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Preface

The welcome changes in GCE Advanced level syllabuses during the
last few years have prompted the writing of this new Inorganic
Chemistry which is intended to replace the book by Wood and
Holliday. This new book, like its predecessor, should also be of value
in first-year tertiary level chemistry courses. The new syllabuses have
made it possible to go much further in systematising and explaining
the facts of inorganic chemistry, and in this book the first four chap-
ters—the periodic table; structure and bonding; energetics: and
acids and bases with oxidation and reduction—provide the necessary
grounding for the later chapters on the main groups, the first transi-
tion series and the lanthanides and actinides. Although a similar
overall treatment has been adopted in all these later chapters. each
particular group or series has been treated distinctively. where
appropriate, to emphasise special characteristics or trends.

A major difficulty in an inorganic text is to strike a balance between
a short readable book and a longer. more detailed text which can be
used for reference purposes. In reaching what we hope is a reasonable
compromise between these two extremes, we acknowledge that both
the historical background and industrial processes have been treated
very concisely. We must also say that we have not hesitated to sim-
plify complicated reactions or other phenomena—thus, for example,
the treatment of amphoterism as a pH-dependent sequence between
a simple aquo-cation and a simple hydroxo-anion neglects the pre-
sence of more complicated species but enables the phenomena to be
adequately understood at this level.

Weare grateful to the following examination boardsfor permission
to reproduce questions (or parts of questions) set in recent years in
Advanced level (A), Special or Scholarship (S), and Nuffield (N)
papers: Joint Matriculation Board (JMB). Oxford Local Examina-
tions (O). University of London (L) and Cambridge Local Examina-
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tion Svndicate (C). We also thank the University of Liverpool for
permission to use questions from various first-year examination
papers. Where appropriate, data in the questions have been converted
to SI units, and minor changes of nomenclature have been carried
out: we are indebted to the various Examination Boards and to the
University of Liverpool for permission for such changes.

cC
AKH.



1
The periodic table

DEVELOPMENT OF IDEAS
METALS AND NON-METALS

We now know of the existence of over one hundred elements. A cen-
tury ago, more than sixty of these were already known, and naturally
attempts were made to relate the properties of all these elements in
some way. One obvious method was to classify them as metals and
non-metals ; but this clearly did not go far enough.

Among the metals, for example, sodium and potassium are similar
to each other and form similar compounds. Copper and iron are
also metals having similar chemical properties but these metals are
clearly different from sodium and potassium—the latter being soft
metals forming mainly colourless compounds, whilst copper and
iron are hard metals and form mainly coloured compounds.

Among the non-metals, nitrogen and chlorine, for example. are
gases, but phosphorus, which resembles nitrogen chemically, is a
solid, as is iodine which chemically resembles chlorine. Clearly we
have to consider the physical and chemical properties of the elements
and their compounds if we are to establish a meaningful classification.

ATOMIC WEIGHTS

By 1850. values of atomic weights (now called relative atomic
masses) had been ascertained for many elements, and a knowledge of
these enabled Newlands in 1864 to postulate a law of octares. When
theelements were arranged in order of increasing atomic weight, each

1



2 THE PERIODIC TABLE

successive eighth element was ‘a kind of repetition of the first’. A few
years later, Lothar Meyer and Mendeléef, independently, suggested
that the properties of elements are periodic functions of their atomic
weights. Lothar Meyer based his suggestion on the physical properties
oftheelements. He plotted ‘atomic volume’—the volume (cm?) of the

Cs

70+

Atomic volume

|
o] 20 40 60 80 100 120 140
Atomic weight

Figure 1.1. Atomic volume curve (Lothar Meyer)

atomic weight (g) of the solid element-- against atomic weight. He
obtained the graph shown in Figure 1.1. We shall see later that many
other physical and chemical properties show periodicity (p. 15).

‘VALENCY’ AND CHEMICAL PROPERTIES

Mendeléef drew up a table of elements considering the chemical
properties, notably the valencies, of the elements as exhibited in their
oxides and hydrides. A part of Mendeléef’s table is shown in Figure
1.2 -note that he divided the elements into vertical columns called
groups and into horizontal rows called periods or series. Most of
the groups were further divided into sub-groups, for example Groups
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IA. IB as shown. The element at the top of each group was called
the ‘head’ element. Group VIII contained no head element. but was
made up of a group of three elements of closely similar properties,
called ‘transitional triads’. Many of these terms, for example group,
period and head element, are still used, although in a slightly different
way from that of Mendeléef.

Group 1 IMMNVN ¥V VI VI v
Li -
Na -
) C
u Fe Co Ni
A |ro B ¢ e
sub- Ag sub- Ru Rh Pd
group |[Cs group
- Au Os Ir Pt

* Francium. unknown to Mendeléef, has been added

Figure 1.2, Arrangement of some elements according to Mendeléef

The periodic table of Mendeléef, and the physical periodicity
typified by Lothar Meyer’s atomic volume curve. were of immense
value to the development of chemistry from the mid-nineteenth to
early in the present century, despite the fact that the quantity chosen
to show periodicity, the atomic weight, was not ideal. Indeed,
Mendeléef had to deliberately transpose certain elements from their
correct order of atomic weight to make them fit’ into what were the
obviously correct places in his table; argon and potassium. atomic
weights 39.9 and 39.1 respectively, were reversed, as were iodine and
tellurium. atomic weights 126.9 and 127.5. This rearrangement was
later fully justified by the discovery of isotopes. Mendeléef’s table
gave a means of recognising relationships between the elements but
gave no fundamental reasons for these relationships.

ATOMIC NUMBER

In 1913 the English physicist Moseley examined the spectrum
produced when X-rays were directed at a metal target. He found that
the frequencies v of the observed lines obeyed the relationship

v=aZ - b)?

where aand b are constants. Z wasa number, different for each metal.
found to depend upon the position of the metal in the periodic table.
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It increased by one unit from one element to the next, for example
magnesium 12. aluminium 13. This is clearly seen in Figure 1.3.
Z was called the atomic number ; it was found to correspond to the
charge on the nucleus of the atom (made up essentially of protons and
neutrons), a charge equal and opposite to the number of extra nuclear

Frequency

| | L | 1
20 30 40 50 60

Z {atamic number)

Figure 1.3. Variation of ( frequency’® with Z

electrons in the atom. Here then was the fundamental quantity on
which the periodic table was built.

ATOMIC SPECTRA

Studies of atomic spectra confirmed the basic periodic arrangement
ofelementsasset out by Mendeléef and helped to develop thisinto the
modern table shown in the figure in the inside cover of this book.
When atoms of an element are excited, for example in an electric
discharge or by an electric arc, energy in the form of radiation is
emitted. This radiation can be analysed by means of a spectrograph
into a series of lines called an atomic spectrum. Part of the spectrum
of hydrogen is shown in Figure [.4. The lines shown are observed in
the visible region and are called the Balmer series after their

L[ [

[/ XN—

Figure 1.4. A part of the atomic spectrum of hydrogen (/. = wavelength)
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discoverer. Several series of lines are observed. all of which fit
the formula

1 R 1 1

R T

where R is a constant (the Rvdberg constant). 2 the wavelength of
the radiation. and n; and n, have whole number values dependent
upon the series studied. as shown below :

Series ", n,
Lyman 1 2.3.4
Balmer 2 3.4.5,6
Paschen 3 4.56.7

4 5,6.7.8

Brackett

The spectra of the atoms of other elements also consist of similar
series, although much overlapping makes them less simple in
appearance.

