mm tubing and drawn out at one end
in the flame (Fig. 11.44); the drawn-out ends of these pipettes may be made of
varying bores. A liberal supply of glass tubes and pipettes should always be
kept at hand. They may be stored in a beaker about 10 cm high with the con-
stricted end downwards and resting upon a pad of pure cotton wool; the beaker
and pipettes can be protected against dust by covering with a sheet of polythene.
Pipettes which are used frequently may be supported horizontally on a stand
constructed of thin glass rod. After use, they should be immersed in beakers
filled with distilled water: interchanges are thus prevented and subsequent
thorough cleaning is facilitated.

)

Fig. 1.4

Very small and even-sized drops can be obtained by means of platinum wire
loops; the size of the loop can be varied and by calibrating the various loops
(by weighing the drops delivered), the amount of liquid delivered from each
loop is known fairly accurately. A number of loops are made by bending
platinum wire of suitable thickness; the wires should be attached in the usual
manner to lengths of glass rod or tubing to act as handles. They are kept in
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Pyrex test-tubes fitted with corks or rubber stoppers and labelled with par-
ticulars of the size of drop delivered. It must be pointed out that new smooth
platinum wire allows liquids to drop off too readily, and hence it is essential to
roughen it by dipping into chloroplatinic acid solution, followed by heating to
glowing in a flame; this should be repeated several times. Micro burettes some-
times find application for the delivery of drops.

Reagent solutions can be added from dropping bottles of 25-30 ml capacity
(see Section I1.4.4). A stock bottle for water and for solutions which do not
deteriorate on keeping, is shown in Fig. I1.45; it permits facile addition in drops.

Fig. IL.45

This stock bottle is constructed from a Pyrex flask into which a tube with a
capillary end is fused; a small rubber bulb is placed over the drawn-out neck,
which has a small hole to admit air.

Digestion of solid samples with acid or solvent may be performed in small
crucibles heated on a metal hot plate, or in an air bath (Fig. I1.38), or in the
glass apparatus illustrated in Fig. I1.46. The last-named is heated over a micro
burner, and then rotated so that supernatant liquid or solution may be poured
off drop-wise without danger or loss.

Spot tests may be performed in a number of ways: on a spot plate, in a micro

T

o,

Fig. 1146
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crucible, test tube, or centrifuge tube, or on filter paper. Gas reactions are
carried out in special apparatus.

The commercial spot plates are made from glazed porcelain and usually
contain 6 to 12 depressions of equal size that hold 0-5 to 1 ml of liquid. It is
advisable, however, to have several spot plates with depressions of different
sizes. The white porcelain background enables very small colour changes to be
seen in reactions that give coloured products; the colour changes are more
readily perceived by comparison with blank tests in adjacent cavities of the spot
plate. Where light-coloured or colourless precipitates or turbidities are formed,
it is better to employ black spot plates. Transparent spot plates of resistance
glass (e.g. Jena) are also available; these may be placed upon glossy paper of
suitable colour. The drops of test solution and reagent brought together on a
spot plate must always be mixed thoroughly; a glass stirrer (Fig. I1.37) or a
platinum wire may be employed.

Traces of turbidity and of colour are also readily distinguished in micro
test-tubes (50 x 8 mm) or in micro centrifuge tubes. As a general rule, these
vessels are employed in testing dilute solutions so as to obtain a sufficient depth
of colour. The liquid in a micro centrifuge tube or in a test-tube may be warmed
in a special stand immersed in a water bath (compare Figs. 11.22-23) or in the
apparatus depicted in Fig. 11.47. The latter is constructed of thin aluminium or

Fig. IL47

nickel wire; the tubes will slip through the openings and rest on their collars.
The wire holder is arranged to fit over a small beaker, which can be filled with
water at the appropriate temperature.

For heating to higher temperatures (> 100°C) micro porcelain crucibles may
be employed : they are immersed in an air bath (Fig. I1.38) and the latter heated
by a micro burner, or they can be heated directly on an asbestos mat. Small silica
watch glasses also find application for evaporations.

It must be emphasized that all glass and porcelain apparatus, including spot
plates and crucibles, must be kept scrupulously clean. It is a good plan to wash
all apparatus (particularly spot plates) immediately after use. Glassware and
porcelain crucibles are best cleaned by immersion in a chromic acid-sulphuric
acid mixture or in a mixture of concentrated sulphuric acid and hydrogen
peroxide, followed by washing with a liberal quantity of distilled water, and
drying. The use of chromic acid mixture is not recommended for spot plates.

The great merit of glass and porcelain apparatus is that it can be employed
with any strength of acid and base: it is also preferred when weakly coloured
compounds (especially yellow) are produced or when the test depends upon
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slight colour differences. Filter paper, however, cannot be used with strongly
acidic solutions for the latter cause it to tear, whilst strongly basic solutions
produce a swelling of the paper. Nevertheless, for many purposes and especially
for those dependent upon the application of capillary phenomena, spot reactions
carried out on filter paper possess advantages over those in glass or porcelain:
the tests generally have greater sensitivity and a permanent (or semi-permanent)
record of the experiment is obtained.

Spot reactions upon filter paper are usually performed with Whatman drop
reaction paper No. 120, but in some cases Whatman No. 3 is utilized: the
Schleicher and Schuell (U.S.A.) equivalents are Nos. 601 and 598. These papers
possess the desirable property of rapidly absorbing the drops without too much
spreading, as is the case with thinner papers. Although impurities have been
reduced to minimum values, these papers may contain traces of iron and
phosphate: spot reactions for these are better made with quantitative filter
paper (Whatman No. 42 or, preferably, the hardened variety No. 542). The
paper should be cut into strips 6 x 2 cm or 2 x 2 cm, and stored in petri dishes
or in vessels with tightly-fitting stoppers.

Spot test papers are marketed in which the spot reaction is confined to a
uniform area of fixed dimensions, produced by surrounding the area by a
chemically inert, water-repelling barrier. These papers are developed by
H. Yagoda and may be employed for semi-quantitative work. The Schleicher
and Schuell (U.S.A.) No. 211Y ‘confined spot test’ paper is intended for use
with single drops of solution, and No. 597Y for somewhat larger volumes.
They are often referred to as Yagoda test papers.

Spot reactions on paper do not always involve interaction between a drop of
test solution and one of the reagent. Sometimes the paper is impregnated with
the reagent and the dry impregnated reagent paper is spotted with a drop of the
solution. Special care must be taken in the choice of the impregnating reagent.
Organic reagents, that are only slightly soluble in water but dissolve readily in
alcohol or other organic solvents, find extensive application. Water-soluble
salts of the alkali metals are frequently not very stable in paper. This difficulty
can often be surmounted by the use of sparingly soluble salts of other metals.
In this way the concentration of the reactive ion can be regulated automatically
by the proper selection of the impregnating salt, and the specificity of the test
can be greatly improved by thus restricting the number of possible reactions.
Thus potassium xanthate (see under Molybdenum, Section VII.6) has little
value as an impregnating agent since it decomposes rapidly and is useless after
a few days. When, however, cadmium xanthate is used, a paper is obtained which
gives sensitive reactions only with copper and molybdenum and will keep for
months. Similarly the colourless zinc hexacyanoferrate(II) offers parallel
advantages as a source of hexacyanoferrate(Il) ions: it provides a highly
sensitive test for iron(II) ions. A further example is paper impregnated with
zinc, cadmium, or antimony sulphides: such papers are stable, each with its
maximum sulphide-ion concentration (controlled by its solubility product) and
hence only those metallic sulphides are precipitated whose solubility products
are sufficiently low. Antimony(III) sulphide paper precipitates only silver,
copper, and mercury in the presence of lead, cadmium, tin, iron, nickel, cobalt
and zinc. It might be expected that the use of ‘insoluble’ reagents would decrease
the reaction rate. This retardation is not significant when paper is the medium
because of the fine state of division and the great surface available. Reduction
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in sensitivity becomes appreciable only when the solubility products of the
reagent and the reaction product approach the same order of magnitude. This
is naturally avoided in the selection of reagents.

Filter paper may be impregnated with reagents by the following methods:

(i) For reagents that are soluble in water or in organic solvents, strips of

filter paper are bathed in the solutions contained in beakers or in dishes. Care
must be taken that the strips do not stick to the sides of the vessel or to one
another, as this will prevent a uniform impregnation. The immersion should
last about 20 minutes and the solution should be stirred frequently or the vessel
gently rotated to produce a swirling of the solution. The strips are removed
from the bath, allowed to drain, pinned to a string (stretched horizontally),
and allowed to dry in the air. Uniform drying is of great importance.

Alternatively, the reagent may be sprayed on to the filter paper. The all-glass
spray shown in Fig. I1.48 (not drawn to scale) gives excellent results. A rubber
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Outer tube
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Inner tube
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Rubber bulb
attached here
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Seal

Note: tubing of | mm wall

b

|

Fig. 11.48

bulb is attached at C; the cork is fitted into a boiling tube or small flask charged
with the impregnating solution. The paper is sprayed first on one side and then
on the other.

(ii) For reagents that are precipitated on the paper, the strips are soaked
rapidly and uniformly with the solution of one of the reactants, dried and then
immersed similarly in a solution of the precipitant. The excess reagents are then
removed by washing, and the strips dried. The best conditions (concentration
of solutions, order in which applied, etc.) must be determined by experiment.
In preparing highly impregnated paper, the precipitation should never be made
with concentrated solutions as this may lead to an inhomogeneous precipitation
and the reagent will tend to fall off the paper after it is washed and dried. It is
essential to carry out the soaking and precipitation separately with dilute
solutions and to dry the paper between the individual precipitations. Sometimes
it is preferable to use a reagent in the gaseous form, e.g. hydrogen sulphide for
sulphides and ammonia for hydroxides; there is then no danger of washing away

the precipitate.
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The reactions are carried out by adding a drop of the test solution from a
capillary pipette, etc., to the centre of the horizontal reagent paper resting
across a porcelain crucible or similar vessel; an unhindered capillary spreading
follows and a circular spot results. With an impregnated reagent paper, the
resulting change in colour may occur almost at once, or it may develop after the
application of a further reagent. It is usually best not to place a drop of the test
solution on the paper but to allow it to run slowly from a capillary tip (0:2-1 mm
diameter) by touching the tip on the paper. The test drop then enters over a
minute area, precipitation or adsorption of the reaction product occurs in the
immediate surrounding reagion, where it remains fixed in the fibres whilst the
clear liquid spreads radially outwards by capillarity. A concentration of the
coloured product, which would otherwise be spread over the whole area
originally wetted by the test drop, is obtained, thus rendering minute quantities
distinctly visible. A greater sensitivity is thus obtained than by adding a free
drop of the test solution. Contact with the fingers should be avoided in manipu-
lation with drop-reaction papers; a corner of the strip should be held with a
pair of clean forceps.

The problem of separating solid and liquid phases either before or after taking
a sample drop or two of the test solution frequently arises in spot test analysis.
When there is a comparatively large volume of liquid and the solid matter is
required, centrifugation in a micro centrifuge tube (Fig. I1.34) may be employed.
Alternatively, a micro sintered glass filter tube (Fig. I11.49), placed in a test-tube

Fig. IL.49

of suitable size, may be subjected to centrifugation: this device simplifies the
washing of a precipitate. If the solid is not required, the liquid may be collected
in a capillary pipette by sucking through a small pad of purified cotton wool
placed in the capillary end; upon removing the cotton wool and wiping the
pipette, the liquid may be delivered clear and free from suspended matter.

A useful filter pipette is shown in Fig. I1.50. It is constructed of tubing of
6 mm diameter. A rubber bulb is attached to the short arm A; the arm B is
ground flat, whilst the arm C is drawn out to a fine capillary; a short piece of
rubber tubing is fitted over the top of B. For filtering, a disc of filter paper of the
same diameter as the outside diameter of the tube (cut out from filter paper by
means of a sharp cork borer or by a hand punch) is placed on the flat ground
surface of B, the tube F placed upon it and then held in position by sliding the
rubber tubing just far enough over the paper to hold it when the tube F is
removed. The filter pipette may be used either by placing a drop of the solution

186



EXPERIMENTAL TECHNIQUES IL.6
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Fig. 1150

on the filter disc or by immersing the tube end B into the crucible, test-tube, or
receptacle containing the solution to be filtered. The bulb is squeezed by the
thumb and middle finger, and the dropper point closed with the forefinger thus
allowing the solution to be drawn through the paper when the bulb is released.
To release the drops of filtered liquid thus obtained, the filter pipette is inverted
over the spot plate, in an inclined position with the bulb uppermost. Manipu-
lation of the bulb again forces the liquid in the tip on to the spot plate. The
precipitate on the paper can be withdrawn for any further treatment by simply
sliding the rubber tubing D down over the arm B.

Another method involves the use of an Emich filter stick fitted through a
rubber stopper into a thick-walled suction tube; the filtrate is collected in a
micro test-tube (Fig. I1.51). The filter stick has a small pad of purified asbestos
above the constriction.
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Fig. IL51
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Fig. 11.52

The apparatus illustrated in Fig. I1.52 may be employed when the filter paper
(or drop reaction paper) must be heated in steam; the filter paper is placed on
the side arm support. By charging the flask with hydrogen sulphide solution,
ammonia solution, chlorine or bromine water, the apparatus can be used for
treating the filter paper with the respective gases or vapours.

Fusion and solution of a melt may be conducted either in a platinum wire loop
or in a platinum spoon (0-5-1 ml capacity) attached to a heavy platinum wire
and fused into a glass holder.

Gas reactions may be performed in specially devised apparatus. Thus in
testing for carbonates, sulphides, etc., it is required to absorb the gas liberated
in a drop of water or reagent solution. The apparatus is shown in Fig. I1.53, and
consists of a micro test-tube of about 1 ml capacity, which can be closed with a
small ground glass stopper fused to a glass knob. The reagent and test solution
or test solid are placed in the bottom of the tube, and a drop of the reagent for

~
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Fig. I1.53 Fig. 11.54 Fig. 11.55
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the gas is suspended on the knob of the stopper. The gas is evolved in the tube,
if necessary, by gently warming, and is absorbed by the reagent on the knob.
Since the apparatus is closed, no gas can escape, and if sufficient time is allowed
it is absorbed quantitatively by the reagent. A drop of water may replace the
reagent on the stopper; the gas is dissolved, the drop may be washed on to a
spot plate or into a micro crucible and treated with the reagent. The apparatus,
shown in Fig. I1.54, which is closed by a rubber stopper, is sometimes preferable,
particularly when minute quantities of gas are concerned ; the glass tube, blown
into a small bulb at the lower end, may be raised or lowered at will, whilst the
change of colour and reaction products may be rendered more easily visible by
filling the bulb with gypsum or magnesia powder. In some reactions, e.g. in
testing for ammonia, it may be desirable to suspend a small strip of reagent paper
from a glass hook fused to the stopper as in Fig. I1.55. When a particular gas
has to be identified in the presence of other gases, the apparatus shown in
Fig. I1.56 should be used; here the stopper for the micro test-tube consists of a
small glass funnel on top of which the impregnated filter paper is laid in order
to absorb the gas. The impregnated filter paper permits the passage of other
gases and only retains the gas to be tested by the formation of a non-volatile
compound that can be identified by means of a spot test. Another useful
apparatus is shown in Fig. I1.57; it consists of a micro test-tube into which is

— A=
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Fig. IL.56 Fig. I1.57 Fig. IL58

placed a loosely-fitting glass tube narrowed at both ends. The lower capillary
end is filled to a height of about | mm with a suitable reagent solution; if the gas
liberated forms a coloured compound with the reagent, it can easily be seen in
the capillary.

Where high temperatures or glowing are necessary for the evolution of the gas,
a simple hard glass tube supported in a circular hole in an asbestos or ‘uralite’
plate (Fig. I1.58) may be used. The open end of the tube should be covered by a
small piece of reagent paper and kept in position by means of a glass cap.