THE BOHR MODEL

To explain these regularities. the Danish physicist Bohr (again in
1913) suggested that the electrons in an atom existed in certain
definite energy levels; electrons moving between these levels emit or
absorb energy corresponding to the particular frequencies which
appear in the spectrum. As a model for his calculations, Bohr
envisaged an atom as having electrons in circular orbits, each orbit
corresponding to a particular energy state. The ‘orbit” model accu-
rately interpreted the spectrum of hydrogen but was less successful
for other elements. Hydrogen. the simplest atom, is made up of a
proton (nucleus) and an electron. The electron normally exists in the
lowest energy state E,, but may be excited from this lowest state,
called the ground state, by absorption of energy and reach a higher
energy state E,, E, ..., always such that the energy change E, is given
by E, = constantjn* where n is a whole number called a quantum
number. In Bohr’s model, the n values corresponded to different
orbits. an orbit with radius r, corresponded ton=1.r,ton =2
and so on.

Improved spectroscopic methods showed that the spectrum of
hydrogen contained many more lines than was originally supposed
and thatsome of these lines were split further into yet more lines when
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the excited hydrogen was placed in a magnetic field. An attempt was
made to explain these lines using a modified Bohr model with ellip-
tical orbits but this was only partially successful and the model was
eventually abandoned.

WAVE-MECHANICS

With the failure of the Bohr model it was found that the properties
of an electron in an atom had to be described in wave-mechanical
terms (p. 54). Each Bohr model energy level corresponding to
n = 1.2.3....issplit into a group of subsidiary levels designated by
the letters s. p. d, f. The number n therefore became the number of a
quantum level made up of a set of orbitals (p. 54). Interpretation of
theeffect of a magnetic or electric field on the spectra required that the
p.d and f orbitals must also be subdivided so that finally each ‘sub-
division energy level’ can accommodate only two electrons, these
being described by the symbols T and | (representing electrons of
opposite spin). Each eleciron can have, therefore. a unique descrip-
tion, its spin and its energy level or orbital. We can summarise the
data for the first three quantum levels briefly as shown in Table 1.1.

Table 1.1
ELECTRONS IN THE FIRST THREE QUANTUM LEVELS

Quantum level

Orbital - - - - - R - -
1 2 3
s o1 1
p TR TRIRI
d TR
Total 2 8 18

Note. The maximum number of electrons that any quantum level
can accommodate is seen to be given by the formula 2n2 where 7 is
the number of the quantum level, for example n = 3. the maximum
number of electrons is therefore 18.

An orbital is characterised by having a single energy level able to
accommodate two electrons. The three p orbitals and five d orbitals
are given symbols to differentiate them, for example p,. p,. p.
representing three orbitals at right angles each capable of containing
two electrons.
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THE MODERN PERIODIC TABLE

The close similaritv of the atomic spectra of other atoms to that of
hydrogen indicates that. as we progressively increase the number of
protons in the nucleus and the extranuclear electrons in the atom for
a series of elements of increasing atomic number, the additional elec-
trons enter orbitals of the type originally suggested by wave-
mechanics for hydrogen. The orbitals are filled in order of ascending
energy and when several equivalent energy levels are available, each
is occupied by a single electron before any pairing of electrons with
opposed spin occurs.

The order of increasing energy for the orbitals can be deduced from
the modern periodic table although for elements of high atomic num-
ber (when the electron energy levels are close together) the precise
positioning of an electron may be rather uncertain. The filling of the
energy levels for the first ten elements, hydrogen to neon, atomic
numbers 1-10 is shown in Table 1.2.

Table 1.2
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS HYDROGEN TO NEON
Is 2s 2p

H i
He Tl
Li Tl |
Be Tl T
B Tl T i
C Tl T I I
N Tl Tl i i i
o T 1 T 1 Tl T I
F Tl T T Tl 1
Ne Tl Tl Tl T4 T

We notice here that the first energy level. quantum number n = 1.
is complete at helium and there is only one orbital the 1s (first
quantum level. s type orbital). When this is full (1s?). we may call it
the helium core. Filling of the quantum level begins at lithium:
at beryllium the 2s orbital is filled and the next added electron
must go into a 2p orbital. All three 2p orbitals have the same energy
in the absence ofa magnetic or electric field and fill up singly at first—
elements boron to nitrogen—before the electrons ‘pair up’. (The effect
of pairing on the ionisation energy is further discussed on page 16.)
The n = 2 quantum level is completed at neon, and again we may
use ‘neon core’ for short.
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For the next elements. sodium to argon. the n = 3 quantum
levelfills up in the same way as the n = 2 quantum level. Thisisshown
in Table 1.3.

Reference to the modern periodic table (p. (i)) shows that we have
now completed the first three periods—the so-called ‘short’ periods.
But we should note that the n = 3 quantum level can still accommo-
date 10 more electrons.

Table 1.3
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS SODIUM TO ARGON

Atome Llement 1s 2s 2p 3s 3p Notation
number

11 Na 1l 1l T 1 Ne core 3s’

12 Mg i.e. neon core 11 Ne core 3s®

13 Al 11 7 Ne core 3523p!

14 Si 11 1 Ne core 3s%3p?

15 P 11 "1 Ne core 3s23p*

16 S 1l 111 Ne core 3s*3p*

17 cl t1  1U1lt  Ne core 35*3p°

18 Ar 11 UMl 1s72522p03s73p°

The element of atomic number 19 is potassium, strongly resembl-
ing both sodium and lithium in its physical and chemical properties.
The atomic spectrum of potassium also confirms its position as a
Group I element with an electronic configuration resembling that of
sodium. These facts indicate that the extra electron in potassium must
be placed in a new quantum level and it is therefore ascribed the
electronic configuration 1s°25*2p©3s?3p°4s' (ie. 2. 8. 8. 1). Similar
reasoning leads to calcium being given an electronic configuration
of 15225*2p®3523p°4s? (ie. 2, 8. 8, 2).

The following series of 10 elements, atomic numbers 21-30
inclusive, are all metals. indicating that they probably have the outer
electronic configuration of a metal. i.e. 4 or less outer electrons. This
is only possible if these electrons are placed in the inner n = 3
quantum level, entering the vacant 3d orbitals and forming a series
of "transition’ metals. We should note that at zinc, atomic number 30.
the n = 3 quantum level is complete and filling of the n = 4 quantum
level is resumed with electrons entering the 4p orbitals. The electronic
configurations for elements atomic numbers 19-36 are shown in
Table 1.4.

Kryptonis found to be an extremely unreactive element indicating
that it has a stable electronic configuration despite the fact that the
n = 4 quantum level can accommodate 24 more electrons in the d
and f orbitals.
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Table 1.4
ELECTRONIC CONFIGURATION OF THE ELEMENTS POTASSIUM TO KRYPTON

Atomic Element 15 25 35 3p 3a 4s 4p
number
19 K 1
20 Ca 1l
21 Sc 1 1l
22 Ti T 11
23 v T 11
2% O S A S B!
25 Mn T
2 Fe VR P O B S
27 Co Argon w1t 11
28 Ni core LI T W | 11
*29 Cu [ P A A T
30 Zn [ A VA A Tl
31 Ga LI I A R ¥ T i
32 Ge L I A W Tl T 1
3. As U S N
34 Se LIS T A A 1 T 1
35 Br [ O A WA Tl nort
36 Kr [N S AR WA Tl [

* The tendency to attain either a half filled or fully filled set of 4 orbitals at the expense of the outer s orbital
is shown by both chromium and copper and should be noted. This apparent irregularity will be discussed in more
detail in Chapter 13.