Micro distillation is sometimes required, e.g. in the chromyl chloride test for a
chloride (see Section 1V.14). The apparatus depicted in Fig. I1.59 is suitable for
the distillation of very small quantities of a mixture. A micro crucible or a micro
centrifuge tube may be employed as a receiver.
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U UL

Fig. I1.59

In Chapters III, IV and VII the experimental details are given for the detection
of a number of ions by spot tests. The sensitivities given are, as a general rule,
for a solution containing only the ion in question. It must be remembered that
this is the most favourable case, and that in actual practice the presence of other
ions usually necessitates a modification of the procedure which is frequently
indicated, and which, more often than not, involves a loss of sensitivity. Almost
without exception each test is subject to interference from the presence of other
ions, and the possibility of these interferences occurring must be taken into
consideration when a test is applied. Furthermore, the sensitivities when deter-
mined upon drop-reaction paper will depend upon the type of paper used. The
figures given in the text have been obtained largely with the Schleicher and
Schuell spot paper: substantially similar results are given by the equivalent
Whatman papers.

It is important to draw attention to the difference between the terms ‘specific’
and ‘selective’ when used in connection with reagents or reactions. Reactions
(and reagents), which under the experimental conditions employed are indicative
or one substance (or ion) only are designated as specific, whilst those reactions
(and reagents) which are characteristic of a comparatively small number of
substances are classified as selective. Hence we may describe reactions (or
reagents) as having varying degrees of selectivity; however, a reaction (or
reagent) can be only specific or not specific.
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CHAPTER Il REACTIONS OF THE CATIONS

I11.1 CLASSIFICATION OF CATIONS (METAL IONS) INTO ANALYTI-
CAL GROUPS For the purpose of systematic qualitative analysis, cations
are classified into five groups on the basis of their behaviour against some
reagents. By the systematic use of these so-called group reagents we can decide
about the presence or absence of groups of cations, and can also separate these
groups for further examination. Systematic qualitative analysis by separations
will be dealt with extensively in Chapter V, but the reactions of cations will be
dealt with here according to the order defined by this group system. Apart from
being the traditional way of presenting the material, it makes the study of these
reactions easier because ions of analogous behaviour are dealt with within one
group.

The group reagents used for the classification of most common cations are
hydrochloric acid, hydrogen sulphide, ammonium sulphide, and ammonium
carbonate. Classification is based on whether a cation reacts with these reagents
by the formation of precipitates or not. It can therefore be said that classifi-
cation of the most common cations is based on the differences of solubilities of
their chlorides, sulphides, and carbonates.

The five groups of cations and the characteristics of these groups are as
follows:

Group I Cations of this group form precipitates with dilute hydrochloric acid.
Tons of this group are lead, mercury(I), and silver.

Group II The cations of this group do not react with hydrochloric acid, but
form precipitates with hydrogen sulphide in dilute mineral acid medium. Ions
of this group are mercury(Il), copper, bismuth, cadmium, arsenic(III), arsenic(V),
antimony(III), antimony(V), tin(IT), and tin(ITN)(IV). The first four form the sub-
group Ila and the last six the sub-group IIb. While sulphides of cations in
Group Ila are insoluble in ammonium polysulphide, those of cations in Group
IIb are soluble.

Group 111 Cations of this group do not react either with dilute hydrochloric
acid, or with hydrogen sulphide in dilute mineral acid medium. However they
form precipitates with ammonium sulphide in neutral or ammoniacal medium.
Cations of this group are cobalt(IT), nickel(II), iron(II), iron(III), chromium(III),
aluminium, zinc, and manganese(II).
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Group 1V Cations of this group do not react with the reagents of Groups I,
I1, and III. They form precipitates with ammonium carbonate in the presence
of ammonium chloride in neutral or slightly acidic medium. Cations of this
group are: calcium, strontium, and barium.

Some systems of group classification exclude ammonium chloride besides
ammonium carbonate as the group reagent; in such cases magnesium must also
be included in this group. Since, however, in the course of systematic analysis
considerable amounts of ammonium chloride will be present when the cations
of the fourth group are to be precipitated, it is more logical not to include
magnesium into Group IV.

Group V Common cations, which do not react with reagents of the previous
groups, form the last group of cations, which include magnesium, sodium,
potassium, ammonium, lithium, and hydrogen ions.

This group system of cations can be extended to include less common ions
as well. Classification of these ions, together with their reactions will be given
in Chapter VII.

111.2 NOTES ON THE STUDY OF THE REACTIONS OF IONS When
studying the reactions of ions, experimental techniques described in Chapter II
should be applied. The reactions can be studied both in macro and semimicro
scale, and the majority of the reactions can be applied as a spot test as well.
Hints on the preparation of reagents are given in the Appendix of this book.
The reagents are listed there in alphabetical order, with notes on their stability.
Most reagents are poisonous to some extent, and should therefore be handled
with care. Those reagents which are exceptionally poisonous or hazardous
must be specially labelled and must be used with utmost care. In the list of
reactions these reagents will be marked as (POISON) or (HAZARD). One
should not use these reagents when working alone in a laboratory; the super-
visor or a colleague should always be notified before using them.

The concentration of reagents is in most cases chosen to be molar, meaning
that it is easy to calculate the relative volumes of the reactant and the reagent
needed to complete the reaction. It is not advisable to add the calculated amount
of reagent at once to the solution (cf. Chapter II), but the final amount should
be equal or more than the equivalent. In some cases it is impossible or impracti-
cal to prepare a M reagent; thus 0-5 or even 0- 1M reagents have to be used some-
times. It is easy to predict the volume of a particular reagent needed to complete
the reaction from the concentrations. Acids and bases are applied mostly in
2M concentrations in order to avoid unnecessary dilution of the mixture.

Taking notes when studying these reactions is absolutely necessary for a
student. A logical, clear way of making notes is essential. Although it would be
wrong to copy the text of this book, it is important to note (a) the reagent, and
any special experimental circumstances applied when performing the test,
(b) the changes observed, and (c) the equation of the reaction or some other
explanation of what had happened. A useful way of making notes is the
following. The left page of an open notebook is divided into two equal sections
by a vertical line. The left column can be headed ‘TEST’ and should contain
a brief description of the test itself, including the reagent and experimental
circumstances. The second column (still on the left-hand page), headed
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‘OBSERVATION’ should contain the visible change which occurred when
carrying out the test. Finally, the entire right-hand page should be reserved
for ‘EXPLANATION’, where the reaction equation can be entered. A typical
page of a notebook containing some of the reactions of lead(II) ions is shown
on Table III.1. It is also advisable to summarize reactions within one group in
the form of tables, as shown on Table IT1.2 for the first group of cations.

The column ‘TEST’ should be made up before making the actual experiments.
When writing this up, the student will be able to devise his experiments and to
make best use of the time available in the laboratory. The ‘OBSERVATION’
column should be filled when actually making the experiments, while the
‘EXPLANATION’ page should be made up after leaving the laboratory.
Finally, the reaction tables should be made up, when the reactions of the
particular group have been studied and explained. This systematic way of study
enables us to devote precious laboratory time entirely to experiments, and, by
dealing with the one particular reaction altogether four times, helps the student
actually to learn the subject as well.

ITI1.3 FIRST GROUP OF CATIONS: LEAD(II)), MERCURY(I), AND
SILVER(])

Group reagent : dilute (2M) hydrochloric acid.

Group reaction: white precipitate of lead chloride PbCl,, mercury(I)
chloride Hg,Cl,, and silver chloride AgCl.

Cations of the first group form insoluble chlorides. Lead chloride, however,
is slightly soluble in water and therefore lead is never completely precipitated
when adding dilute hydrochloric acid to a sample; the rest of the lead ions are
quantitatively precipitated with hydrogen sulphide in acidic medium together
with the cations of the second group.

Nitrates of these cations are very soluble. Among sulphates lead sulphate is
practically insoluble, while silver sulphate dissolves to a much greater extent.
The solubility of mercury(I) sulphate lies in between. Bromides and iodides are

Table III.1 One page of a laboratory notebook

Test Observation Explanation
Group 1 Pb%*
1. HCI white ppt. Pb2* +2CI~ - PbCl,|
+NH, no change no ammine complexes (but Pb(OH),|)
+ hot water dissolves 33-4 g PbCl, dissolves per litre at 100°C
2. H,S(+HCQCl black ppt. Pb?*H,S —» PbS|+2H*
+conc. HNO, white ppt. 3PbS| + 8HNO; — 3Pb?* +2NO1+4H,0+ 38|
+boiling white ppt. (different) S| +2HNO; —» SO3™ +2H* +2NO?
Pb%* +S0%~ — PbSO,|
3. NH, white ppt. Pb%* +2NH, + 2H,0 - Pb(OH),| +2NH}
+ excess no change Pb2* does not form ammine complexes
4, NaOH white ppt. Pb2* +20H™ — Pb(OH),|
+excess dissolves Pb(OH),| +20H" = [Pb(OH),]*"
Pb(OH),: amphoteric
5. KI yellow ppt. Pb2* 421" — Pbl,|
+ excess no change no iodo complexes
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Table III.2 Tabulating reactions of Group I cations

sz + Hg§ + Ag+
HCl white PbCl, | white Hg,Cl,| white AgCl|
+NH no change black Hg| + HgNH,Cl| dissolves
+ hot water dissolves no change [Ag(NH,),]*
no change
H,S(+HCl) black PbS| black Hg| + HgS| black Ag,S|
+ccHNO;, boiling  white PbSO, | white Hg,(NO,),S| dissolves Ag™*
NH;, smallamounts  white Pb(OH), | black brown Ag,0|
+ excess no change Hg| + HgO,HgNH,NO, | dissolves
no change [Ag(NH,),]*
NaOH, white Pb(OH), | black, Hg,0| brown, Ag,0|
small amounts dissolves no change no change
+ excess [Pb(OH),]*~
K1, small amounts yellow Pbl,| green Hg,1,| yellow Agl|
+ excess no change grey Hg| +[Hgl, ]*~ no change
K,CrO, yellow PbCrO, | red Hg,CrO, | red Ag,CrO,|
+NH, no change black Hg| + HgNH,NO,| dissolves
[Ag(NH,),]*
KCN, smallamounts white Pb(CN), | black Hg| + Hg(CN), white AgCN|
+excess no change no change dissolves
[Ag(CN), ]~
Na,CO, white PbO.PbCO,| yellowish-white yellowish-white
+ boiling no change Hg,CO,| Ag,CO,;|
black Hg| + HgO| brown Ag,0|
Na,HPO, white Pb;(PO,),| white Hg,HPO, | yellow Ag,PO,|
Specific reaction Benzidine (+ Br,) Diphenyl carbazide p-dimethylamino-
blue colour violet colour benzylidene-
rhodanine
(+HNO,)

violet colour

also insoluble, though precipitation of lead halides is incomplete, and the
precipitates dissolve quite easily in hot water. Sulphides are insoluble. Acetates
are more soluble, though silver acetate might be precipitated from more con-
centrated solutions. Hydroxides and carbonates are precipitated with an
equivalent amount of the reagent, an excess however might act in various ways.
There are differences in their behaviour towards ammonia as well.

I11.4 LEAD, Pb (A4,: 207-19) Lead is a bluish-grey metal with a high density
(11-48 gml~! at room temperature). It readily dissolves in medium concen-
trated nitric acid (8M), and nitrogen oxide is formed also:

3Pb+8HNO, — 3Pb2* + 6NOj +2NO? +4H,0

The colourless nitrogen oxide gas, when mixed with air, is oxidized to red
nitrogen dioxide:

2NO17(colourless)+ 0,7 —» 2NO,(red)

With concentrated nitric acid a protective film of lead nitrate is formed on the
surface of the metal and prevents further dissolution. Dilute hydrochloric or
sulphuric acid have little effect owing to the formation of insoluble lead chloride
or sulphate on the surface.
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Reactions of lead(11) ions A solution of lead nitrate (0:25M) or lead acetate
(0-25M) can be used for the study of these reactions.

1. Dilute hydrochloric acid (or soluble chlorides): a white precipitate in cold
and not too dilute solution:

Pb2* +2C1- 2 PbCl,]

The precipitate is soluble in hot water (33-4 g £~ ! at 100°C while only
99 g £~' at 20°C), but separates again in long, needle-like crystals when
cooling. It is also soluble in concentrated hydrochloric acid or concentrated
potassium chloride when the tetrachloroplumbate(II) ion is formed:

PbClzl +2C1_ b d [PbCl4]2_
If the precipitate is washed by decantation and dilute ammonia is added, no

visible change occurs [difference from mercury(I) or silver ions], though a
precipitate-exchange reaction takes place and lead hydroxide is formed:

PbCl,| +2NH, +2H,0 — Pb(OH),| +2NH;} +2C1-

2. Hydrogen sulphide in neutral or dilute acid medium: black precipitate of
lead sulphide:
Pb2* +H,S —» PbS|+2H*

Precipitation is incomplete if strong mineral acids are present in more than
2M concentration. Because hydrogen ions are formed in the above reaction, it is
advisable to buffer the mixture with sodium acetate.

Introducing hydrogen sulphide gas into a mixture which contains white lead
chloride precipitate, the latter is converted into (black) lead sulphide in a
precipitate-exchange reaction:

PbCl,| +H,S —» PbS|+2H™* +2C1~
If the test is carried out in the presence of larger amounts of chloride

[potassium chloride (saturated)], initially a red precipitate of lead sulpho-
chloride is formed when introducing hydrogen sulphide gas:

2Pb2* +H,S+2C1~ - Pb,SCl,| +2H*

This however decomposes on dilution (a) or on further addition of hydrogen
sulphide (b) and black lead sulphide precipitate is formed:

Pb,SCl,] —» PbS| +PbCl, | (a)
Pb,SCl,| +H,S - 2PbS| +2C1~ (b)
Lead sulphide precipitate decomposes when concentrated nitric acid is added,
and white, finely divided elementary sulphur is precipitated:
3PbS| +8HNO; — 3Pb** + 6NOj3 +3S| +2NO?1 +4H,0

If the mixture is boiled, sulphur is oxidized by nitric acid to sulphate (a),
which forms immediately white lead sulphate precipitate (b) with the lead ions
in the solution: :

S| +2HNO, - SO2™ +2H* +2NO1 (a)
Pb%* +S02%~ - PbSO,| (b)
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Boiling lead sulphide with hydrogen peroxide (3 %), the black precipitate
turns white owing to the formation of lead sulphate:

PbS| +4H,0, — PbSO, | +4H,0

The great insolubility of lead sulphide in water (4-9 x 107! g £7!) explains
why hydrogen sulphide is such a sensitive reagent for the detection of lead, and
why it can be detected in the filtrate from the separation of the sparingly soluble
lead chloride in dilute hydrochloric acid.

Note: Hydrogen sulphide is a highly poisonous gas, and all operations with
the gas must be conducted in the fume chamber. Every precaution must be
observed to prevent the escape of hydrogen sulphide into the air of the laboratory.

3. Ammonia solution: white precipitate of lead hydroxide
Pb%* +2NH; +2H,0 — Pb(OH),| +2NH}

The precipitate is insoluble in excess reagent.

4. Sodium hydroxide: white precipitate of lead hydroxide
Pb2* +20H™ - Pb(OH),|
The precipitate dissolves in excess reagent, when tetrahydroxoplumbate(II)
ions are formed:
Pb(OH),| +20H~ — [Pb(OH),]*"
Thus, lead hydroxide has an amphoteric character.
Hydrogen peroxide (a) or ammonium peroxodisulphate (b), when added to

a solution of tetrahydroxoplumbate(IT) forms a black precipitate of lead dioxide
by oxidizing bivalent lead to the tetravelent state:

[Pb(OH),]*>~ + H,0, —» PbO,| +2H,0+20H" ()
[Pb(OH),]>~ +S,0%™ — PbO,| +2H,0+2S02" (b)

5. Dilute sulphuric acid (or soluble sulphates) : white precipitate of lead sulphate:
Pb%* +S02~ — PbSO,|

The precipitate is insoluble in excess reagent. Hot, concentrated sulphuric acid
dissolves the precipitate owing to formation of lead hydrogen sulphate:

PbSO, | + H,SO, — Pb?* +2HSO;

Solubility is much lower in the presence of ethanol.