Notie. The electronic configuration of any element can easily be obtained from the periodic table by adding up
the numbers of electrons in the various quantum levels. We can express these in several ways. for example electronic
configuration of nickel can be written as 1s*2522p®35°3d%4s%. or more briefly (‘neon core’) 3d®4s2, or even more
simply as 2. 8. 14. 2

Chemical properties and spectroscopic data support the view that
in the elements rubidium to xenon, atomic numbers 37-54, the 5s, 4d
5p levels fill up. This is best seen by reference to the modern periodic
table p. (i). Note that at the end of the fifth period the n = 4 quantum
level contains 18 electrons but still has a vacant set of 4 f orbitals.

The detailed electronic configurations for the elements atomic
numbers 55-86 can be obtained from the periodic table and are shown
below in Table 1.5.

Note that the filling of the 4 f orbitals begins after lanthanum
(57) and the 14 elements cerium to lutetium are called the lanthanides
(Chapter 15). The electronic configuration of some of the newly dis-
covered elements with atomic numbers greater than 95 are uncertain
as the energy levels are close together. Filling of the 5/ orbitals does
begin after actinium (89) and the remaining elements are generally
referred to as actinides (Chapter 15).
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Table 1.5
ELECTRONIC CONFIGURATIONS OF THE ELEMENTS CAESIUM TO LAWRENCILM
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12 THE PERIODIC TABLE
FEATURES OF THE PERIODIC TABLE

1. Chemical, physical and spectroscopic data all suggest a periodic
table as shown on p. (/).

2. The maximum number of electrons which a given quantum
level can accommodate is given by the formula 2n* where n is the
quantum level number.

3. Except for the n = 1 quantum level the maximum number of
electronsin the outermost quantum level ofany period isalwayseight.
At this point the element concerned is one of the noble gases (Chapter
12).

4. Elements in the s and p blocks of the table are referred to as
typical elements whilst those in the d block are called ‘transition
elements’ and those in the f'block are called actinides and lanthanides
(or ‘rare earth’ elements).

5. The table contains vertical groups of elements ; each member of
a group having the same number of electrons in the outermost
quantum level. For example, the element immediately before each
noble gas, with seven electrons in the outermost quantum level, is
always a halogen. The element immediately following a noble gas,
with one electron in a new quantum level, is an alkali metal (lithium,
sodium, potassium. rubidium, caesium, francium).

6. The periodic table also contains horizontal periods of elements,
each period beginning with an element with an outermost electron
in a previously empty quantum level and ending with a noble gas.
Periods 1, 2 and 3 are called short periods. the remaining are long
periods; Periods 4 and 5 containing a series of transition elements
whilst 6 and 7 contain both a transition and a ‘rare earth’ series.

7. Comparison of the original Mendeléef type of periodic table
(Figure 1.2) and the modern periodic table (p.(i)) shows that the
original group numbers are retained but Group I, for example, now
contains only the alkali metals, ie. it corresponds to the top two
Group I elements of the Mendeléef table together with Group IA. At
the other end of the table, Group VII now contains only the halogens,
1.e. the original Group VIIB. The transition elements, in which the
inner d orbitals are being filled. are removed to the centre of the table
and the ‘rare earth’ elements, in which the f orbitals are being filled.
are placed, for convenience, at the bottom of the table, eliminating
the necessity for further horizontal expansion of the whole table.

The original lettering of the transition metal groups, for example
VIB, VIIB and so on is still used, but is sometimes misleading and
clearly incomplete. However, we may usefully refer, for example, to
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Group IIB and know that this means the group of elements zinc.
cadmium and mercury. whilst Group 1A refers to the alkaline earth
metals beryllium. magnesium. calcium. barium and strontium.

When Mendeléef devised his periodic table the noble gases were
unknown. Strictly. their properties indicate that they form a group
beyond the halogens. Mendeléef had already used ‘Group VIII’ to
describe his “transitional triads’ and the noble gases were therefore
placed in a new Group O.

8. The transition or d block elements. in which electrons enter
inner ( orbitals, form a well-defined series with many common and
characteristic features. They are all metals: those on the right of the
block are softer and have lower melting points than those on the left
(Table 13.2. p. 360). Many are sufficiently resistant to oxidation. cor-
rosion and wear to make them useful in everyday life. They have
similar ionisation energies (Figure 1.6), often give ions of variable
valency. and readily form complexes (pp. 46. 362) many of which are
coloured. However. regular gradations of behaviour. either across a
series or down a group are much less apparent than in the typical s and
p block elements. The elements at the end of each transition series—
copper and zinc in Period 4, silver and cadmium in Period 5 and gold
and mercury in Period 6—have d orbitals which are filled. When
copper and silver form the copper(I) ion Cu* and the silver ion Ag*
respectively, and zinc and cadmium the ions Zn?* and Cd** respec-
tively. the inner 4 orbitals remain filled. Are these elements and ions
properly called “transition’ elements and ions? We shall see in Chap-
ters 13 and 14 that their properties are in some respects intermediate
betweenthose characteristic ofa transition metaland a non-transition
metal. Thus zinc, for example. is like calcium in some of its compounds
but like a transition metal in others. Again, silver has some properties
like an alkali metal but also has ‘transition-like’ properties.

The elements gold and mercury show little resemblance to any
non-transition metals, but their ‘transition-like’ properties are not
much like those of other transition metals either. In the older
Mendeléef form of the periodic table, the elements copper, silver and
gold—often called the ‘coinage’ metals—occupied Group IB, and
zinc. cadmium and mercury Group IIB, these being subdivisions of
Groups I and II respectively. However, there are no really very good
grounds for treating these two trios as groups; copper. silver and
gold have few resemblances, and Group IB does not resemble Group
IA—the alkali metals. These six elements obviously present a prob-
lem ; usually they are treated as transition metals or separately as ‘the
B metals’.

9. The lanthanides and the subsequently discovered actinides do
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not fitinto the Mendeléef table and can only be fitted into the modern
table by expanding it sideways to an inconvenient degree. They are.
therefore. placed separately at the bottom of the table. These two
series of elements are now recognised as being inner transition ele-
ments, when electrons enter a quantum level two units below that of
the outer. Many properties depend upon the outer electronic confi-
gurations and hence we can correctly predict that the lanthanides
and actinides are two series of closely similar elements.

10. In noting changes of properties down the typical element
groups [-VII of the periodic table, it soon becomes apparent that
frequently the top or head element in each group does not fall into
line with the other elements below it. This is clearly seen when we
consider the melting points and boiling points of elements and their
compounds (p. 17). and when we come to look at the properties of
the individual groups in detail we shall see that the head element and
its compounds are often exceptional in both physical and chemical
properties. It will be sufficient to note here that all the head elements
in Period 2, namely lithium, beryllium. boron, carbon, nitrogen,
oxygenand fluorine, have one characteristicin common—they cannot
expand their electron shells. The elements of Periods 3 onwards
have vacant d orbitals, and we shall see that these can be used to
increase the valency of the elements concerned—but in Period 2 the
valency is limited.

Unlike ‘typical element’ groups the ‘transition metal’ groups do
not have head elements.

11. Although the head element of each group is often exceptional
in its properties, it does often show a resemblance to the element one
place to its right in the period below, i.e. Period 3. Thus lithium re-
sembles magnesium both physically and chemically. Similarly beryl-
lium resembles aluminium and boron resembles silicon but the resem-
blances of carbon to phosphorus and nitrogen to sulphur are less
marked. Oxygen, however, does resemble chlorine in many respects.
These are examples of what is sometimes called the diagonal
relationship in the periodic table.

12. By reference to the outline periodic table shown on p. (i)
we see that the metals and non-metals occupy fairly distinct regions
of the table. The metals can be further sub-divided into (a) ‘soft’
metals, which are easily deformed and commonly used in moulding,
for example, aluminium, lead, mercury, (b) the ‘engineering’ metals,
for example iron, manganese and chromium, many of which are
transition elements. and (c) the light metals which have low densities
and are found in Groups 1A and IIA.
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IMPORTANT PROPERTIES WHICH SHOW A
PERIODIC FUNCTION

IONISATION ENERGY

Reference has already been made to Lothar Meyer’s plot of “atomic
volume’ against atomic weight as a demonstration of a physical
property of the elements and Figure 1.5 shows a modern plot of
‘atomic volume’ against atomic number. Although regularities are
clearly observable ‘atomic volume’ has no single meaning for all the
elements-—certainly it does not measure atomic size, a quantity which
depends on the state of aggregation of the element. There are, how-
ever. more fundamental physical properties which show periodicity.

Atomic volume, cm3 mol™
[&1] b [ [o] ~
5 o &6 6 o

1 T I |

n
(o]

o
T

| | | | | | | | |
0 10 20 30 40 50 60 70 80 90
Atomic number

Figure 1.5. Atomic volume and atomic number

One of these is the first ionisation energy. This is the energy needed to
remove one electron from a free atom of the element, i.e. for the
process:

M(g) > M*(g) + e

where M is the element atom. A plot of first ionisation energy against
atomic number is shown in Figure 1.6 (units of ionisation energy are
kJmol™ ).

Clearly the general tendency is for metals to have low ionisation
energies and non-metals to have rather high ionisation energies. We
should also note that the first ionisation energies rise as we cross a
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period. although not quite regularly, and fall as we descend a group.
for example lithium to caesium. The fall in ionisation energy as we
descend a group is associated with the change from non-metallic to
metalliccharacter and is very clearly shown by the Group IV elements.
carbon, silicon, germanium and tin. Here then is a link between the
physico-chemical property ionisation energy and those chemical
properties which depend on the degree of metallic (electropositive)
character of the elements in the group.

If we consider the successive (first, second, third . . ) ionisation
energies for any one atom, further confirmation of the periodicity of
the electron quantum levels is obtained. Figure 1.7 shows a graph of
log, , (ionisation energy) for the successive removal of 1,2, 3,...19
electrons from the potassium atom (the log scale is used because the
changes in energy are so large). The stabilities of the noble gas
configurations at the 18 (argon). 10 Jneon) and 2 (helium) levels are
clearly seen. The subject of ionisation energies is further discussed in
Chapters 2 and 3.

MELTING AND BOILING POINTS

Both melting and boiling points show some periodicity but observ-
able regularities are largely confined to the groups. In Group O, the
noble gases, the melting and boiling points of the elements are low
but rise down the group ; similarly in Group VIIB, the halogens, the
same trend is observed. In contrast the metals of Group IA (and I1A)
have relatively high melting and boiling points and these decrease
down the groups. These values are shown in Figure 1.8.

If we look at some of the compounds of these elements we find
similar behaviour. Thus the hydrides of Group VIIB elements
(excepting hydrogen fluoride. p. 52) show an increase in melting
and boiling points as we go down the group. These are generally
low, in contrast to the melting and boiling points of the Group IA
metal chlorides (except lithium chloride) which are high and decrease
down the group. The values are shown in Figure 1.9(c) and (b).

Clearly the direction of change——increase or decrease—down the
group depends on the kind of bonding. Between the free atoms of the
noble gases there are weak forces of attraction which increase with
the size of the atom (Chapter 12) and similar forces operate between
the molecules of the hydrogen halides HCI, HBr and HI. The forces
between the atoms in a metal and the ions in a salt, for example
sodium chloride, are very strong and result in high melting and boil-
ing points. These forces decrease with increasing size of atom and ion
and hence the fall in melting and boiling points.
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Table 1.6
PERIOD 3
Group 1 I 11 v Vv VI VIl
Fluorides NaF MgF, AlF, SiF, PF, SF, CIF,
Oxides Na,O MgO AL O, SiOo, (P,04), SO, Cl,0-
Hydrides NaH MglHl, (AlH,) SiH, PH, SH, CIH
Table 1.7
PERIOD 4
Group 1 11 11 v v VI VII
Fluorides KF CaF, GaF, GeF, AsF;
Oxides K.O CaO Ga,0, GeO, (As,04), SeO,
Hydrides KH CaH, GaH, GeH, AsH, SeH, BrH
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VALENCY

Mendeléef based his original table on the valencies of the elements.
Listed in Tables 1.6 and 1.7 are the highest valency fluorides, oxides
and hydrides formed by the typical elements in Periods 3 and 4.

From the tables it is clear that elements in Groups I-1V can display
a valency equal to the group number. In Groups V-VII. however, a
group valency equal to the group number (x) can be shown in the
oxides and fluorides (except chlorine) but a lower valency (8 — x) is
displayed in the hydrides. This lower valency (8 — x) is also found in
compounds of the head elements of Groups V-VII.

CHEMICAL CHARACTER

In any group of the periodic table we have already noted that the
number of electrons in the outermost shell is the same for each ele-
ment and the ionisation energy falls as the group is descended. This
immediately predicts two likely properties of the elements in a group:
(a) their general similarity and (b) the trend towards metallic beha-
viour as the group is descended. We shall see that these predicted
properties are borne out when we study the individual groups.
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Increasing metallic—electropositive—behaviour down a group
also implies a change in the character of the oxides. They will be
expected to become more basic as we descend the group and a change
from an acidic oxide. i.e. an oxide of a non-metal which readily
reacts with OH ™~ or oxide ions to give oxoacid anions. to a basic
oxide. i.e. one which readily yields cations. in some groups. The best
example of such a change is shown by the Group IV elements; the
oxides of carbon and silicon are acidic, readily forming carbonate
and silicate anions, whilst those of tin and lead are basic giving such
jons as Sn?’* and Pb?* in acidic solution. Metallic character
diminishes across a period and in consequence the oxides become
more acidic as we cross a given period. This is clearly demonstrated
in Period 3:

Na,O MgO Al O, Si0, (P,0;), SO, Cl,0,
«— Basic Amphoteric Acidic

Similar trends are shown by all periods except Period 1.

USES OF THE PERIODIC TABLE

The most obvious use of the table is that it avoids the necessity for
acquiring a detailed knowledge of the individual chemistry of each
element. If, for example, we know something of the chemistry of
(say) sodium. we can immediately predict the chemistry of the other
alkali metals, bearing in mind the trends in properties down the
group, and the likelihood that lithium, the head element, may be
unusual in certain of its properties. In general, therefore, a knowledge
of the properties of the third period elements sodium, magnesium,
aluminium, silicon, phosphorus, sulphur, chlorine and argon, is
most useful in predicting the properties of the typical elements below
Period 3.

As regards the transition elements, the first row in particular show
some common characteristics which define a substantial part of their
chemistry ; the elements of the lanthanide and actinide series show
an even closer resemblance to each other.

One of the early triumphs of the Mendeléef Periodic Table was
the prediction of the properties of elements which were then unknown.
Fifteen years before the discovery of germanium in 1886, Mendeléef
had predicted that the element which he called ‘ekasilicon’ would be
discovered. and he had also correctly predicted many of its properties.
In Table 1.8 his predicted properties are compared with the corres-
ponding properties actually found for germanium.