Lead sulphate precipitate is soluble in more concentrated solutions of
ammonium acetate (10M) (a) or ammonium tartrate (6M) (b) in the presence of
ammonia, when tetraacetateplumbate(II) and ditartratoplumbate(II) ions are
formed:

PbSO,| +4CH,COO~ — [Pb(CH;CO0),]** +S03"~ (a)

PbSO, | +2C,H,0%~ - [Pb(C,H,O04),]>” +S0O3" (b)

The stabilities of these complexes are not very great; chromate ions, for
example, can precipitate lead chromate from their solution.
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When boiled with sodium carbonate the lead sulphate is transformed into
lead carbonate in a precipitate-exchange reaction:

PbSO, | +CO2~ — PbCO,| +S02"

By washing the precipitate by decantation with hot water, sulphate ions can
be removed and the precipitate will dissolve in dilute nitric acid

PbCO,|+2H* - Pb** +H,0+CO,1
6. Potassium chromate in neutral, acetic acid or ammonia solution: yellow
precipitate of lead chromate
Pb2* +CrO;~ — PbCrO,|
Nitric acid (a) or sodium hydroxide (b) dissolve the precipitate:
2PbCrO,| +2H* 2 2Pb** +Cr,02~ +2H,0 (a)
PbCrO,| +40H™ 2 [Pb(OH),]*>~ +CrO3" (b)
Both reactions are reversible; by buffering the solution with ammonia or
acetic acid respectively, lead chromate precipitates again.
7. Potassium iodide : yellow precipitate of lead iodide
Pb2* +2I" — Pbl,|

The precipitate is moderately soluble in boiling water to yield a colourless
solution, from which it separates on cooling in golden yellow plates.

An excess of a more concentrated (6M) solution of the reagent dissolves the
precipitate and tetraiodoplumbate(II) ions are formed:

Pbl,| +2I~ 2 [Pbl,]?"

The reaction is reversible; on diluting with water the precipitate reappears.

8. Sodium sulphite in neutral solution : white precipitate of lead sulphite
Pb%* +S03~ — PbSO;|

The precipitate is less soluble than lead sulphate, though it can be dissolved
by both dilute nitric acid (a) and sodium hydroxide (b).

PbSO,|+2H* - Pb%* +H,0+S0,1 (a)
PbSO, | +40H~ — [Pb(OH),]?~ + SO2" (b)
9. Sodium carbonate: white precipitate of a mixture of lead carbonate and lead
hydroxide
2Pb?* +2C03™ +H,0 - Pb(OH),| +PbCO;| +CO,1

On boiling no visible change takes place [difference from mercury(I) and
silver(I) ions]. The precipitate dissolves in dilute nitric acid and even in acetic
acid and CO, gas is liberated:

Pb(OH), | + PbCO, | +4H* — 2Pb?* +3H,0+CO,1

10. Disodium hydrogen phosphate: white precipitate of lead phosphate
3Pb%* +2HPO2Z™ 2 Pb,(PO,),| +2H*
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The reaction is reversible; strong acids (nitric acid) dissolve the precipitate.
The precipitate is also soluble in sodium hydroxide.

11. Potassium cyanide (POISON): white precipitate of lead cyanide
Pb%* +2CN~ — Pb(CN),|

which is insoluble in the excess of the reagent. This reaction can be used to
distinguish lead(Il) ions from mercury(I) and silver(I), which react in different
ways.

12. Tetramethyldiamino-diphenylmethane (or ‘tetrabase’) (0-5%;)

a blue oxidation product {hydrol: —CH, - —CH(OH)} is formed under the
conditions given below.

Place 1 ml test solution in a 5 ml centrifuge tube, add 1 ml 2M potassium
hydroxide and 0-5-1 ml 3 per cent hydrogen peroxide solution. Allow to stand
for 5 minutes. Separate the precipitate by centrifugation, and wash once with
cold water. Add 2 ml reagent, shake and centrifuge. The supernatant liquid is
coloured blue.

The ions of bismuth, cerium, manganese, thallium, cobalt, and nickel give a
similar reaction: iron and large quantities of copper interfere.

Concentration limit: 1 in 10,000.

13. Benzidine (0-05 %) (DANGER: THE REAGENT IS CARCINOGENIC)

the so-called ‘benzidine blue’ is produced upon oxidation with lead dioxide.
The ions of bismuth, cerium, manganese, cobalt, nickel, silver, and thallium
give a similar reaction, but by performing the test in an alkaline extract (i.e. with
a tetrahydroxoplumbate(II) solution), only thallium interferes. Oxidation is
conveniently carried out by sodium hypobromite; the excess of the latter is
destroyed by ammonia [2NH; +30Br~ — N, +3Br™ +3H,0].

Place a drop of the test solution upon drop-reaction paper, and treat succes-
sively with 2 drops 3M sodium hydroxide and 1 drop saturated bromine water.
Add 2 drops 1:1 ammonia solution; remove the excess ammonia by waving the
paper over a small flame. Add 2 drops reagent: a blue colour develops.

Sensitivity: 1 pg Pb. Concentration limit: 1 in 50,000.

14. Gallocyanine (1°%)

COOH

N
LI
(o} O N(CH,),.HCl
OH
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deep-violet precipitate of unknown composition. The test is applicable to
finely divided lead sulphate precipitated on filter paper.

Place a drop of the test solution upon drop-reaction paper, followed by a
drop each of 1 per cent aqueous pyridine and the gallocyanine reagent (blue).
Remove the excess of the reagent by placing several filter papers beneath the
drop-reaction paper and adding drops of the pyridine solution to the spot until
the wash liquid percolating through is colourless; move the filter papers to a
fresh position after each addition of pyridine. A deep violet spot is produced.

Sensitivity: 1-6 pg Pb. Concentration limit: 1 in 50,000.

In the presence of silver, bismuth, cadmium, or copper, proceed as follows.
Transfer a drop of the test solution to a drop-reaction paper and add a drop of
M sulphuric acid to fix the lead as lead sulphate. Remove the soluble sulphates
of the other metals by washing with about 3 drops of M sulphuric acid, followed
by a little 96 per cent ethanol. Dry the paper on a water bath, and then apply
the test as detailed above.

15. Diphenylthiocarbazone (or Dithizone) (0-005%;)

NH.NHCGH;

SC

N
N=NC,H;

brick-red complex salt in neutral, ammoniacal, alkaline, or alkalicyanide
solution.

Place | ml of the neutral or faintly alkaline solution in a micro test-tube,
introduce a few small crystals of potassium cyanide, and then 2 drops of the
reagent. Shake for 30 seconds. The green colour of the reagent changes to red.

Sensitivity: 01 pg Pb (in neutral solution). Concentration limit: 1 in
1,250,000.

Heavy metals (silver, mercury, copper, cadmium, antimony, nickel, and
zinc, etc.) interfere, but this effect may be eliminated by conducting the reaction
in the presence of much alkali cyanide: excess of alkali hydroxide is also required
for zinc. The reaction is extremely sensitive, but it is not very selective.

The reagent is prepared by dissolving 2-5 mg dithizone in 100 ml carbon
tetrachloride or chloroform. It does not keep well.

16. Drytests a.Blowpipe test. When a lead salt is heated with alkali carbonate
upon charcoal, a malleable bead of lead, (which is soft and will mark paper),
surrounded with a yellow incrustation of lead monoxide is obtained.

b. Flame test. Pale blue (inconclusive).

III.5 MERCURY, Hg (4,: 200-:59) - MERCURY(I) Mercury is a silver-
white, liquid metal at ordinary temperatures and has a density of 13-534 g ml~!
at 25°C. It is unaffected when treated with hydrochloric or dilute sulphuric
acid (2m), but reacts readily with nitric acid. Cold, medium concentrated (8M)
nitric acid with an excess of mercury yields mercury(I) ions:

6Hg+8HNO, — 3Hg}* +2NO1 +6NO; +4H,0
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with an excess of hot concentrated nitric acid mercury(Il) ions are formed:
3Hg+8HNO, — 3Hg?* +2NO% +6NOj; +4H,0

Hot, concentrated sulphuric acid dissolves mercury as well. The product is
mercury(I) ion if mercury is in excess

2Hg+2H,S0, —» Hg3* +S02%™ +S0,1+2H,0
while if the acid is in excess, mercury(II) ions are formed:
Hg+2H,S0, —» Hg?* +S02~ +S0,1+2H,0

The two ions, mercury(I) and mercury(II) behave quite differently against
reagents used in qualitative analysis, and hence belong to two different analytical
groups. Mercury(I) ions belong to the first group of cations, their reactions will
therefore be treated here. Mercury(II) ions, on the other hand, are in the second
cation group; their reactions will therefore be dealt with later, together with the
other members of that group.

Reactions of mercury(1) ions A solution of mercury(l) nitrate (0-05M) can be
used for the study of these reactions.

1. Dilute hydrochloric acid or soluble chlorides: white precipitate of mercury(I)
chloride (calomel)

Hg2* +2C1- - Hg,Cl,]

The precipitate is insoluble in dilute acids.
Ammonia solution converts the precipitate into a mixture of mercury(II)
amidochloride and mercury metal, both insoluble precipitates:

Hg,Cl, + 2NH, — Hg| + Hg(NH,)Cl| + NH} +CI-

the reaction involves disproportionation, mercury(I) is converted partly to
mercury(II) and partly to mercury metal. This reaction can be used to differen-
tiate mercury(I) ions from lead(II) and silver(I).

The mercury(I) amidochloride is a white precipitate, but the finely divided
mercury makes it shiny black. The name calomel, coming from Greek (kaov
uedoo = nice black) refers to this characteristic of the originally white mercury(I)
chloride precipitate.

Mercury(I) chloride dissolves in aqua regia, forming undissociated but
soluble mercury(II) chloride:

3Hg,Cl,| +2HNO; + 6HC] —» 3HgCl, +2NOT +4H,0
2. Hydrogen sulphide in neutral or dilute acid medium : black precipitate, which
is a mixture of mercury(Il) sulphide and mercury metal

HgZ* +H,S - Hg| +HgS| +2H"

Owing to the extremely low solubility product of mercury(II) sulphide the
reaction is very sensitive.

Sodium sulphide (colourless), dissolves the mercury(II) sulphide (but leaves
mercury metal) and a disulphomercurate(IT) complex is formed:

HgS+S2~ — [HgS,]*"
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After removing the mercury metal by filtration, black mercury(II) sulphide
can again be precipitated by acidification with dilute mineral acids:
[HgS,]*” +2H* —» HgS| +H,S?t
Sodium disulphide (yellow) dissolves both mercury and mercury(II) sulphide:
HgS|+Hg| +383 — 2[HgS,]*” +S%~

This rather complicated reaction can be understood more easily by breaking
it down into the following steps:

First mercury is oxidized by the disulphide, yielding mercury(II) sulphide and
(mono)sulphide ions:

Hg|+S3~ — HgS|+ 8%~ (a)
Mercury(II) sulphide then dissolves in the (mono) sulphide formed in the
previous reaction

HgS|+S?~ - [HgS,]*" (b)

Mercury(II) sulphide, which was originally present in the precipitate, reacts
with disulphide ions yielding disulphomercurate(II) and trisulphide ions:

HgS+282~ — HgS%™ +8%" ©

Combining the reactions (a), (b) and (c) together we obtain the reaction
described above.

Aqua regia dissolves the precipitate, yielding undissociated mercury(II)
chloride and sulphur:

12HC1+4HNO, + 3Hg| + 3HgS| = 6HgCl,+ 38| +4NOT +8H,0

This reaction can be understood as the sum of the following steps:
When making up aqua regia chlorine atoms are formed:

3HC1+HNO, — 3C1+NO1+2H,0 (a)
These react partly with mercury, forming mercury(1I) chloride:

Hg|+2Cl - Hg(Cl, (b)
Another part of chlorine reacts with mercury(II) sulphide

HgS|+2Cl - HgCl, +8] (©)

Combination of 4(a)+ 3(b)+ 3(c) yields the equation
12HC1+4HNO, +3Hg| + 3HgS| = 6HgCl, +3S]|+4NO1+8H,0

When heated with aqua regia, sulphur is oxidized to sulphuric acid and the
solution becomes clear:

S| +6HCI+2HNO,; —» S3~ +6Cl~ +8H* +2NO1

3. Ammonia solution: black precipitate which is a mixture of mercury metal
and basic mercury(I) amidonitrate, (which itself is a white precipitate)

/NH2
2Hg2* +NOj +4NH, + H,0 — HgO.Hg | +2Hg| +3NH}
AN

NO,
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LS QUALITATIVE INORGANIC ANALYSIS

This reaction can be used to differentiate between mercury(I) and mercury(II)
ions.

4. Sodium hydroxide : black precipitate of mercury(I) oxide
Hg?* +20H- - Hg,0/+H,0

The precipitate is insoluble in excess reagent, but dissolves readily in dilute
nitric acid.

When boiling, the colour of the precipitate turns to grey, owing to dis-
proportionation, when mercury(IT) oxide and mercury metal are formed:

Hg,0| —» HgO| +Hg|
5. Potassium chromate in hot solution: red crystalline precipitate of mercury(I)
chromate

Hg?* +CrO2- - Hg,CrO,|

If the test is carried out in cold, a brown amorphous precipitate is formed
with an undefined composition. When heating the precipitate turns to red,
crystalline mercury(I) chromate.

Sodium hydroxide turns the precipitate into black mercury(I) oxide:

Hg,CrO,|+20H™ — Hg,0]+Cr0O;™ +H,0
6. Potassium iodide, added slowly in cold solution : green precipitate of mercury(I)
iodide '

Hgi* +2I" - Hg,l,|

If excess reagent is added a disproportionation reaction takes place, soluble
tetraiodomercurate(II) ions and a black precipitate of finely divided mercury
being formed:

Hg,l,| +2I" — [Hgl,]*~ +Hgl|

When boiling the mercury(I) iodide precipitate with water, disproportionation
again takes place, and a mixture of red mercury(II) iodide precipitate and finely
distributed black mercury is formed:

Hg,I,| — Hgl,| +Hg|

7. Sodium carbonate in cold solution : yellow precipitate of mercury(I) carbonate:
Hg3* +CO3™ — Hg,CO;

The precipitate turns slowly to blackish grey, when mercury(II) oxide and
mercury are formed:

The decomposition can be speeded up by heating the mixture.

8. Disodium hydrogen phosphate: white precipitate of mercury(I) hydrogen
phosphate:

Hg2* + HPO2- — Hg,HPO,|
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9. Potassium cyanide (POISON) produces mercury(II) cyanide solution and
mercury precipitate :

Hg3* +2CN~ - Hg|+Hg(CN),
Mercury(II) cyanide, though soluble, is practically undissociated.

10. Tin(II) chloride reduces mercury(I) ions to mercury metal, which appears
in the form of a greyish-black precipitate:

Hg2* +Sn?* - 2Hg| + Sn**

Mercury(Il) ions react in a similar way.

11. Potassium nitrite reduces mercury metal from a solution of mercury(I) ions
in cold, in the form of a greyish-black precipitate:

Hg2* +NO; +H,0 —» 2Hg| +NOj; +2H*

Under similar circumstances mercury(IT) ions do not react. The spot test
technique is as follows. Place a drop of the faintly acid test solution upon drop-
reaction paper and add a drop of 50 per cent potassium nitrite solution. A black
(or dark grey) spot is produced. The test is highly selective. Coloured ions yield
a brown colouration which may be washed away, leaving the black spot.

12. Glossy copper sheet or copper coin 1f a drop of mercury(I) nitrate is placed
on a glossy copper surface, a deposit of mercury metal is formed:
Cu+Hgi* —» Cu?* +2Hg|

Rinsing, drying, and rubbing the surface with a dry cloth, a glittery, silverish
spot is obtained. Heating the spot in a Bunsen-flame, mercury evaporates and
the red copper surface becomes visible again. Mercury(II) solutions react in a
similar way.

13. Aluminium sheet If a drop of mercury(I) nitrate is placed on a clean alu-
minium surface, aluminium amalgam is formed and aluminium ions pass into
solution:

3HgZ* +2Al - 2A13* 4+ 6Hg|

The aluminium which is dissolved in the amalgam is oxidized rapidly by the
oxygen of the air and a voluminous precipitate of aluminium hydroxide is
formed. The remaining mercury amalgamates a further batch of aluminium,
which again is oxidized, thus considerable amounts of aluminium get corroded.

14 Diphenylcarbazide (1%, in alcohol)
NH-—-NH
/
C=0
AN
NH-—-NH

forms a violet-coloured compound with mercury(I) or mercury(Il) ions, the
composition of which is not quite understood. In the presence of 0-2M nitric
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III.6  QUALITATIVE INORGANIC ANALYSIS

acid the test is selective for mercury. Under these circumstances the sensitivity
is | pg Hg3* or Hg?* with a concentration limit of | in 5 x 10%,

Drop test: Impregnate a piece of filter paper with the freshly prepared
reagent. Add 1 drop 0-4M nitric acid, and on top of the latter one drop of the
test solution. In the presence of mercury a violet colour is observable. The test
is most sensitive if the filter paper is left to dry at room temperature.

15. Dry test. All compounds of mercury when heated with a large excess (7-8
times the bulk) of anhydrous sodium carbonate in a small dry test-tube yield a
grey mirror, consisting of fine drops of mercury, in the upper part of the tube.
The globules coalesce when they are rubbed with a glass rod.

Note: Mercury vapour is extremely poisonous, and not more than 01 gram
of the substance should be used in the test.

II1.6 SILVER, Ag (A4,: 107-868) Silver is a white, malleable, and ductile
metal. It has a high density (10-5 g ml~!) and melts at 960-5°C. It is insoluble in
hydrochloric, dilute sulphuric (M) or dilute nitric (2mM) acid. In more concen-
trated nitric acid (8M) (a) or in hot, concentrated sulphuric acid (b) it dissolves:

6Ag+8HNO; — 6Ag* +2NOT +6NO;3 +4H,0 (a)
2Ag+2H,S0, — 2Ag* +S02™ +S0,1+2H,0 (b)

Silver forms monovalent ion in solution, which is colourless. Silver(I) com-
pounds are unstable, but play an important role in silver-catalysed oxidation-
reduction processes. Silver nitrate is readily soluble in water, silver acetate,
nitrite and sulphate are less soluble, while all the other silver compounds are
practically insoluble. Silver complexes are however soluble. Silver halides are
sensitive to light; these characteristics are widely utilized in photography.

Reactions of silver(I) ions A solution of silver nitrate (0-1M) can be used to
study these reactions.

1. Dilute hydrochloric acid (or soluble chlorides): white precipitate of silver
chloride

Ag*+CI~ —» AgCl|
With concentrated hydrochloric acid precipitation does not occur. Decanting

the liquid from over the precipitate, it dissolves in concentrated hydrochloric
acid, when a dichloroargentate complex is formed:

AgCl]+Cl™ 2 [AgCl,]~

By diluting with water, the equilibrium shifts back to the left and the precipitate
reappears.

Dilute ammonia solution dissolves the precipitate, when diammineargentate
complex ion is formed:

AgCl| +2NH, — [Ag(NH,),]* +CI-

Dilute nitric acid or hydrochloric acid neutralizes the excess ammonia, and
the precipitate reappears because the equilibrium is shifted back towards the
left.

204



REACTIONS OF CATIONS IIL6

Potassium cyanide (POISON) dissolves the precipitate with formation of
the dicyanoargentate complex:

AgCl| +2CN~ - [Ag(CN),]” +CI”

The safest way to study this reaction is as follows: decant the liquid from the
precipitate, and wash it 2-3 times with water by decantation. Then apply the
reagent.

Sodium thiosulphate dissolves the precipitate with the formation of dithio-
sulphatoargentate complex:

AgCll +2S20§_ d [Ag(SZO3)2]3_ +Cl_

This reaction takes place when fixing photographic negatives or positive prints
after development.

Sunlight or ultraviolet irradiation decomposes the silver chloride precipitate,
which turns to greyish or black owing to the formation of silver metal:

2AgC1 V), 5 ag) 4 Clyt

The reaction is slow and the actual reaction mechanism is very complicated.
Other silver halides show similar behaviour. Photography is based on these
reactions. In the camera these processes are only initiated; the photographic
material has to be ‘developed’ to complete the reaction. Greyish or black silver
particles appear on places irradiated by light; a ‘negative’ image of the object
is therefore obtained. The excess of silver halide has to be removed (to make
the developed negative insensitive to light) by fixation.

2. Hydrogen sulphide (gas or saturated aqueous solution) in neutral or acidic
medium : black precipitate of silver sulphide
2Ag* +H,S - Ag,S|+2H*

Hot concentrated nitric acid decomposes the silver sulphide, and sulphur
remains in the form of a white precipitate:

3Ag,S|+8HNO,; — S| +2NOt1+6Ag* + 6NOj +4H,0
The reaction can be understood better if written in two steps:

3Ag,S|+2HNO; —» S| +2NO1+3Ag,0] +H,0

3Ag,0]|+6HNO, —» 6Ag* +6NO3 +3H,0

If the mixture is heated with concentrated nitric acid for a considerable time,
sulphur is oxidized to sulphate and the precipitate disappears:

S|+2HNO; —» SO%~ +2NOt +2H*

The precipitate is insoluble in ammonium sulphide, ammonium polysulphide,
ammonia, potassium cyanide, or sodium thiosulphate. Silver sulphide can be
precipitated from solutions containing diammine-, dicyanato- or dithiosulphato-
argentate complexes with hydrogen sulphide.

3. Ammonia solution: brown precipitate of silver oxide

2Ag* +2NH, + H,0 — Ag,0| +2NH;
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The reaction reaches an equilibrium and therefore precipitation is incomplete
at any stage. (If ammonium nitrate is present in the original solution or the
solution is strongly acidic no precipitation occurs.) The precipitate dissolves in
excess of the reagent, and diammineargentate complex ions are formed:

Ag,0!+4NH,+H,0 - 2[Ag(NH,),]* +20H"

The solution should be disposed of quickly, because when set aside silver
nitride Ag,N precipitate is formed, which explodes readily even in a wet form.

4. Sodium hydroxide : brown precipitate of silver oxide:

2Ag* +20H™ - Ag,0|+H,0
A well-washed suspension of the precipitate shows a slight alkaline reaction
owing to the hydrolysis equilibrium:

Ag,0] +H,0 2 2Ag(OH),| =2 2Ag* +20H"

The precipitate is insoluble in excess reagent.
The precipitate dissolves in ammonia solution (a) and in nitric acid (b):

Ag,0| +4NH, + H,0 — 2[Ag(NH,),]* +20H" (@)
Ag,0|+2H* - 2Ag* +H,0 (b)

5. Potassium iodide : yellow precipitate of silver iodide
Agt+1" - Agl|
The precipitate is insoluble in dilute or concentrated ammonia, but dissolves
readily in potassium cyanide (POISON) (a) and in sodium thiosulphate(b):
Agl+2CN~ - [Ag(CN),]™ +1I° (a)
Agl+28,05™ - [Ag(S,05),]>" +17 (b)

6. Potassium chromate in neutral solution: red precipitate of silver chromate
2Ag* +CrOZ™ - Ag,CrO,]

Spot test: place a drop of the test solution on a watch glass or on a spot
plate, add a drop of ammonium carbonate solution and stir (this renders any
mercury(I) or lead ions unreactive by precipitation as the highly insoluble
carbonates). Remove one drop of the clear liquid and place it on drop-reaction
paper together with a drop of the potassium chromate reagent. A red ring of
silver chromate is obtained.

The reaction can be used for microscopic test, when a piece of potassinm
chromate crystal has to be dropped into the test solution. The formation of
needle-like red crystals of silver chromate can be observed distinctly.

The precipitate is soluble in dilute nitric acid (a) and in ammonia solution (b):

2Ag,CrO,| +2H* 2 4Ag* +Cr,02~+H,0 (a)
Ag,CrO,] +4NH, — 2[Ag(NH,),]* +CrO2- (b)

The acidified solution turns to orange because of the formation of dichromate
1ons in reaction (a).
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7. Potassium cyanide (POISON) when added dropwise to a neutral solution
of silver nitrate: white precipitate of silver cyanide:

Ag* +CN~ - AgCN|

When potassium cyanide is added in excess, the precipitate disappears owing
to the formation of dicyanoargentate ions:

AgCN|+CN™ > [Ag(CN),]~

8. Sodium carbonate: yellowish-white precipitate of silver carbonate:
2Ag* +CO3~ - Ag,CO,|

When heating, the precipitate decomposes and brown silver oxide precipitate
is formed:

Ag,CO,4| — Ag,0] +CO, T
Nitric acid (a) and ammonia solution (b) dissolve the precipitate
Ag,CO;|+2H* - 2Ag* +CO,1+H,0 (a)
Ag,CO,| +4NH; — 2[Ag(NH;),]* + CO3%~ (b)

Carbon dioxide gas is evolved in reaction (a).

9. Disodium hydrogen phosphate in neutral solution: yellow precipitate of silver
phosphate:

3Ag* +HPO3;™ — Ag,PO,| +H"
Nitric acid (a) and ammonia solution (b) dissolve the precipitate:
Ag;PO,| +3H* —» 3Ag* +H,PO, (a)
AgiPO,| +6NH; - 3[Ag(NH;),]* +PO3~ (b)

Phosphoric acid, formed in reaction (a) is a medium-strong acid, which is only
slightly dissociated if nitric acid is present in excess.

10. Hydrazine sulphate (saturated): when added to a solution of diammine-
argentate ions, forms finely divided silver metal, while gaseous nitrogen is
evolving:

4[Ag(NH;),]* + H,N—NH, . H,SO, -
— 4Ag|+N,T+6NH; +2NH,+SO3~

If the vessel in which the reaction is carried out is clean, silver adheres to the
glass walls forming an attractive mirror.

Procedure: Fill two-thirds of a test-tube with chromosulphuric acid
(concentrated), and set aside overnight. Next day empty the test-tube, rinse
cautiously with running cold water, then with distilled water. Into this test-tube
pour 2 ml silver nitrate (0-1M) and 2 ml distilled water. Then add dilute ammonia
(2M) dropwise, mixing the solution vigorously by shaking, until the last traces
of the silver oxide precipitate disappear. Then add 2 ml saturated hydrazine
sulphate solution and shake the mixture vigorously. The silver mirror forms
within a few seconds. The solution should be discarded after the test (cf.
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reaction 3). The silver mirror can be removed most easily by dissolving it in
nitric acid (8M).

11. p-Dimethylaminobenzylidene-rhodanine (in short: rhodanine reagent, 0:3%,
solution in acetone): reddish-violet precipitate in slightly acidic solutions:

HITI — (I:o /CH, AngI— (I:O /CH,

SC C=CH N + Agt — SC C=CH N + H*
\/ \ \ / \
S CH, S CH,

Mercury, copper, gold, platinum, and palladium salts form similar compounds
and therefore interfere.

Spot test: To | drop of the test solution add | drop nitric acid (2M), then
1 drop of the reagent. A red-violet precipitate or stain is formed if silver ions
are present. Alternatively, the test may be performed on a spot plate, or in a
semimicro test tube; in the latter case the excess of the reagent is extracted with
diethyl ether or amyl alcohol, when violet specks of the silver complex will be
visible under the yellow solvent layer.

In the presence of mercury, gold, platinum, or palladium first add 1 drop
potassium cyanide (10 %, HIGHLY POISONOUS) solution to the test solution
then follow the procedure given above.

To detect silver in a mixture of lead chloride, mercury(I) chloride, and silver
chloride) (Group I), the mixture is treated with 10 per cent potassium cyanide
solution whereby mercury(II) cyanide, mercury, and dicyanoargentate
[Ag(CN,] are formed: after filtration (or centrifugation), a little of the clear
filtrate is treated on a spot plate with a drop of the reagent and 2 drops nitric
acid (2M). A red colouration is formed in the presence of Ag in weakly acid
solution.

12. Dry test (blowpipe test) When a silver salt is heated with alkali carbonate
on charcoal, a white malleable bead without an incrustation of the oxide results;
this is readily soluble in nitric acid. The solution is immediately precipitated by
dilute hydrochloric acid, but not by very dilute sulphuric acid (difference
from lead).

III.7 SECOND GROUP OF CATIONS: MERCURY(Il), LEADI),
BISMUTH(III), COPPER(II), CADMIUM(II), ARSENIC(II) AND (V),
ANTIMONY(III) AND (V), AND TIN (II) AND (IV)

Group reagent: hydrogen sulphide (gas or saturated aqueous solution).

Group reaction: precipitates of different colours; mercury(Il) sulphide
HgS (black), lead(IT) sulphide PbS (black), copper(II) sulphide CuS (black),
cadmium sulphide CdS (yellow), bismuth(III) sulphide Bi,S; (brown),
arsenic(I1I) sulphide As,S; (yellow), arsenic(V) sulphide (yellow), antimony(I11I)
sulphide Sb,S; (orange), antimony(V) sulphide (orange), tin(II) sulphide SnS
(brown), and tin(IV) sulphide SnS, (yellow).

Cations of the second group are traditionally divided into two sub-groups;
the copper sub-group and the arsenic sub-group. The basis of this division is
the solubility of the sulphide precipitates in ammonium polysulphide. While
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sulphides of the copper sub-group are insoluble in this reagent, those of the
arsenic sub-group do dissolve under the formation of thiosalts.

The copper sub-group consists of mercury(Il), lead(Il), bismuth(III),
copper(Il), and cadmium(II). Although the bulk of lead(II) ions are precipitated
with dilute hydrochloric acid together with other ions of Group I, this precipi-
tation is rather incomplete owing to the relatively high solubility of lead(II)
chloride. In the course of systematic analysis therefore lead ions will still be
present when the precipitation of the second group of cations is the task.
Reactions of lead(II) ions were already described with those of the cations of the
first group (see Section I11.4).

The chlorides, nitrates, and sulphates of the cations of the copper sub-group
are quite soluble in water. The sulphides, hydroxides, and carbonates are
insoluble. Some of the cations of the copper sub-group (mercury(II), copper(II),
and cadmium(II)) tend to form complexes (ammonia, cyanide ions, etc.).

The arsenic sub-group consists of the ions arsenic(IIl), arsenic(V),
antimony(III), antimony(V), tin(II) and tin(IV). These ions have amphoteric
character: their oxides form salts both with acids and bases. Thus, arsenic(III)
oxide can be dissolved in hydrochloric acid, (6M) and arsenic(IIT) cations are
formed:

As,0,+6HCl - 2As** +6Cl1™ +3H,0

At the same time arsenic(IIT) oxide dissolves in sodivm hydroxide (2M), when
arsenite anions are formed:

As,0;+60H™ — 2As0}~ +3H,0

The dissolution of sulphides in ammonium polysulphide can be regarded as
the formation of thiosalts from anhydrous thioacids. Thus the dissolution of
arsenic(IIT) sulphide (anhydrous thioacid) in ammonium sulphide (anhydrous
thiobase), yields the formation of ammonium- and thio-arsenite ions (ammonium
thioarsenite: a thiosalt):

As,S;]+38%7 - 2AsS3”

All the sulphides of the arsenic sub-group dissolve in (colourless) ammonium
sulphide except tin(II) sulphide; to dissolve the latter, ammonium polysulphide
is needed, which acts partly as an oxidizing agent, thiostannate ions being
formed:

SnS|+8S3~ — SnS3~

Note that while tin is bivalent in the tin(II) sulphide precxpxtate it is tetravalent
in the thiostannate ion.