Until relatively recently there were other obvious gaps in the
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periodic table. one corresponding to the element of atomic number
87. situated at the foot of Group IA. and another to the element of
atomic number 85. at the foot of the halogen group (VIIB). Both of
these elements were subsequently found to occur as the products
from either natural radioactive decay or from artificial nuclear reac-
tions. Both elements are highly radioactive and even the most stable
isotopes have very short half lives ; hence only minute quantities of
the compounds of either francium or astatine can be accumulated.

Table 1.8
PREDICTED PROPERTIES OF GERMANIUM
Property Predicted for Found for
Ehasilicoi (Ex) Germanium
AT 8N
Relative atomic 72 72.32
mass
Density (gcm ™) S5 547,
Colour Dirty grey Grevish-white
Heat in air White EsO, White GeO,
Action of acids Slight None by HCl(aq)
Preparation EsO, + Na GeO, + C
Tetrachloride b.p. 373 K. b.p. 360K,

density 1.9gem™* density 1.89 gem™*

Taking francium as an example. it was assumed that the minute
traces of francium ion Fr™ could be separated from other ions in
solution by co-precipitation with insoluble caesium chlorate (VII)
(perchlorate) because francium lies next to caesium in Group IA.
This assumption proved to be correct and francium was separated by
this method. Similarly. separation of astatine as the astatide ion At~
was achieved by co-precipitation on silver iodide because silver
astatide AgAt was also expected to be insoluble.

It is an interesting speculation as to how much more difficult the
isolation of these two elements might have been if the periodic classi-
fication had not provided us with a very good ‘preview’ of their
chemistries.

QUESTIONS
1. What do you regard as the important oxidation states of the
following elements :

(a) chlorine.
(b) lead.
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(c) sulphur.
(d) iron?

Illustrate, for each valency given, the electronic structure of a
compound in which the element displays that valency.

Discuss, as far as possible, how far the valencies chosen are in
agreement with expectations in the light of the position of these ele-
ments in the Periodic Table. (L.S)

2. How, and why, do the following vary along the period sodium
to argon:

(a) the relative ease of ionisation of the element,
(b) the physical nature of the element,
(c) the action of water on the hydrides? (C,A)

3. A century ago, Mendeléef used his new periodic table to predict
the properties of ‘ekasilicon’, later identified as germanium. Some
of the predicted properties were: metallic character and high m.p.
for the element; formation of an oxide MO, and of a volatile
chloride MCl,,.

(a) Explain how these predictions might be justified in terms of
modern ideas about structure and valency.

(b} Give as many other ‘predictions’ as you can about the chemis-
try of germanium, with reasons. (Liverpool B.Sc..Part I)

4. The following graph shows the variation in atomic radius with
increasing atomic number:

25~
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(a) What deduction can you make from this graph?
(b) Continue the graph to element 60(Nd). and mark on it the
approximate positions of the elements
(i) Agl(element 47),
(i1) I(element 53),
(1i11) Ba (element 56)
(c) Explain briefly
(i) the decrease in atomic radius from Lito F,
(ii) the increase in atomic radius from F to Br,
(iii) the very large atomic radii of the alkali metals, Li to K.
(JMB, A)

5. Give the electronic configurations of elements with atomic
numbers. 7, 11,17, 20, 26, 30 and 36.

In each case give the oxidation state (or states) you expect each
element to exhibit.

6. Explain the terms,

(a) typical element

(b) transition element,
(c) rare earth element,
(d) group,

(e) period,

(f) diagonal relationship,

as applied to the periodic table of elements.
In each case give examples to illustrate your answer.
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Structure and
bonding

THE NATURE OF THE PROBLEM

A very superficial examination of a large number of chemical sub-
stances enables us to see that they differ widely in both physical and
chemical properties. Any acceptable theory of bonding must
explain these differences and enable us to predict the properties of
new materials. As a first step towards solving the problem we need
to know something of the arrangement of atoms in chemical sub-
stances. The structure of a solid can be investigated using a beam of
X-rays or neutrons. From the diffraction patterns obtained it is
possible to find the arrangement of the particles of which it is com-
posed. Measurement of the amount of heat needed to melt the solid
yields information concerning the forces of attraction between these
particles, whilst the effect of an electric current and simple chemical
tests on the solid may tell if it is a metal or a non-metal. Should the
material be a non-conducting solid. we can determine whether it is
composed of ions by investigating the effect of an electric current on
the molten material.

Results of such investigations suggest that there are four limiting
kinds of structure and these will be briefly considered.

THE METALLIC LATTICE

In a pure metal the atoms of the solid are arranged in closely packed
layers. There is more than one way of achieving close packing but it
25
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is generally true to say that each atom is surrounded by as many
neighbouring atoms as can be accommodated in the space available.
There are no directed forces between the atoms and each atom
"attracts’ as many similar atoms as can be accommodated. The ease
with which metals conduct electricity indicates that the electrons are
only loosely held in this type of structure.

THE GIANT MOLECULE LATTICE

This is a relatively rare structure, diamond being probably the best
known example. Here, the carbon atoms are not close-packed. Each
carbon is surrounded tetrahedrally by four other carbon atoms
(Figure 2.1). Clearly, each carbon is exerting a tetrahedrally directed

Figure 2.1. Structure of diamond

force on its neighbours and such directed forces are operative
throughout the whole crystal. Diamond is found to be a refractory
solid, i.e. it has an extremely high melting point, indicating that the
bonding forces are extremely strong. Boron nitride (BN), and
silicon carbide (SiC), (carborundum) are similar types of solid.
These solids are non-conducting. indicating that the electrons are
less free and more localised than the electrons in a metal which
move easily allowing an electric current to flow through the lattice.

THE GIANT IONIC LATTICE

This is one of the most familiar types of structure in inorganic
chemistry. The crystals can usually be melted in the laboratory
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although considerable heating is often réquired. It can be con-
cluded. therefore, that strong forces exist between the particles
comprising the crystals, these being usually intermediate in strength
between those found in a metal and those found. for example. in
diamond. Although the solid crystals do not conduct electricity, the
melt does, indicating that the lattice is comprised of charged species,
i.e. ions. These ions carry the current and are discharged at the
oppositely charged electrode where the products can be identified.
X-ray diffraction studies indicate that the ions form a regular lattice,
each ion being surrounded by a number of ions of the opposite
charge ; this number depends on the sizes of the ions concerned and
is not dictated by directed forces of attraction*. We can correctly
assume the non-directional forces of attraction holding the ions
together to be electrostatic in nature.

MOLECULAR CRYSTALS

This is a very large group comprising mainly crystalline organic
materials, but a number of inorganic substances, for example iodine,
also come under this heading. These substances melt easily, and may
even sublime, indicating the presence of relatively weak forces. They
do not conduct electricity in the solid or fused state indicating that
the electrons present are localised in strong bonds. These bonds.
however. do not permeate the entire structure, as in diamond.
and the crystal is comprised of molecules with strong forces between
the constituent atoms, but the intermolecular forces are weak.

In substances which are liquid or gaseous at ordinary tempera-
ture, the forces of attraction between the particles are so weak that
thermal vibration is sufficient for them to be broken. These sub-
stances can be converted into solids by cooling to reduce the thermal
energy.

The above classification of structures is made primarily for
convenience. In fact, the structures of many compounds cannot be
precisely described under any of these classes, which represent
limiting, or ideal cases. However, we shall use these classes to
examine further the limiting types of bonding found in them.