Arsenic(III), antimony(III), and tin(II) ions can be oxidized to arsenic(V),
antimony(V), and tin(IV) ions respectively. On the other hand, the latter three
can be reduced by proper reducing agents. The oxidation-reduction potentials
of the arsenic(V)-arsenic(III) and antimony(V)-antimony(III) systems vary
with pH, therefore the oxidation or reduction of the relevant ions can be assisted
by choosing an appropriate pH for the reaction.

I11.8 MERCURY, Hg (4,: 200-59) - MERCURY(II) The most important
physical and chemical properties of the metal were described in Section IIL.5.
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Reactions of mercury(1l) ions The reactions of mercury(Il) ions can be studied
with a dilute solution of mercury(II) nitrate (0-05M).

1. Hydrogen sulphide (gas or saturated aqueous solution) : in the presence of
dilute hydrochloric acid, initially a white precipitate of mercury(II)
chlorosulphide (a), which decomposes when further amounts of hydrogen
sulphide are added and finally a black precipitate of mercury(II) sulphide is
formed (b).

3Hg?* +2C1~ +2H,S —» Hg,S,Cl,| +4H* (a)

Hg,S,Cl,| + H,S —» 3HgS| +2H* +2CI~ (b)

Mercury(II) sulphide is one of the least soluble precipitates known
(K, = 4x107%%),

The precipitate is insoluble in water, hot dilute nitric acid, alkali hydroxides,
or (colourless) ammonium sulphide.

Sodium sulphide (2M) dissolves the precipitate when the disulphomercurate(II)
complex ion is formed:

HgS|+8%~ — [HgS,]*~
Adding ammonium chloride to the solution, mercury(II) sulphide precipitates
again.
Aqua regia dissolves the precipitate:

3HgS| + 6HC1+2HNO,; — 3HgCl, +3S| +2NO?1 +4H,0
Mercury(IT) chloride is practically undissociated under these circumstances.

Sulphur remains as a white precipitate, which however dissolves readily if the
solution is heated, to form sulphuric acid:

2HNO; +S| — SO2+2H"* +2NO?

2. Ammonia solution: white precipitate with a mixed composition; essentially
it consists of mercury(II) oxide and mercury(IT) amidonitrate:

2Hg?* +NOj +4NH, + H,0 — HgO.Hg(NH,)NO; | +3NH}

The salt, like most of the mercury compounds, sublimes at atmospheric
pressure.

3. Sodium hydroxide when added in small amounts: brownish-red precipitate
with varying composition; if added in stoichiometric amounts the precipitate
turns to yellow when mercury(IT) oxide is formed:

Hg?* +20H~ —» HgO| +H,0

The precipitate is insoluble in excess sodium hydroxide. Acids dissolve the
precipitate readily.

This reaction is characteristic for mercury(II) ions, and can be used to differ-
entiate mercury(II) from mercury(I).

4. Potassium iodide when added slowly to the solution: red precipitate of
mercury(Il) iodide:

Hg?* +2I" — Hgl,|
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The precipitate dissolves in excess reagent, when colourless tetraiodo-
mercurate(IT) ions are formed:

Hel, +21" — [Hgl,]>~

An alkaline solution of potassium tetraiodomercurate(II) serves as a selective
and sensitive reagent for ammonium ions (Nessler’s-reagent cf. Section I11.38,
reaction 2).

5. Potassium cyanide (POISON): does not cause any change in dilute solutions
(difference from other ions of the copper sub-group).

6. Tin(1I) chloride : when added in moderate amounts: white, silky precipitate
of mercury(I) chloride (calomel):

2Hg?* 4+ Sn?** +2C1- - Hg,Cl,| + Sn**

This reaction is widely used to remove the excess of tin(II) ions, used for prior
reduction, in oxidation-reduction titrations.

If more reagent is added, mercury(I) chloride is further reduced and black
precipitate of mercury is formed:

Hg,Cl,| +Sn2* — 2Hg| +Sn** +2CI1~

Spot test in the presence of aniline: Treat a drop of the test solution on a
filter paper or a spot plate with a drop of tin(II) chloride solution and a drop of
aniline. A brown or black stain of mercury metal is produced.

Aniline adjusts the pH of the solution to an appropriate value, at which
antimony does not interfere. Bismuth and copper also have no effect; silver,
gold, and molybdenum do interfere.

7. Copper sheet or coin reduces mercury(II) ions to the metal:
Cu+Hg?* —» Cu?* +Hg|
For practical hints for the test see Section II1.5, reaction 12.

8. Diencuprato(II) sulphate* reagent in the presence of potassium iodide:
dark blue-violet precipitate in neutral or ammoniacal solution. Tetraiodo-
mercurate(IT) ions are first produced:

Hg?* +41- — [Hgl,J*~

these react with the complex diencuprate ions, forming diencuprato(Il)-
tetraiodomercurate(II) precipitate:

[Cu(en),]** +[Hgl,]>*~ — [Cu(en),][Hgl,] |
The reaction is a sensitive one but cadmium ions, which form a similar complex
salt, interfere.

9. Diphenylcarbazide reacts with mercury(II) ions in a similar way to mercury(I).
For details see Section II1.5, reaction 14.

* ‘en’ is the usual short form of ethylenediamine H,N—CH,-~CH,-—NH,.
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10. Cobalt(Il) thyocyanate test To the test solution add an equal volume
of the reagent (about 109, freshly prepared), and stir the wall of the vessel
with a glass rod. A deep-blue crystalline precipitate of cobalt tetrathiocyanato-
mercurate(II) is formed:

Hg?* +Co?* +4SCN~ — Co[Hg(SCN),]|

Drop test: Place a drop of the test solution on a spot plate, add a small
crystal of ammonium thiocyanate followed by a little solid cobalt(II) acetate.
A blue colour is produced in the presence of mercury(II) ions.

Sensitivity: 0-5 ug Hg?*. Concentration limit: 1 in 10°.

11. Drytest All mercury compounds, irrespective of their valency state, form
mercury metal when heated with excess anhydrous sodium carbonate. For
practical hints see Section IIL.5, reaction 15.

II1.9 BISMUTH, Bi (4,: 208-98) Bismuth is a brittle, crystalline, reddish-
white metal. It melts at 271-5°C. It is insoluble in hydrochloric acid because of
its standard potential (0-2V), but dissolves in oxidizing acids such as con-
centrated nitric acid (a), aqua regia (b), or hot, concentrated sulphuric acid (c).

2Bi+8HNO, — 2Bi3* +6NOj +2NO? +4H,0 @)
Bi+3HCl+HNO, — Bi3* +3Cl~ +NOf +2H,0 (b)
2Bi+6H,S0, — 2Bi3* +3S02™ +3S0,1 + 6H,0 ©

Bismuth forms tervalent and pentavalent ions. Tervalent bismuth ion Bi**
is the most common. The hydroxide, Bi(OH), is a weak base; bismuth salts
therefore hydrolyse readily, when the following process occurs:

Bi** +H,0 2 BiO* +2H*

The bismuthyl ion, BiO* forms insoluble salts, like bismuthyl chloride, BiOC,
with most ions. If we want to keep bismuth ions in solution, we must acidify the
solution, when the above equilibrium shifts towards the left.

Pentavalent bismuth forms the bismuthate BiO3 ion. Most of its salts are
insoluble in water.

Reactions of bismuth(11l) ions These reactions can be studied with a 0:2M
solution of bismuth(III) nitrate, which contains about 3-4 per cent nitric acid.

1. Hydrogen sulphide (gas or saturated aqueous solution): black precipitate
of bismuth sulphide:
2Bi** +3H,S — Bi,S;| +6H"

The precipitate is insoluble in cold, dilute acid and in ammonium sulphide.
Boiling concentrated hydrochloric acid dissolves the precipitate, when
hydrogen sulphide gas is liberated.

Bi,S,| +6HCI — 2Bi3* +6Cl~ + 3H,St

Hot dilute nitric acid dissolves bismuth sulphide, leaving behind sulphur in
the form of a white precipitate:

Bi,S;| +8H* +2NO; — 2Bi** + 38| +2NO1 +4H,0
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2. Ammonia solution : white basic salt of variable composition. The approximate
chemical reaction is:

Bi** +NOj +2NH; +2H,0 — Bi(OH),NO;| +2NH}

The precipitate is insoluble in excess reagent (distinction from copper or
cadmium).

3. Sodium hydroxide: white precipitate of bismuth(IIT) hydroxide:
Bi** +30H™ - Bi(OH),|
The precipitate is very slightly soluble in excess reagent in cold solution, 2-3 mg
bismuth dissolved per 100 ml sodium hydroxide (2m). The precipitate is soluble
in acids:
Bi(OH);| +3H* — Bi** +3H,0
When boiled, the precipitate loses water and turns yellowish-white :
Bi(OH);| —» BiO.OH| +H,0

Both the hydrated and the dehydrated precipitate can be oxidized by 4-6
drops of concentrated hydrogen peroxide, when yellowish-brown bismuthate
ions are formed:

BiO.OH|+H,0, —» BiO; +H*+H,0

4. Potassium iodide when added dropwise: black precipitate of bismuth(III)
iodide:

Bi** + 31" - Bil,]
The precipitate dissolves readily in excess reagent, when orange-coloured
tetraiodo-bismuthate ions are formed:

Bil,| +1~ = [Bil,]”

When diluted with water, the above reaction is reversed and black bismuth
iodide is reprecipitated. Heating the precipitate with water, it turns orange,
owing to the formation of bismuthyl iodide:

Bil,| +H,0 — BiOI| +2H* +2I-

5. Potassium cyanide - (POISON): white precipitate of bismuth hydroxide.
The reaction is a hydrolysis:
Bi** +3H,0+3CN~ — Bi(OH),| +3HCN?

The precipitate is insoluble in excess reagent (distinction from cadmium ions).

6. Sodium tetrahydroxostannate(I1I) (0-125M, freshly prepared): in cold
solution reduces bismuth(III) ions to bismuth metal which separates in the
form of a black precipitate. First the sodium hydroxide present in the reagent
reacts with bismuth(III) ions (a, cf. reaction 3), bismuth(III) hydroxide then is
reduced by tetrahydroxostannate(II) ions, when bismuth metal and hexa-
hydroxostannate(IV) ions are formed (b):

Bi** +30H" — Bi(OH),| @)
2Bi(OH), | +3[Sn(OH),]*~ — 2Bi| + 3[Sn(OH) > (b)
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The reagent must be freshly prepared, and the test must be carried out in
cold. The reagent slowly decomposes by disproportionation, when tin metal is
formed as a black precipitate:

2[Sn(OH), ]2~ - Sn|+[Sn(OH)s]?>~ +20H"

Note that tin is tetravalent in the hexahydroxostannate(IV) ion. Heating
accelerates the decomposition.

Test by induced reaction. In the absence of bismuth(III) ions the reaction
between tetrahydroxoplumbate(II) ions (cf. Section III.4, reaction 4) and
tetrahydroxostannate(II) is slow:

[Pb(OH),]*>~ +[Sn(OH), ]~ -2, Pb| +[Sn(OH)e]?~ +20H"

With dilute solutions (using 0-25M lead nitrate and 0-125M sodium tetrahydroxo-
stannate(II) reagent) the formation of the black precipitate of lead metal is not
observable within an hour. In the presence of bismuth the reaction is accelerated ;
at the same time bismuth is also precipitated:

[Pb(OH), ]2~ +[Sn(OH), 1>~ Pb| + [Sn(OH)s]>~ +20H"
2Bi(OH), | + 3[Sn(OH),]*— &%, 2Bi| +3[Sn(OH),]>"

Such reactions are called induced reactions (that is, bismuth induces the reduction
of lead). They have to be distinguished from catalytic processes by the fact, that
the inductor is used up itself in the course of the reaction (and not regenerated,
as in a catalytic process). Induced reactions are quite common among oxidation-
reduction processes.

Silver, copper, and mercury interfere with the reaction. Copper can be made
inactive by the addition of some potassium cyanide.

On a spot plate, mix a drop of the test solution, one drop lead nitrate, 1 drop
potassium cyanide (POISON), and 2 drops freshly prepared sodium tetra-
hydroxostannate(Il) reagent. A brown to black colouration (precipitate) is
characteristic for bismuth.

7. Water When a solution of a bismuth salt is poured into a large volume of
water, a white precipitate of the corresponding basic salt is produced, which is
soluble in dilute mineral acids, but is insoluble in tartaric acid (distinction from
antimony) and in alkali hydroxides (distinction from tin).

Bi** +NOj3 +H,0 — BiO(NO,)| +2H*
Bi** +Cl~ +H,0 - BiO.Cl} +2H*
8. Disodium hydrogen phosphate: white, crystalline precipitate of bismuth
phosphate:
Bi** +HPO,; — BiPO,|+H*
the precipitate is only sparingly soluble in dilute mineral acids (distinction from
mercury(Il), lead(II), copper(II), and cadmivm ions).

Disodium hydrogen arsentate reacts in an analogous way; the product is the
white bismuth arsenate precipitate:

Bi** + HAsO; — BiAsO,|+H*
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9. Pyrogallol (10%;, freshly prepared) reagent, when added in slight excess to a
hot, faintly acid solution of bismuth ions: yellow precipitate of bismuth
pyrogallate:

Bi + C¢H,(OH), — Bi(C¢H,0,)| +3H*

It is best to neutralize the test solution first by ammonia against litmus paper,
then add some drops of dilute nitric acid, and then the reagent. The test is a very
sensitive one. Antimony interferes and should be absent.

10. Cinchonine-potassium iodide reagent (19%,): orange-red colouration or
precipitate in dilute acid solution.

Test on filter paper : Moisten a piece of drop-reaction paper with the reagent
and place a drop of the slightly acid test solution upon it. An orange-red spot
is obtained.

Sensitivity : 0:15 pg Bi. Concentration limit: 1 in 350,000.

The test may also be carried out on a spot plate.

Lead, copper, and mercury salts interfere because they react with the iodide.
Nevertheless, bismuth may be detected in the presence of salts of these metals
as they diffuse at different rates through the capillaries of the paper, and are fixed
in distinct zones. When a drop of the test solution containing bismuth, lead,
copper, and mercury ions is placed upon absorbent paper impregnated with the
reagent, four zones can be observed: (i) a white central ring, containing the
mercury; (ii) an orange ring, due to bismuth; (iii) a yellow ring of lead iodide;
and (iv) a brown ring of iodine liberated by the reaction with copper. The thick-
nesses of the rings will depend upon the relative concentrations of the various
metals.

11. Thiourea (10%;,): intense yellow complex with bismuth(III) ions in the
presence of dilute nitric acid. The test may be carried out on drop-reaction
paper, on a spot plate, or in a micro test-tube.

Sensitivity : 6 pg Bi**. Concentration limit: 1 in 3 x 10*.
Mercury(I), silver(I), antimony(I1I), iron(III), and chromate ions interfere and
should therefore be absent.

12. 8-Hydroxyquinoline (5°%) and potassium iodide (6M) in acidic medium:
red precipitate of 8-hydroxyquinoline-tetraiodobismuthate

Bi** + CoH,ON+H* +41- » C,H,ON.H Bil,|

If other halide ions are absent, the reaction is characteristic for bismuth.

13. Dry test (blowpipe test). When a bismuth compound is heated on charcoal
with sodium carbonate in the blowpipe flame, a brittle bead of metal, surrounded
by a yellow incrustation of the oxide, is obtained.

I11.10 COPPER, Cu (4,: 63-54) Copper is a light-red metal, which is soft,
malleable, and ductile. It melts at 1038°C. Because of its positive standard
electrode potential (4034 V for the Cu/Cu* couple) it is insoluble in hydro-
chloric acid and in dilute sulphuric acid, although in the presence of oxygen
some dissolution might take place. Medium-concentrated nitric acid (8M)
dissolves copper readily:

3Cu+8HNO, — 3Cu2* +6NOj +2NOT +4H,0

215
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Hot, concentrated sulphuric acid dissolves copper also:
Cu+2H,S0, —» Cu?** +S0;~ +S0,1+2H,0

Copper is readily dissolved in aqua regia as well:
3Cu+6HCl+2HNO,; — 3Cu?* +6Cl~ +2NO1% +4H,0

There are two series of copper compounds. Copper(I) compounds are derived
from the red copper(I) oxide Cu,0 and contain the copper(I) ion Cu*. These
compounds are colourless, most of the copper(I) salts are insoluble in water
their behaviour generally resembling that of the silver(I) compounds. They are
readily oxidized to copper(IT) compounds, which are derivable from the black
copper(I) oxide, CuO. Copper(II) compounds contain the copper(Il) ions
Cu?*. Copper(Il) salts are generally blue both in solid, hydrated form and in
dilute aqueous solution; the colour is characteristic really for the teatraquo-
cuprate(II) ion [Cu(H20)4]2+ only. The limit of visibility of the colour of the
tetraquocuprate(Il) complex (i.e. the colaur of copper(Il) ions in aqueous
solutions) is 500 pg in a concentration limit of 1 in 10*. Anhydrous copper(II)
salts, like anhydrous copper(I) sulphate CuSO,, are white (or slightly yellow).
In aqueous solutions we always have the tetraquo complex ion present; for the
sakze of simplicity they will be denoted in this text as the bare copper(II) ions
Cu3t,

In practice only the copper(II) ions is important, therefore only the reactions
of the copper(II) ion are described.

Reactions of copper(Il) ions These reactions can be studied with a 0-25M
solution of copper(II) sulphate.

1. Hydrogen sulphide (gas or saturated aqueous solution): black precipitate
of copper(11) sulphide:

Cu?* 4+ H,S » CuS|+2H*

Ks((sluS; 25%) = 1074, Sensitivity: 1 pg Cu?*. Concentration limit: 1 in
5% 10°.

The solution must be acidic (M in hydrochloric acid) in order to obtain a
crystalline, well-filterable precipitate. In the absence of acid, or in very slightly
acid solutions a colloidal, brownish-black precipitate or colouration is obtained.
By adding some acid and boiling coagulation can be achieved.

The precipitate is insoluble in boiling dilute (M) sulphuric acid (distinction
from cadmium), in sodium hydroxide, sodium sulphide, ammoniuvm sulphide,
and only very slightly soluble in polysulphides.

Hot, concentrated nitric acid dissolves the copper(II) sulphide, leaving behind
sulphur as a white precipitate:

3CuS| + 8HNO, — 3Cu?* +6NO; +3S| +2NO1 +2H,0

When boiled for longer, sulphur is oxidized to sulphuric acid and a clear, blue
solution is obtained:

S| +2HNO; —» 2H* +S0;~ +2NO?

Potassium cyanide (POISON) dissolves the precipitate, when colourless
tetracyanocuprate(I) ions and disulphide ions are formed:

2CuS] +8CN~ - 2[Cu(CN), >~ +53~
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Note that this is an oxidation-reduction process (copper is reduced, sulphur is
oxidized) coupled with a formation of a complex.
When exposed to air, in the moist state, copper(II) sulphide tends to oxidize
to copper(IT) sulphate:

CuS| +20, —» CuSO,

and therefore becomes water soluble. A considerable amount of heat is
liberated during this process. A filter paper with copper(II) sulphide precipitate
on it should never be thrown into a waste container, with paper or other
inflammable substances in it, but the precipitate should be washed away first
with running water.

2. Ammonia solution when added sparingly: blue precipitate of a basic salt
(basic copper sulphate):

2Cu?* + 802~ +2NH, +2H,0 — Cu(OH), .CuSO, | +2NH}

which is soluble in excess reagent, when a deep blue colouration is obtained,
owing to the formation of tetramminocuprate(Il) complex ions:

Cu(OH),.CuS0, | +8NH; - 2[Cu(NH,),]*>* +S02~ +20H"

If the solution contains ammonium salts (or it was highly acidic and larger
amounts of ammonia were used up for its neutralization), precipitation does
not occur at all, but the blue colour is formed right away.

The reaction is characteristic for copper(II) ions in the absence of nickel.

3. Sodium hydroxide in cold solution: blue precipitate of copper(II) hydroxide:
Cu?* +20H~ - Cu(OH),|

The precipitate is insoluble in excess reagent.
When heated, the precipitate is converted to black copper(II) oxide by
dehydration:

Cu(OH),| —» CuvO|+H,0

In the presence of a solution of tartaric acid or of citric acid, copper(II)
hydroxide is not precipitated by solutions of caustic alkalis, but the solution is
coloured an intense blue. If the alkaline solution is treated with certain reducing
agents, such as hydroxylamine, hydrazine, glucose, and acetaldehyde, yellow
copper(I) hydroxide is precipitated from the warm solution, which is converted
into red copper(I) oxide Cu,O on boiling. The alkaline solution of copper(II)
salt containing tartaric acid is usually known as Fehling’s solution; it contains
the complex ion [Cu(COO.CHO)]>".

4. Potassium iodide: precipitates copper(I) iodide, which is white, but the
solution is intensely brown because of the formation of tri-iodide ions (iodine):
2Cu?* +5I7 - 2Cul| +13

Adding an excess of sodium thiosulphate to the solution, tri-iodide ions are
reduced to colourless iodide ions and the white colour of the precipitate becomes
visible. The reduction with thiosulphate yields tetrathionate ions:

I +28,02" — 31~ +8,02-
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These reactions are used in quantitative analysis for the iodometric determination
of copper.

5. Potassium cyanide (POISON): when added sparingly forms first a yellow
precipitate of copper(IT) cyanide:
Cu?* +2CN~ - Cu(CN),|

the precipitate quickly decomposes into white copper(I) cyanide and cyanogen
(HIGHLY POISONOUS GAS):

2Cu(CN),| — 2CuCN| +(CN),1

In excess reagent the precipitate is dissolved, and colourless tetracyano-
cuprate(I) complex is formed:

CuCN| +3CN~ - [Cu(CN),J?"

The complex is so stable (i.e. the concentration of copper(I) ions is so low) that
hydrogen sulphide cannot precipitate copper(I) sulphide from this solution
(distinction from cadmium, cf. Section II1.11, reactions 1 and 5).

6. Potassium hexacyanoferrate(Il): reddish-brown precipitate of copper
hexacyanoferrate(II) in neutral or acid mediuvm.
2Cu?* +[Fe(CN)g]*~ — Cu,[Fe(CN)]l

The precipitate is soluble in ammonia solution, when dark-blue copper tetram-
mine ions are formed:

Cu,[Fe(CN)g]| +8NH; — 2[Cu(NH,),]>* + [Fe(CN)]*

Sodium hydroxide decomposes the precipitate, when blue copper(II) hydroxide
precipitate is formed:

Cu,[Fe(CN)g]| +40H™ — 2Cu(OH),| + [Fe(CN)g]*

7. Potassium thiocyanate : black precipitate of copper(II) thiocyanate:
Cu?* +2SCN~ - Cu(SCN),|

The precipitate decomposes slowly to form white copper(I) thiocyanate and
thiocyanogen is formed:

2Cu(SCN),| — 2CuSCN| +(SCN),1

thiocyanogen decomposes rapidly in aqueous solutions.

Copper(I]) thiocyanate can be transformed to copper(I) thiocyanate immedi-
ately by adding a suitable reducing agent. A saturated solution of sulphur
dioxide is the most suitable reagent:

2Cu(SCN), | +S0O, +2H,0 — 2CuSCN| +2SCN~ +SO3~ +4H*

8. Iron 1If a clean iron nail or a blade of a penknife is immersed in a solution
of a copper salt, a red deposit of copper is obtained: (See Section 1.42):

Cu?* +Fe - Fe?t* +Cu

and an equivalent amount of iron dissolves. The electrode potential of copper
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(more precisely of the copper—copper(II) system) is more positive than that of
iron (or the iron—iron(II) system).

9. o-Benzoinoxime (or cupron) (5% in alcohol)
(C¢Hs .CHOH.C(=NOH).C¢H,):

forms a green precxpxtate of copper(I) benzoinoxime Cu(C,,H, 1OZN)

insoluble in dilute ammonia. In the presence of metallic salts which are precipi-
tated by ammonia, their precipitation can be prevented by the addition of
sodium potassium tartrate (10 9). The reagent is specific for copper in ammonia-
cal tartrate solution. Large amounts of ammonium salts interfere and should
be removed by evaporation and heating to glowing: the residue is then dissolved
in a little dilute hydrochloric acid.

Treat some drop-reaction paper with a drop of the weakly acid test solution
and a drop of the reagent, and then hold it over ammonia vapour. A green
colouration is obtained.

Sensitivity: 0-1 ug Cu. Concentration limit: 1 in 5 x 103,
If other ions, precipitable by ammonia solution, are present, a drop of Rochelle
salt solution (10 9,) is placed upon the paper before the reagent is added.

10. Salicylaldoxime (1 %)

: CH=NOH
OH

forms a greenish-yellow precipitate of copper salicylaldoxime Cu(C,HzO,N),
in acetic acid solution, soluble in mineral acids. Only palladium and gold inter-
fere giving Pd(C,H¢O,N), and metallic gold respectively in acetic acid solution;
they should therefore be absent.

Place a drop of the test solution, which has been neutralized and then acidified
with acetic acid in a micro test-tube and add a drop of the reagent. A yellow-
green precipitate or opalescence (according to the amount of copper present)
is obtained.

Sensitivity: 0-5 ug Cu. Concentration limit: 1 in 10°.

11. Rubeanic acid (or dithio-oxamide) (0-5)

< HZN—C—ﬁ-—NH2
| :
S S

black precipitate of copper rubeanate Cu[ C(==NH)S], from ammoniacal or
weakly acid solution. The precipitate is formed in the presence of alkali tartrates,
but not in alkali-cyanide solutions. Only nickel and cobalt ions react under
similar conditions yielding blue and brown precipitates respectively. Copper
may however, be detected in the presence of these elements by utilizing the
capillary separation method upon filter paper. Mercury(I) should be absent as
it gives a black stain with ammonia.

Place a drop of the neutral test solution upon drop-reaction paper, expose it
to ammonia vapour and add a drop of the reagent. A black or greenish-black
spot is produced.
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Sensitivity : 0-01 pg Cu. Concentration limit: | in 2 x 108,
Traces of copper in distilled water give a positive reaction, hence a blank test
must be carried out with the distilled water.

In the presence of nickel, proceed as follows. Impregnate drop-reaction paper
with the reagent and add a drop of the test solution acidified with acetic acid,
(2M). Two zones or circles are formed: the central olive-green or black ring is
due to copper and the outer blue-violet ring to nickel.

Sensitivity : 0:05 ug Cu in the presence of 20,000 times that amount of nickel.
Concentration limit: 1 in 10°,

In the presence of cobalt, the central green or black ring, due to copper, is
surrounded by a yellow-brown ring of cobalt rubeanate.

Sensitivity : 0-25 ug Cu in the presence of 20,000 times that amount of cobalt.
Concentration limit: 1 in 2 x 103,

12. Ammonium tetrathiocyanatomercurate (1) :
{(NH,),[Hg(SCN),]}:

deep-violet, crystalline precipitate in the presence of zinc or cadmium ions.
Cobalt and nickel interfere since they yield green or blue precipitates of the
corresponding tetrathiocyanatomercurates(Il); the interference of iron(III) is
avoided by carrying out the precipitation in the presence of alkali fluorides or
oxalates.

Place a drop of the acid test solution upon a spot plate, add 1 drop zinc
acetate (1 %) solution and 1 drop of the reagent. The precipitated zinc tetra-
thiocyanatomercurate(II) is coloured violet owing to the coprecipitation of
the copper complex; the composition of the precipitate is approximately
Zn[Hg(SCN),].Cu[Hg(SCN),]. The addition of copper ions to a precipitate
of zinc tetrathiocyanatomercurate(Il), already formed, has no effect.

Sensitivity : 0-1 pg Cu?*. Concentration limit: | in 5 x 10°.

13. Catalytic test. Iron(IlI) salts react with thiosulphate according to the
equations

Fe¥* 428,02 — [Fe(S,0,),]” @)
[Fe(S203)2]—+Fe3+ — 2Fe2+ +S4Oé_ (b)

Reaction (a) is fairly rapid; reaction (b) is a slow one, but is enormously acceler-
ated by traces of copper. If the reaction is carried out in the presence of a
thiocyanate, which serves as an indicator for the presence of iron(III) ions and
also retards reaction (b), then the reaction velocity, which is proportional to the
time taken for complete decolourization, may be employed for detecting minute
amounts of copper(II) ions. Tungsten and, to a lesser extent, selenium cause a
catalytic acceleration similar to that of copper: they should therefore be absent.

Upon adjacent cavities of a spot plate place a drop of the test solution and a
drop of distilled water. Add to each 1 drop iron(III) thiocyanate (0-05M) and
3 drops sodium thiosulphate (0-5M). The decolourization of the copper-free
solution is complete in 1:5-2 minutes: if the test solution contains 1 pg copper,
the decolourization is instantaneous. For smaller amounts of copper, the differ-
ence in times between the two tests is still appreciable.

Sensitivity: 0-2 pg Cu®*. Concentration limit: | in 2 x 10°.

220



REACTIONS OF CATIONS III.11

14. Dry tests a. Blowpipe test When copper compounds are heated with
alkali carbonate upon charcoal red metallic copper is obtained but no oxide
is visible.

b. Borax bead Green while hot, and blue when cold after heating in the
oxidizing flame; red in the reducing flame, best obtained by the addition of a
trace of tin.

¢. Flame test Green especially in the presence of halides, e.g. by moistening
with concentrated hydrochloric acid before heating.

I11.11 CADMIUM, Cd (4,: 112:40) Cadmium is a silver-white, malleable
and ductile metal. It melts at 321°C. It dissolves slowly in dilute acids with the
evolution of hydrogen (owing to its negative electrode potential):

Cd+2H* - Cd** +H,t

Cadmium forms bivalent ions which are colourless. Cadmium chloride, nitrate,
and sulphate are soluble in water; the sulphide is insoluble with a characteristic
yellow colour.

Reactions of the cadmium(11) ions These reactions can be studied most con-
veniently with a 0-25M solution of cadmium sulphate.

1. Hydrogen sulphide (gas or saturated aqueous solution) : yellow precipitate of
cadmium sulphide:

Cd** +H,S - CdS| +2H*

The reaction is reversible; if the concentration of strong acid in the solution
is above 0-5M, precipitation is incomplete. Concentrated acids dissolve the
precipitate for the same reason. The precipitate is insoluble in potassium
cyanide (POISON) this distinguishes cadmium ions from copper.

2. Ammonia solution when added dropwise: white precipitate of cadmium(II)
hydroxide:
Cd?* +2NH;+2H,0 = Cd(OH),| +2NH;

The precipitate dissolves in acid, when the equilibrium shifts towards left.
An excess of the reagent dissolves the precipitate, when tetrammine-
cadmiate(II) ions are formed:

Cd(OH),| +4NH, — [Cd(NH,),]?* +20H"

the complex is colourless.