* Many ions can, of course, contain more than one atom (for example NO;, SOZ ")
and directed forces hold together the individual atoms within each of these ionic
species.
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THE ELECTRONIC THEORY OF VALENCY

After Dalton. in 1807, had put forward the theory that chemical
combination consisted of a union between atoms, chemists began
their search for the cause and mechanism of the unions. Many ideas
were put forward during the following years but, following the
discoveries about the structure of the atom, it was realised that the
nuclei of atoms were unaffected by chemical combination and that
union of atoms must result from interaction between the extra-
nuclear electrons. Kossel and Lewis, working independently in 1916,
recognised that the atoms of the different noble gases, with the one
exception of helium, each had an outer quantum level containing
eight electrons ; they therefore suggested that this arrangement must
be connected with stability and inactivity, and that reactions
occurred between atoms such that each element attained a noble
gas configuration. The rearrangement of electrons into stable octets
could occur in two ways: (a) by giving or receiving electrons or (b)
by sharing electrons.

Since 1916 it has been discovered that some noble gases (originally
called the inert gases) do form compounds and also there are many
reactions known in which elements do not achieve a noble gas
configuration. Nevertheless, the theory was a considerable advance
towards modern ideas and provides a good basis for discussion.

ELECTRON TRANSFER BONDING—ELECTROVALENCY

The electronic configuration of any element can quickly be deduced
from the periodic table. Consider the reaction, for example, between
sodium 1s%2s*2p°®3s' (2,8,1) and chlorine 15%2s*2p®3s?3p° (2.8.7).
The theory tells us that combination will occur by electron transfer
from the sodium to the chlorine to produce the noble gas con-
ligurations 2.8 (Ne) and 28,8 (Ar) respectively. Sodium, atomic
number 11. becomes the sodium cation Na*. and chlorine the
chloride anion C1™. Electrostatic attraction between these two ions
then holds the compound together. This kind of bonding is found
in ‘giant ionic lattice’ compounds and is an example of electro-
valency, the bond being said to be ionic. A full discussion of the
chemical energetics of such processes will be found in Chapter 3
but at this point it is desirable to consider the energy changes
involved in the electron transfer process. The questions to be
answered are briefly:

1. What energy changes occur when an element achieves a noble
gas configuration?
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2. How does the ease of ion formation change as we cross the
periodic table
3. What changes occur as we descend the groups of the table?

Consider first the formation of cations by electron loss. Here the
important energy quantity is the ionisation energy. As we have seen
(p. 15). the first ionisation energy is the energy required to remove
an electron from an atom, i.e. the energy for the process

M(g) - M*(g) + e~
(1 mole)

the second, third and fourth ionisation energies being the additional
energies required to remove subsequent electrons from the in-
creasingly positively charged ion, the element and the ions formed
all being in the gaseous state. Ionisation energies can be obtained
from current-voltage plots for gaseous discharges or more con-
veniently and completely from spectroscopic measurements. For
convenience the transition and typical elements will be treated
separately.

IONISATION ENERGIES: TYPICAL ELEMENTS

Changes down the group

Table 2.1 gives data for Group I elements. The ionisation energies
are all positive, i.e. energy is absorbed on ionisation. Several con-
clusions can be drawn from this table:

1. Energy must be supplied if these elements are to attain a noble
gas configuration.

2. Loss of one electron gives the noble gas configuration ; the very
large difference between the first and second ionisation energies
implies that an outer electronic configuration of a noble gas is
indeed very stable.

3. Ionisation energy falls as the group is descended. i.e. as the
size of the atom increases and hence the distance between the
nucleus and the outer electron increases.

4. There is a marked contraction in size on the formation of an
ion, the percentage contraction decreasing as the percentage loss in
electrons decreases (for example Na — Na™ involves loss of one of
eleven electrons, Cs — Cs* the loss of one of fifty-five electrons).
Some values for Group II and III elements are shown in Tables 2.2
and 2.3 respectively.
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Table 2.1
: . Radius* of L . i
Atomic Atomic . Ionisation energies (k] mol™ "}
number Element radius (s)* M" jon 1st 2nd 3rd
(nm)

3 Li 0.152 0.060 520 7297 11 800

11 Na 0.186 0.095 496 4561 6913
19 K 0.227 0.133 419 3069 4400
37 Rb 0.248 0.148 403 2650 3900
55 Cs 0.263 0.169 376 2420 3300

* Atoms (and ions). unlike ordinary solid spheres. do not have fixed radii; their electron distributions are
affected by the other atoms (or ions) to which they are bonded, and by the nature of this bonding. However,
approximate values of atomic size are clearly of value. For a metal, the radius quoted 13 the ‘metallic radius’, this
being half the average internuclear distance in the metal For gaseous diatomic molecules joined by a single
covalent bond (for example Cl  Cl), half the Internuclear distance 1s taken as the ‘covalent radius of the atom.
In the solid noble gases, chemical bonds do not exist, and the solids are held together by weak ‘van der Waal's'
forees (p. 471). Half the internuclear distance is then called the "van der Waal's’ radius, For solid non melals. the
“atomic radius’ may refer to the bulk solid (as for a metal), or to a molecular species such as [,, P, or to the free
atoms. Mcasurements of the internuclear distance in a solid ionic compound MX gives the sum of the ionic
radii of M and X. For most purposes, it is sufficient to assume that ionic radii are constant ; with this assumption,
individual ionic radii can be calculated if the radius of one ion can be determined. This can be done by several
methods which lie outside the scope of this hook. Ionic radii quoted in this book are based on Pauling’s value for
the O?~ ion.

Table 2.2
Atomi Atomic  Radius* of Ionisation energies(kJ mol™ ')
tor[:uc Element radius  M?** ion
rumber (s)* (nm) Ist  2nd  3d  4th
4 Be 0.112 0.031 899 1758 14850 21000
12 Mg 0.160 0.065 738 1450 7731 10540
20 Ca 0.197 0.099 590 1146 4942 6500
38 Sr 0.215 0.113 549 1064 4200 5500
56 Ba 0.221 0.135 502 965 — —
* Sce footnote 10 Table 2.1.
Table 2.3
Atomi Atomic  Radius* of Ionisation energies (kJ mol ™)
t:::;w Element radius* M?** ion
numoer (nm) (nm) Ist 2nd 3rd 4th
5 B 0.079 (0.020) 801 2428 3660 25020
13 Al 0.143 0.045 578 1817 2745 11580
31 Ga 0.153 0.062 579 1979 2962 6190
49 In 0.167 0.081 558 1820 2705 5250
81 Tl 0.171 0.095 589 1970 2880 4890

* Sec footnote to Table 2 |
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Group II elements can be seen to follow a pattern very like that
found in Group I Note. however. that the energy required to
attain a noble gas configuration is considerably higher indicating
that the elements will be less ‘metallic’ or electropositive in their
chemustry (Chapter 6).

The elements in Group III show several irregularities which are
of interest. The apparent irregularity in the first ionisation energy of
gallium, relative to aluminium, can be attributed to the filling of the
inner d orbitals of the first transition series (atomic numbers 21-31)
which causes a contraction in atomic size (see Table 2.3.) Similarly
the filling of inner orbitals in the lanthanide series results in the
apparently irregular value given for thallium. Similar tables for
elements in other groups can be constructed to show irregularities
similar to those of the Group III elements.

Changes in ionisation energy across the periods

The number of electrons in the outermost quantum level of an atom
increases as we cross a period of typical elements. Figure 2.2 shows
plots of the first ionisation energy for Periods 2 and 3.