3. Sodium hydroxide: white precipitate of cadmivm(II) hydroxide:
Cd?* +20H™ 2 Cd(OH),|

The precipitate is insoluble in excess reagent; its colour and composition
remains unchanged when boiled. Dilute acids dissolve the precipitate by
shifting the equilibrium to the left.
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4. Potassium cyanide (POISON): white precipitate of cadmium cyanide, when
added slowly to the solution:

Cd?* +2CN~ > Cd(CN),/|

An excess of the reagent dissolves the precipitate, when tetracyanocadmiate(II)
ions are formed:

Cd(CN),| +2CN~ - [CA(CN),]*~

The colourless complex is not too stable; when hydrogen sulohide gas is
introduced, cadmium sulphide is precipitated :

[CA(CN),]>~ +H,S » CdS|+2H* +4CN"~

The marked difference in the stabilities of the copper and cadmium tetra-
cyanato complexes serves as the basis for the separation of copper and cadmium
ions (cf. Section 1.32).

5. Potassium thiocyanate : forms no precipitate (distinction from copper).
6. Potassium iodide.: forms no precipitate (distinction from copper).

7. Dinitro-p-diphenyl carbazide (0-1%)

NH—NH‘Q-NOZ
/

Cc=0

\
NH—NH‘QNOI

forms a brown-coloured product with cadmium hydroxide, which turns
greenish-blue with formaldehyde.

Place a drop of the acid, neutral or ammoniacal test solution on a spot plate
and mix it with 1 drop sodium hydroxide (2M) solution and 1 drop potassium
cyanide (10 %) solution. Introduce 1 drop of the reagent and 2 drops formalde-
hyde solution (40%;). A brown precipitate is formed, which very rapidly be-
comes greenish-blue. The reagent alone is red in alkaline solution and is coloured
violet with formaldehyde, hence it is advisable to compare the colour produced
in a blank test with pure water when searching for minute amounts of cadmium.

Sensitivity : 0-8 pg Cd. Concentration limit: 1 in 60,000.
In the presence of considerable amounts of copper, 3 drops each of the potas-
sium cyanide and formaldehyde solution should be used; the sensitivity is
4 ug Cd in the presence of 400 times that amount of copper.

8. 4-Nitronaphthalene-diazoamino-azo-benzene (‘Cadion 2B’) (0-02%,)

ol rrmsem )

Cadmium hydroxide forms a red-coloured lake with the reagent, which contrasts
with the blue tint of the latter.
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Place a drop of the reagent upon drop-reaction paper, add one drop of the
test solution (which should be slightly acidified with acetic acid (2M) containing
a little sodium potassium tartrate), and then one drop potassium hydroxide
(2m). A bright-pink spot, surrounded by a blue circle, is produced.

Sensitivity : 0-025 pg Cd.

The interference of copper, nickel, cobalt, iron, chromium, and magnesium
is prevented by adding sodium potassium tartrate to the test solution: only
silver (removed as silver iodide by the addition of a little KI solution) and mer-
cury then interfere. Mercury is best removed by adding a little sodium potassium
tartrate, a few crystals of hydroxylamine hydrochloride, followed by sodium
hydroxide solution until alkaline; the mercury is precipitated as metal. Tin(II)
chloride is not suitable for this reduction since most of the cadmium is adsorbed
on the mercury precipitate.

The reagent is prepared by dissolving 002 g ‘cadion 2B’ in 100 ml ethanol
to which 1 ml 2M potassium hydroxide is added. The solution must not be
warmed. It is destroyed by mineral acid.

9. Dry tests a. Blowpipe test All cadmium compounds when heated with
alkali carbonate on charcoal give a brown incrustation of cadmium oxide CdO.

b. Ignition test Cadmium salts are reduced by sodium oxalate to elementary
cadmium, which is usually obtained as a metallic mirror surrounded by a little
brown cadmium oxide. Upon heatirig with sulphur, the metal is converted into
yellow cadmium sulphide.

Place a little of the cadmium salt mixed with an equal weight of sodium
oxalate in a small ignition tube, and heat. A mirror of metallic cadmium with
brown edges is produced. Allow to cool, add a little flowers of sulphur and heat
again. The metallic mirror is gradually converted into the orange-coloured
sulphide, which becomes yellow after cooling. Do not confuse this with the
yellow sublimate of sulphur.

I11.12 ARSENIC, As (4,. 74-92) — ARSENIC(III) Arsenic is a steel-grey,
brittle solid with a metallic lustre. It sublimes on heating, and a characteristic,
garlic-like odour is apparent; on heating in a free supply of air, arsenic burns
with a blue flame yielding white fumes of arsenic(IIT) oxide As,Og¢. All arsenic
compounds are poisonous. The element is insoluble in hydrochloric acid and in
dilute sulphuric acid: it dissolves readily in dilute nitric acid yielding arsenite
ions and concentrated nitric acid or in aqua regia or in sodium hypochlorite
solution forming arsenate:

As+4H* + NOj; — As** +NO?1+2H,0
3As+ SHNO;(conc)+2H,0 — 3AsO3~ +5NOT+9H*
2As+50C1™ +3H,0 - 2As03~ +5CI~ +6H*

Two series of compounds of arsenic are common: that of arsenic(III) and
arsenic(V). Arsenic(I1T) compounds can be derived from the amphoteric arsenic
trioxide As,0,, which yields salts both with strong acids (e.g. arsenic(III)
chloride, AsCl,), and with strong bases (e.g. sodium arsenite, Na;AsO;). In

strongly acidic solutions therefore the arsenic(III) ion As* is stable. In strongly
basic solutions the arsenite ion, AsO3 "~ is the stable one. Arsenic(V) compounds
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are derived from arsenic pentoxide, As,O5. This is the anhydride of arsenic
acid, H;AsO,, which forms salts such as sodium arsenate Na;AsO,. Arsenic(V)
therefore exists in solutions predominantly as the arsenate AsO3~ ion.

Reactions of arsenic(I1I) ions A 0-1M solution of arsenic(IIT) oxide, As,O3, or
sodium arsenite, Na;AsO;, can be used for these experiments. Arsenic(III)
oxide does not dissolve in cold water, but by boiling the mixture for 30 minutes,
dissolution is complete. The mixture can be cooled without the danger of
precipitating the oxide.

1. Hydrogen sulphide : yellow precipitate of arsenic(III) sulphide:
2AS3+ + 3st b A52S3l + 6H+

The solution must be strongly acidic; if there is not enough acid present a
yellow colouration is visible only, owing to the formation of colloidal As,S;.
The precipitate is insoluble in concentrated hydrochloric acid (dintinction and
method of separation from Sb,S; and SnS,), but dissolves in hot concentrated
nitric acid:

3As,S;+26HNO, + 8H,0 — 6AsO3~ +9SO3~ +42H* +26NO?
It is also readily soluble in solutions of alkali hydroxides, and ammonia:
As,S;+60H~ — AsO3™ +AsS3~ +3H,0
Ammonium sulphide also dissolves the precipitate:
As,S;+38%7 - 2AsS3™

In both cases thioarsenite (AsS3 ) ions are formed. On reacidifying these both
decompose, when arsenic(III) sulphide and hydrogen sulphide are formed:

2AsS} +6H* — As,S,| +3H,S1

Yellow ammonium sulphide (ammonium polysulphide), (NH,),S, dissolves
the precipitate, when thioarsenate AsS3;~ ions are formed:

As,S;]+4S27 > 2AsS} ™ +82°

Upon acidifying this solution yellow arsenic(V) sulphide is precipitated,
which is contaminated with sulphur because of the decomposition of the excess
polysulphide reagent:

2ASSi- + 6H+ - Astsl + 3stT
S$2-+2H* - H,1+8|
2. Silver nitrate: yellow precipitate of silver arsenite in neutral solution
(distinction from arsenates):
AsO3™ +3Ag* —» Ag;AsO,]
The precipitate is soluble both in nitric acid (a) and ammonia (b):
Ag,AsO;] +3H' - H;As0,+3Ag* (a)
Ag;AsO;| +6NH; — 3[Ag(NH,),]* + AsO3~ (b)
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3. Magnesia mixture (a solution containing MgCl,, NH,ClI, and a little NH;) :
no precipitate (distinction from arsenate).

A similar result is obtained with the magnesium nitrate reagent (a solution
containing Mg(NO,),, NH,NO,, and a little NH3).

4. Copper sulphate solution: green precipitate of copper arsenite (Scheele’s
green), variously formulated as CuHAsO; and Cu,(AsO,), . xH,0, from neutral
solutions, soluble in acids, and also in ammonia solution forming a blue
solution. The precipitate also dissolves in sodium hydroxide solution; upon
boiling, copper(I) oxide is precipitated.

5. Potassium tri-iodide (solution of iodine in potassium iodide) : oxidizes arsenite
ions while becoming decolourized:

AsO3~ +13 +H,0 - AsO3 +31" +2H*

The reaction is reversible, and an equilibrium is reached. If the hydrogen ions
formed in this reaction, are removed by adding sodium hydrogen carbonate as
a buffer, the reaction becomes complete.

6. Tin(II) chloride solution and concentrated hydrochloric acid (Bettendorff’s
Test) A few drops of the arsenite solution are added to 2 ml concentrated
hydrochloric acid and 0-5 ml saturated tin(IT) chloride solution, and the solution
gently warmed; the solution becomes dark brown and finally black, due to the
separation of elementary arsenic.

2As3* +3Sn?* — 2As| +3Sn**

If the test is made with the sulphide precipitated in acid solution, only
mercury will interfere; by converting the arsenic into magnesium ammonium
arsenate and heating to redness, the pyroarsenate Mg,As, 0, remains and any
mercury salts present are volatilized. This forms the basis of a delicate test for
arsenic.

Mix a drop of the test solution in a micro crucible with 1-2 drops concentrated
ammonia solution, 2 drops ‘10-volume’ hydrogen peroxide, and 2 drops
M magnesium sulphate solution. Evaporate slowly and finally heat until fuming
ceases. Treat the residue with 1-2 drops of a solution of tin(II) chloride in con-
centrated hydrochloric acid, and warm slightly. A brown or black precipitate
or colouration is obtained.

Sensitivity: | pg As. Concentration limit: | in 50,000.

I11.13 ARSENIC, As (4,: 74'92) - ARSENIC(V) The properties of arsenic
were summarized in Section I11.12.

Reactions of arsenate ions A 0-1m solution of disodium hydrogen arsenate
Na,HAsO,.7H,0 can be used for the study of these reactions. The solution
should contain some dilute hydrochloric acid.

1. Hydrogen sulphide: no immediate precipitate in the presence of dilute
hydrochloric acid. If the passage of the gas is continued, a mixture of arsenic(III)

225



III.13 QUALITATIVE INORGANIC ANALYSIS

sulphide, As,S;, and sulphur is slowly precipitated. Precipitation is more rapid
in hot solution.

AsO}™ +H,S - AsO3~ +S|+H,0
2AsO3™ +3H,S+6H"* — As,S;| +6H,0
If a large excess of concentrated hydrochloric acid is present and hydrogen
sulphide is passed rapidly into the cold solution, yellow arsenic pentasulphide

As,S; is precipitated ; in the hot solution, the precipitate consists of a mixture
of the tri- and penta-sulphides.

2ASOi_ +5H2S+6H+ i AS2S51+8H20

Arsenic pentasulphide, like the trisulphide, is readily soluble in alkali
hydroxides or ammonia (a), ammonium sulphide (b), ammonium polysulphide
(c), sodium or ammonium carbonate (d):

As,Ss| +60H™ — AsS?™ +AsO,S3” +3H,0 (a)
As,Ss|+3S27 - 2AsS3- (b)
As,Ss| +6S2™ — 2AsS, +382- ©)

As,Ss] +3C02™ - AsS3™ +As0,S3~ +3CO, )

Upon acidifying these solutions with hydrochloric acid, arsenic pentasulphide
is reprecipitated :

2AsS3 +6H* — As,Ss| +3H,St

For the rapid precipitation of arsenic from solutions of arsenates without
using a large excess of hydrochloric acid, sulphur dioxide may be passed into
the slightly acid solution in order to reduce the arsenic to the tervalent state and
then the excess of sulphur dioxide is boiled off; on conducting hydrogen sulphide
into the warm reduced solution immediate precipitation of arsenic trisulphide
oceurs.

The precipitation can be greatly accelerated by the addition of small amounts
of an iodide, say, 1 ml of a 10 per cent solution, and a little concentrated
hydrochloric acid. The iodide acts as a catalyst in that it reduces the arsenic
acid thus:

AsO3™ +2I" +2H* - AsO3~ +1,+H,0
The iodine liberated is reduced, in turn, to iodide:
I,+H,S - 2H* 421" +8§|

2. Silver nitrate solution: brownish-red precipitate of silver arsenate Ag;AsO,
from neutral solutions (distinction from arsenite and phosphate which yield
yellow precipitates), soluble in acids and in ammonia solution but insoluble in
acetic acid.

AsO3™ +3Ag* — Ag;AsO,]
This reaction may be adapted as a delicate test for arsenic in the following
manner. The test is applicable only in the absence of chromates, hexacyano-

ferrate(II) and (III) ions, which also give coloured silver salts insoluble in acetic
acid.
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Place a drop of the test solution in a micro crucible, add a few drops of con-
centrated ammonia solution and of ‘10-volume’ hydrogen peroxide, and warm.
Acidify with acetic acid and add 2 drops silver nitrate solution. A brownish-red
precipitate or colouration appears.

Sensitivity : 6 ug As. Concentration limit: | in 8,000.

3. Magnesia mixture (see Section 11112, reaction 3): white, crystalline pre-
cipitate of magnesium ammonium arsenate Mg(NH,)AsO, . 6H,O from neutral
or ammoniacal solution (distinction from arsenite):

AsO}~ +Mg?* + NH; - MgNH,AsO, |

For some purposes (e.g. the detection of arsenate in the presence of phosphate),
it is better to use the magnesium nitrate reagent (a solution containing
Mg(NO,),, NH,Cl, and a little NH;).

Upon treating the white precipitate with silver nitrate solution containing a
few drops of acetic acid, red silver arsenate is formed (distinction from
phosphate):

MgNH,AsO,| +3Ag* —» Ag,AsO,| +Mg?* + NH}

4. Ammonium molybdate solution: when the reagent and nitric acid are added
in considerable excess to a solution of an arsenate, a yellow crystalline pre-
cipitate of ammonium arsenomolybdate, (NH,); AsMo,,0,, is obtained on
boiling (distinction from arsenites which give no precipitate, and from phos-
phates which yield a precipitate in the cold or upon gentle warming) The pre-
cipitate is insoluble in nitric acid, but dissolves in ammonia solution and in
solutions of caustic alkalis.

AsO3™ +12Mo02~ +3NH} +24H* — (NH,); AsMo,,0,,! +12H,0

The precipitate in fact contains trimolybdate (Mo,02;) ions; each replacing
one oxygen in AsO3~. The composition of the precipitate should be written
as (NH,);[As(M0;3040)4]-

5. Potassium iodide solution: in the presence of concentrated hydrochloric
acid, iodine is precipitated ; upon shaking the mixture with 1-2 ml of chloroform
or of carbon tetrachloride, the latter is coloured blue by the iodine. The reaction
may be used for the detection of arsenate in the presence of arsenite; oxidizing
agents must be absent.

AsO}™ +2H* 421" 2 AsO3~ +1,/ +H,0

The reaction is reversible (cf. Section IIL.12, reaction 5); a large amount of
acid must,be present to complete this reaction.

6. Uranyl acetate solution: light yellow, gelatinous precipitate of uranyl
ammonium arsenate UO,(NH,)AsO,, xH,O in the presence of excess of
ammonium acetate, soluble in mineral acids but insoluble in acetic acid. If
precipitation is carried out from a hot solution of an arsenate, the precipitate is
obtained in granular form. This test provides an excellent method of distinction
from arsenites, which do not give a precipitate with the reagent (an approxi-
mately 0- 1M solution of uranyl acetate).