The discontinuities observed correspond to changes in electronic
configuration. Boron and aluminium both have one electron in a

It ionisation energy

Atomic number
Figure 2.2. First ionisation energies of elements in Periods 2 and 3
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p orbital (which is less firmly held) whilst oxygen and sulphur have
one electron pair in a p orbital. the second electron being less firmly
held. The high values of the first ionisation energies of these upper
elements in Groups IV, V. VI and VII correctly imply that in-
sufficient energy is liberated in chemical reactions to enable these
elements to achieve noble gas configurations by electron loss.

TRANSITION ELEMENTS

The first ionisation energies of the first transition elements are
shown in Figure 2.3. The changes across these 10 elements contrast

Zn

I* ionisation energy

Fe Co — Cu
Mn Ni

Sc Ti \ Cr

Atornic number

Figure 2.3. First ionisation energies of the first series of transition elements

sharply with the changes shown across a period of typical elements
and confirms that the d block elements need to be treated separately.

SUMMARY

1. Ionisation energy decreases down a group of elements as the
atomic size increases. The elements in consequence become more
metallic down the group.

2. With certain irregularities only. the ionisation energy increases
across a period. The elements therefore become less metallic across
a period.
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ELECTRON AFFINITIES

Typical elements in Groups V. VI and VII would be expected to
achieve a noble gas configuration more easily by gaining electrons
rather than losing them. Electron affinity is a measure of the energy
change when an atom accepts an extra electron. It is difficult to
measure directly and this has only been achieved in a few cases ; more
often it is obtained from enthalpy cycle calculations (p.74).

Group trends

Table 2.4 gives the energy values for the reaction

X(g)+e - X (g
1 mole

together with atomic and ionic radii.

Table 24
Atomic Atomic Radius Electron
number Element radius* (g) of X~ ion affinity
(nm) (nm) (kY mol ™)
9 F 0.064 0.133 — 333
17 Cl 0.099 0.181 — 364
35 Br 0.111 0.196 — 342
53 I 0.130 0.219 — 295
85 At — — — 256

* See footnote to Table 2.1.

Energy is evolred in each case. The table clearly indicates that
the electron affinity falls with the increasing size of the atom. The
anomalous value for fluorine is explained on the grounds that since
the fluorine atom is small, the incoming electron encounters strong
repulsion by the nine electrons already closely shielding the nucleus.
In each case, the ion produced by electron addition is larger than
the atom from which it was formed. After the addition of the first
electron, subsequent electron addition must take place against the
repulsion of a negatively-charged ion. Two-electron affinities are
known in only a few cases. The values for oxygen and sulphur are
given in Table 2.5.

Energy is released on formation of the singly-charged ion bui a
greater amount of energy is required to add a second electron and
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Table 2.5
Electron affinity (kJ mol ™ ")
Atomic number Element Total
Ist 2nd
8 O —~ 142 + 844 + 702
16 S — 200 + 832 + 332

the formation of the divalent ion is an endothermic process in spite
of the fact that a noble gas configuration is achieved.

Periodic trends

Table 2.6 shows the electron affinities. for the addition of one
electron to elements in Periods 2 and 3. Energy is evolved by many
atoms when they accept electrons. In the cases in which energy is
absorbed it will be noted that the new electron enters either a
previously unoccupied orbital or a half-filled orbital; thus in
beryllium or magnesium the new electron enters the p orbital, and
in nitrogen electron-pairing in the p orbitals is necessary.

Table 2.6

Period 2

Atomic number 3 4 5 6 7 8 9 10
Element Li Be B C N (¢ F Ne
Electron affinity (kJ mol™!) —57 +66 —15 —121 +31 —142 ~333 4+99
Period 3

Atomic number 11 12 13 14 15 16 17 18
Element Na Mg Al Si P S Cl Ar
Electron affinity (kJmol '} —-21 +67 —26 —135 —60 —200 —364 —

The above discussion indicates that the formation of a noble gas
configuration does not necessarily result in an evolution of energy.
Indeed, by reference to Tables 2.1 and 2.4 it can be seen that even
for the reaction between caesium and fluorine, the heat energy
evolved in the formation of the fluoride ion is less than the heat
energy required for the formation of the caesium ion. This implies
that the reaction will not proceed spontaneously ; in fact it is virtually
explosive. Clearly. therefore, energy terms other than ionisation
energy and electron affinity must be involved, and the most import-
ant is the lattice energy-—the energy evolved when the ions produced
arrange themselves into a stable lattice. It can be very large indeed
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and is a major factor in determining the nature of an ionic com-
pound. We shall discuss this further in Chapter 3.

ARRANGEMENT OF IONS IN THE CRYSTAL LATTICE

The electrostatic attraction between ions is independent of direction.
X-ray diffraction studies show that a crystal lattice can be repre-
sented as made up of spherical ions, each ion having a characteristic
radius almost independent of the crystal lattice in which it is found.
For simple ions the charge on them determines the balance between
the numbers of anions and cations whilst the radii determine the
way in which the ions pack together in the lattice, this packing
always occurring in such a way that, if possible, ions of like charge
do not “touch’ each other. Figure 2.4 shows a cross-section through
an octahedral structure (the central ion having six nearest neigh-
bours) in the limiting conditions in which the cations and anions
are touching. The values of the radius ratio can be obtained by
simple trigonometry.

Figure 2.4. Limiting conditions for cation-anion contact (octahedral structure)

If * and r~ are the radii of the cation and anion respectively
then by applying Pythagoras’s theorem to triangle ABC we find that

CA? = AB? + BC?

ie. r-+ " =0"P+0)P=2")
T+t =ry2=1414r"
rv-=0414r"

Hence rfr- =0414
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This then is the limiting radius ratio for six nearest neighbours—
when the anion is said to have a co-ordination number of 6. Similar
calculations give the following limiting values

1. For eight nearest neighbours (a co-ordination number of 8)
the radius ratio r"/r ~ must not be less than 0.73.

2. For six nearest neighbours (a co-ordination number of 6) the
radius ratio r*/r~ must not be less than 0.41.

3. For four nearest neighbours (a co-ordination number of 4) the
radius ratio r*/r~ must not be less than 0.225.

These values enable many structures to be correctly predicted:
discrepancies arising mainly from the false assumption that ions
behave entirely as rigid spheres. Some examples are given in Table 2.7.

Table 2.7
RADIUS RATIOS IN TYPICAL CRYSTAL STRUCTURES

073 > r*r > 041 rt/rm > 073
Rock salt Rutile Caesium chloride Fluorite
Compound r*ir~ Compound r*/r~ Compound r*/r~ Compound r*jr-
NaCl 0.52 TiO, 0.49 CsCl 093 CaF, 0.73
KBr 0.68 PbO, 0.60 CsBr 0.87 SrF, 0.83
MgO 046  MnF, 059 Csl 078 CeO, 072

Examples of two crystal structures* for each co-ordination number
are included in the table.

BONDING BY ELECTRON SHARING—COVALENCY

There are many compounds which do not conduct electricity when
solid or fused indicating that the bonding is neither metallic nor
ionic. Lewis, in 1916, suggested that in such cases bonding resulted
from a sharing of electrons. In the formation of methane CH, for
example, carbon, electronic configuration 1542s22p2 uses the tour
electrons in the second quantum level to form four equivalent

* Fluorite. CaF ,. and rutile. TiO,. are minerals: in CaF,. each Ca?" is surrounded

by eight F~ 1ons, each F by four Ca’ 10ns, while in TiO, the corresponding
co-ordination numbers are 6 and 3. ‘Co-ordination number’ is generally referred to
the cation.
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covalent bonds with four hydrogen atoms. each element thus
attaining a noble gas configuration:

xCx H
, —— H.,C.H

4H- H

Although the electrons from hydrogen and carbon are given o
and x signs, these are used only for convenience and there is, of
course, no difference between them. Each pair of electrons x
constitutes a single bond (a sigma bond) and is more conveniently
represented in graphical formulae by a single line, for esample

H H
| |
H—(IS—H, or better (to illustrate shape) H/C\EH

H

Compounds formed by the sharing of electrons are said to be
covalent.