AsO3~ +UO2* +NH} — UO,NH,AsO, |
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I11.14 SPECIAL TESTS FOR SMALL AMOUNTS OF ARSENIC These
tests are applicable to all, arsenic compounds, and play an important role in
forensic analysis.

(i) Marsk’s test This test, which must be carried out in the fume chamber, is
based upon the fact that all soluble compounds of arsenic are reduced by
‘nascent’ hydrogen in acid solution to arsine, AsH,, a colourless, extremely
poisonous gas with a garlic-like odour. If the gas, mixed with hydrogen, is
conducted through a heated glass tube, it is decomposed into hydrogen and
metallic arsenic, which is deposited as a brownish-black ‘mirror’ just beyond
the heated part of the tube.

On igniting the mixed gases, composed of hydrogen and arsine (after all the
air has been expelled from the apparatus), they burn with a livid blue flame and
white fumes of arsenic(IIT) oxide are evolved; if the inside of a small porcelain
dish is pressed down upon the flame, a black deposit of arsenic is obtained on
the cool surface, and the deposit is readily soluble in sodium hypochlorite or
bleaching powder solution (distinction from antimony).

The following reactions take place during these operations.

As®** +3Zn+3H* > AsH;1+3Zn?*
AsO3~+4Zn+11H* - AsH,1+4Zn%* +4H,0
4AsH;T — (heat) —» 4As| +6H,1
2AsH;31+30, — As,0;+3H,0
2As| +50C1™ +3H,0 - 2As03~ +5C1” +6H*

The Marsh test is best carried out as follows. The apparatus is fitted up as
shown in Fig. ITI.1. A conical flask of about 125 ml capacity is fitted with a
two-holed rubber stopper carrying a thistle funnel reaching nearly to the bottom
of the flask and a 5-7 mm right-angle tube; the latter is attached by a short
piece of ‘pressure’ tubing to a U-tube filled with glass wool moistened with lead
acetate solution to absorb any hydrogen sulphide evolved (this may be dis-
pensed with, if desired, as its efficacy has been questioned), then to a small tube
containing anhydrous calcium chloride of about 8 mesh, then to a hard glass
tube, c. 25 cm long and 7 mm diameter, constricted twice near the middle to
about 2 mm diameter, the distance between the constrictions being 6-8 cm.
The drying tubes and the tube ABC are securely supported by means of clamps.

Glass wool moistened with Pb (CH;COQ), solution

Zn and dilute H, SO,

Fig. IIL1
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All reagents must be arsenic-free. Place 15-20 grams of arsenic-free zinc in the
flask, add dilute sulphuric acid (1:3) until hydrogen is vigorously evolved. The
purity of the reagents is tested by passing the gases, by means of a delivery tube
attached by a short piece of rubber tubing to the end of C, through silver nitrate
solution for several minutes; the absence of a black precipitate or suspension
proves that appreciable quantities of arsenic are not present.

The black precipitate is silver:

AsH,T+6Ag" —» As** +3H" +6Ag|

The solution containing the arsenic compound is then added in small amounts
at a time to the contents of the flask. If much arsenic is present, there will be an
almost immediate blackening of the silver nitrate solution. Disconnect the
rubber tube at C. Heat the tube at A to just below the softening point; a mirror
of arsenic is deposited in the cooler, less constricted portion of the tube. A
second flame may be applied at B to ensure complete decomposition (arsine is
extremely poisonous). When a satisfactory mirror has been obtained, remove
the flames at A and B and apply a light at C. Hold a cold porcelain dish in the
flame, and test the solubility of the black or brownish deposit in sodium hypo-
chlorite solution.

Smaller amounts of arsenic may be present in the silver nitrate solution as
arsenious acid and can be detected by the usual tests, e.g. by hydrogen sulphide
after removing the excess of silver nitrate with dilute hydrochloric acid, or by
neutralizing and adding further silver nitrate solution, if necessary.

Filter paper moistened
with AgNO, solution

Cotton wool

Dilute H,50,
Zinc

Fig. 1112

The original Marsh test involved burning and deposition of the arsenic upon
a cold surface. Nowadays the mirror test is usually applied. The silver nitrate
reaction (sometimes known as Hofmann’s test) is very useful as a confirmatory
test.

(ii) Gutzeit’s test This is essentially a modification of Marsh’s test, the chief
difference being that only a test-tube is required and the arsine is detected by
means of silver nitrate or mercury(II) chloride. Place 1-2 g arsenic-free zinc in
a test-tube, add 5-7 ml dilute sulphuric acid, loosely plug the tube with purified
cotton wool and then place a piece of filter paper moistened with 20 per cent
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silver nitrate solution on top of the tube (Fig. II1.2). It may be necessary to warm
the tube gently to produce a regular evolution of hydrogen. At the end of a
definite period, say 2 minutes, remove the filter paper and examine the part that
covered the test-tube; usually a light-brown spot is obtained owing to the traces
of arsenic present in the reagents. Remove the cotton-wool plug, add 1 ml of
the solution to be tested, replace the cotton wool and silver nitrate paper, the
latter displaced so that a fresh portion is exposed. After 2 minutes, assuming
that the rate of evolution of gas is approximately the same, remove the filter
paper and examine the two spots. If much arsenic is present, the second spot
(due to metallic silver), will appear black.

Hydrogen sulphide, phosphine PH 3, and stibine SbHj, give a similar reaction.
They may be removed by means of a purified cotton-wool plug impregnated
with copper(I) chloride.

The use of mercury(II) chloride paper, prepared by immersing filter paper
in a § per cent solution of mercuric chloride in alcohol and drying in the
atmosphere out of contact with direct sunlight, constitutes an improvement.
This is turned yellow by a little arsine and reddish-brown by larger quantities.
Filter paper, impregnated with a 0-3M aqueous solution of ‘gold chloride’
NaAuCl,.2H,0, may also be employed when a dark-red to blue-red stain is
produced. A blank test must be performed with the reagent in all cases. In this
reaction gold is formed:

AsH;+2Av3* - As®** +2Au| +3H*

The test may be performed on the semimicro scale with the aid of the apparatus
shown in Fig. II1.3. Place 10 drops of the test solution in the semimicro test-

Fig. II1.3

tube, add a few granules of arsenic-free zinc and 1 ml dilute sulphuric acid.
Insert a loose wad of pure cotton wool moistened with lead nitrate solution in
the funnel, and on top of this placé a disc of drop-reaction paper impregnated
with 20 per cent silver nitrate solution; the paper may be held in position by a
watch glass or microscope slide. Warm the test-tube gently (if necessary) on a
water bath to accelerate the reaction, and allow to stand. Examine the silver
nitrate paper after about 5 minutes. A grey spot will be obtained; this is
occasionally yellow, due to the complex Ag;As.3AgNO;.
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For minute quantities of arsenic, it is convenient to use the apparatus depicted
in Fig. I1.56. Mix a drop of the test solution with a few grains of zinc and a few
drops of dilute sulphuric acid in the micro test-tube. Insert the funnel with a
flat rim, and place a small piece of drop-reaction paper moistened with 20 per
cent silver nitrate solution on the flat surface. A grey stain will be obtained.

Sensitivity : | ug As. Concentration limit. 1 in 50,000.

A more sensitive test is provided by drop-reaction paper impregnated with
gold chloride reagent (a 0-3M solution of NaAuCl,.2H,0). Perform the test
as described in the previous paragraph: a blue to blue-red stain of metallic gold
is obtained after standing for 10-15 minutes. It is essential to perform a blank
test with the reagents to confirm that they are arsenic-free.

Sensitivity : 0-05 pg As. Concentration limit: 1 in 100,000.

(iii) Fleitmann’s test This test depends upon the fact that nascent hydrogen
generated in alkaline solution, e.g. from aluminium or zinc and sodium
hydroxide solution, reduces arsenic(III) compounds to arsine, but does not
affect antimony compounds. A method of distinguishing arsenic and antimony
compounds is thus provided. Arsenates must first be reduced to the tervalent
state before applying the test. The modus operandi is as for the Gutzeit test,
except that zinc or aluminium and sodium hydroxide solution replace zinc and
dilute sulphuric acid. It is necessary to warm the solutions. A black stain of silver
is produced by the action of the arsine.

The apparatus of Fig. II1.3 may be used on the semimicro scale. Place | ml
test solution in the test-tube, add some pure aluminium turnings, and 1 ml
2M potassium hydroxide solution. Gentle warming is usually necessary. A yellow
or grey stain is produced after several minutes.

(iv) Reinsch’s test If a strip of bright copper foil is boiled with a solution of
an arsenic(IIT) compound acidified with at least one-tenth of its bulk of con-
centrated hydrochloric acid, the arsenic is deposited upon the copper as a grey
film of copper arsenide CusAs,. Antimony, mercury, silver, and other metals
are precipitated under similar conditions. It is therefore necessary to test for
arsenic in the deposit in the dry way. The strip is washed with distilled water,
dried between filter paper, and then gently heated in a test-tube; a white crystal-
line deposit of arsenic(II) oxide is obtained. The latter is identified by exami-
nation with a hand lens, when it will be seen to consist of colourless octahedral
and tetrahedral crystals; it may also be dissolved in water and tested for arsenic
by Fleitmann’s or Bettendorff’s test.
Arsenates are also reduced by copper, but only slowly even on boiling.

(v) Dry tests a. Blowpipe test Arsenic compounds when heated upon
charcoal with sodium carbonate give a white incrustation of arsenic(III) oxide,
and an odour of garlic is apparent while hot.

b. When heated with excess of potassium cyanide and of anhydrous sodium
carbonate in a dry bulb tube, a black mirror of arsenic, soluble in sodium
hypochlorite solution, is produced in the cooler part of the tube.

I11.15 ANTIMONY, Sb (4,: 121-75) - ANTIMONY(III) Antimony is a
lustrous, silver-white metal, which melts at 630°C. It is insoluble in hydrochloric
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acid, and in dilute sulphuric acid. In hot, concentrated sulphuric acid it dissolves
slowly forming antimony(III) ions:

2Sb+3H,S0, + 6H* — 2Sb>* +3S0,1+ 6H,0

Nitric acid oxidizes antimony to an insoluble product, which can be regarded
as a mixture of Sb,0; and Sb,0;. These anhydrides, in turn, can be dissolved
in tartaric acid. A mixture of nitric acid and tartaric acid dissolves antimony
easily.

Aqua regia dissolves antimony, when antimony(III) ions are formed:

Sb+HNO; +3HCI - Sb** +3Cl~ +NO?1+2H,0

Two series of salts are known, with antimony(III) and antimony(V) ions in
them; these are derived from the oxides Sb,0; and Sb,0s.

Antimony(IIT) compounds are easily dissolved in acids, when the ion Sb3*
is stable. If the solution is made alkaline, or the concentration of hydrogen ions
is decreased by dilution, hydrolysis occurs when antimonyl, SbO™, ions are
formed:

Sb3* +H,0 2 SbO* +2H*

Antimony(V) compounds contain the antimonate ion, SbO2~. Their charac-
teristics are similar to the corresponding arsenic compounds.

Reactions of antimony(1Il) ions A 0-2m solution of antimony(III) chloride,
SbCl;, can be used to study these reactions. This can be prepared either by
dissolving the solid antimony(III) chloride or antimony(IIT) oxide, Sb,0,, in
dilute hydrochloric acid.

1. Hydrogen sulphide: orange-red precipitate of antimony trisulphide, Sb,S,,
from solutions which are not too acid. The precipitate is soluble in warm con-
centrated hydrochloric acid (distinction and method of separation from
arsenic(IIT) sulphide and mercury(Il) sulphide), in ammonium polysulphide
(forming a thioantimonate), and in alkali hydroxide solutions (forming
antimonite and thioantimonite).

2Sb** +3H,S — Sb,S,| +6H*
Sb,S,| +6HCI - 2Sb** +6C1~ +3H,S?t
Sb,S;| +4S3™ - 2SbS3}™ +83°
28b,S;| +40H~ — SbO; +3SbS; +2H,0
Upon acidification of the thioantimonate solution with hydrochloric acid,
antimony pentasulphide is precipitated initially but usually decomposes
partially into the trisulphide and sulphur:
2SbS2~ +6H* —Sb,S5] +3H,S?T
Sb,Ss| — Sb,S,] +28]

Acidification of the antimonite-thioantimonite mixture leads to the precipi-
tation of the trisulphide:

SbOj +3SbS; +4H* — 2Sb,S,| +2H,0
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2. Water: when the solution is poured into water, a white precipitate of
antimonyl chloride SbO.Cl is formed, soluble in hydrochloric acid and in
tartaric acid solution (difference from bismuth). With a large excess of water
the hydrated oxide Sb,0,.xH,0 is produced.

3. Sodium hydroxide or ammonia solution: white precipitate of the hydrated
antimony(III) oxide Sb,0;.xH,0 soluble in concentrated (5M) solutions of
caustic alkalis forming antimonites.

28b3* +60H™ — Sb,0,| +3H,0
Sb,0,| +20H" — 28b0; +H,0

4. Zinc: a black precipitate of antimony is produced. If a little of the antimony
trichloride solution is poured upon platinum foil and a fragment of metallic
zinc is placed on the foil, a black stain of antimony is formed upon the platinum;
the stain (or deposit) should be dissolved in a little warm dilute nitric acid and
hydrogen sulphide passed into the solution after dilution; an orange precipitate
of antimony trisulphide will be obtained.

2Sb3* +3Zn| — 2Sb| +3Zn?**

Some stibine SbH, may be evolved when zinc is used; it is preferable to employ
tin.

2Sb3* +3Sn| — 2Sb| +3Sn?*

A modification of the above test is to place a drop of the solution containing
antimony upon a genuine silver coin and to touch the coin through the drop
with a piece of tin or zinc; a black spot will form on the coin.

5. Iron wire : black precipitate of antimony. This may be confirmed as described
in reaction 4.

2Sb3* +3Fe — 2Sb| +3Fe?*

6. Potassium iodide solution: yellow colouration owing to the formation of a
complex salt.

Sb** +61" — [Sbl¢]*~
7. Rhodamine-B (or tetraethylrhodamine) reagent

[(C.H )N o N(C,Hy), |
Ty |

C

<\}(COOH

L _

violet or blue colouration with quinquevalent antimony. Tervalent antimony
does not respond to this test, hence it must be oxidized with potassium or
sodium nitrite in the presence of strong hydrochloric acid. In Group IIB SbCl,
is always formed together with SnCl, when the precipitate is treated with
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hydrochloric acid: by oxidizing Sb(IIT) to Sb(V) with a little solid nitrite, an
excellent means of testing for Sb in the presence of a large excess of Sn is
available. Mercury, gold, thallium, molybdates, vanadates, and tungstates in
solution give similar colour reactions.

The test solution should be strongly acid with hydrochloric acid and the
antimony(I1I) oxidized by the addition of a little solid sodium or potassium
nitrite: a large excess of nitrite should be avoided. Place 1 ml reagent on a spot
plate and add 1 drop test solution. The bright-red colour of the reagent changes
to blue.

Sensitivity: 05 png Sb and applicable in the presence of 12,500 times that
amount of Sn. Concentration limit: 1 in 100,000.

The reagent is prepared by dissolving 0-01 g of rhodamine-B in 100 ml of
water. A more concentrated reagent is obtained by dissolving 005 g of
rhodamine-B in a 15 per cent solution of potassium chloride in 2M hydrochloric
acid.

8. Phosphomolybdic acid reagent (H3[PMo,,0,,]): ‘molybdenum blue’ is
produced by antimony(III) salts. Of the ions in Group II, only tin(II) interferes
with the test. The test solution may consist 