THE SHAPE OF COVALENTLY BONDED MOLECULES
AND IONS

Unlike the forces between ions which are electrostatic and without
direction, covalent bonds are directed in space. For a simple
molecule or covalently bonded ion made up of typical elements the
shape is nearly always decided by the number of bonding electron
pairs and the number of lone pairs (pairs of electrons not involved in
bonding) around the central metal atom, which arrange themselves
so as to be as far apart as possible because of electrostatic repulsion
between the electron pairs. Table 2.8 shows the essential shape
assumed by simple molecules or ions with one central atom X.
Carbon is able to form a great many covalently bonded compounds
in which there are chains of carbon atoms linked by single covalent
bonds. In each case where the carbon atoms are joined to four
other atoms the essential orientation around each carbon atom is
tetrahedral.

The shapes indicated in Table 2.8 are only exact in cases in which
all the electron pairs are equivalent, i.e. they are all bonding pairs.
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Table 2.8
SHAPES OF MOLECULES AND IONS

Electron pairs Essential shape

linear

linear

trigonal planar
tetrahedral

trigonal bipyramidal
octahedral

[ T R S

Methane, CH,, for example, has a central carbon atom bonded to
four hydrogen atoms and the shape is a regular tetrahedron with a
H-—C—H bond angle of 109°28', exactly that calculated. Electrons
in a ‘lone pair’, a pair of electrons not used in bonding. occupy a
larger fraction of space adjacent to their parent atom since they are
under the influence of one nucleus, unlike bonding pairs of electrons
which are under the influence of two nuclei. Thus, whenever a lone
pair is present some distortion of the essential shape occurs.
Consider ammonia, NH;:

x x

XNX x X . X X
x . HINIH i H—I\ll—H
+
H
3He H

In this case we have three bonding pairs and one lone pair. The
essential shape is, therefore, tetrahedral but this is distorted due to
the presence of the lone pair of electrons, the H—N—H bond angle
being 107°:

7N\
) /" \Region occupied
\ _/ by lone pair

\

N/
H-\ TH
H

When the ammonium ion NH; is formed the lone pair becomes a
bonding pair and the shape becomes a regular tetrahedron.

The distortion due to the presence of lone pairs of electrons is
more marked in water:

X x x x x x

O% H: O ie. H—Ox
—_—) x @
H |
H

+ 2He
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The basic tetrahedral shape is even more distorted producing an

0]
- n
H H bond angle of 105" :
o0
H/ \H

If the spatial arrangement of atoms is required this can be deduced
from the basic structure by neglecting the positions occupied by
lone pairs of electrons. Water, for example, can be described as a
V shape whilst ammonia is a trigonal pyramid.

MULTIPLE COVALENT BONDS

Double and triple covalent bonds can be formed between elements
by the sharing of two or three electron pairs respectively. Consider
the formation of ethene (ethylene), C,H,:

2 x (x‘ X Hx. % .XH H\ /H
+ > C x C_ oor /C=C\
4He H” “H H H

The two kinds of covalent bond are not identical, one being a simple
covalent bond. a sigma (o) bond. the other being a stronger (but
more reactive) bond called a = bond (p. 56). As in the formation
of methane both elements attain noble gas configurations. We can
consider the formation of ethene as the linking of two tetrahedral
carbon atoms to form the molecule C,H, represented as:

H H
\C/\C/
VAN

H H

this approach implying repulsion between the two bonding pairs.
Careful consideration of this model correctly indicates that all the
atoms lie in one plane. Spatially the double bond is found to behave
as a single electron pair and reference to Table 2.8 then (correctly)
suggests that each carbon has a trigonal planar arrangement.

The modern quantum-mechanical approach to bonding indicates
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that these two ‘models’ for the ethene structure are identical. so that
we may use whichever is the more convenient.

Double bonds also occur in other covalent compounds. By
considering each double bond to behave spatially as a single bond
we are able to use Table 2.5 10 determine the spatial configurations
of such compounds.

Triple bonds are formed by the sharing of three pairs of electrons
to form a o and two 7 bonds. Spatially these three bonds behave
as a single bond. Consequently acetylene (ethyne) C,H, has the
linear configuration often represented as H—C=C—H.

In each of the examples given so far each element has ‘achieved’
a noble gas configuration as a result of electron sharing. There are.
however, many examples of stable covalent compounds in which
noble gas configurations are not achieved. or are exceeded. In the
compounds of aluminium. phosphorus and sulphur, shown below.
the central atoms have 6, 10 and 12 electrons respectively involved
in bonding -

. . e
:CU ct e g .
N | el g
A 7\P LN
QU - F F
aluminum chloride  phosphorus sulphur hexafluoride

(vapour) pentafluoride

(The spatial configurations of each of these compounds can be
deduced by reference to Table 2.8)

These apparent anomalies are readily explained. Elements in
Group V. for example. have five electrons in their outer quantum
level, but with the one exception of nitrogen. they all have unfilled
d orbitals. Thus, with the exception of nitrogen. Group V elements
are able to use all their five outer electrons to form five covalent
bonds. Similarly elements in Group VI, with the exception of
oxygen, are able to form six covalent bonds for example in SF¢. The
outer quantum level. however. is still incomplete. a situation found
for all covalent compounds formed by elements after Period 2. and
all have the ability to accept electron pairs from other molecules
although the stability of the compounds formed may be low*. This

* Phosphorus pentafluoride PF ; will readily accept an electron pair from a fluoride
ion F~ to form the stable hexafluorophosphate (V) anion PF . This ion is isoelectronic
with SF. and neither SF¢ nor PF, show any notable tendency to accept further
electron pairs. though there is some evidence for the existence of an SF¢ ion.
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"donor-acceptor bonding’ is very marked in Group III, for when
elements in this group form three covalent bonds by sharing.they
have only six outer electrons. Consider for example the trichlorides
of boron and aluminium:

Cl Cl Cl Cl
B / and \Al/
| |

Cl Cl

Both these molecules exist in the gaseous state and both are trigonal
planar as indicated by reference to Table 2.5. However, in each, a
further covalent bond can be formed, in which both electrons of the
shared pair are provided by one atom, not one from each as in
normal covalent bonding. For example, monomeric aluminium
chloride and ammonia form a stable compound :

H:Cl: - a1
HXN:Al:Cl: ie. H}N-—mél
H: Ci H Ci

In this molecule, the aluminium receives a pair of electrons from
the nitrogen atom. The nitrogen atom is referred to as a donor atom
and the aluminium as an acceptor atom. Once the bond is formed
it is identical to the covalent bond of previous examples; it differs
only in its origin. It is called a co-ordinate or dative bond. and can be

P
expressed either as H;N—AICl; or H;N-—AICl;. In the latter
formula the positive and negative charges are not ionic charges ; they
are merely formal charges to show that in forming the co-ordinate
link, the nitrogen lost a half share in its original electron pair which
is now shared with the aluminium. the latter having gained a half
share in the electron pair.

The formation of a fourth covalent bond by the aluminium atom
results in spatial rearrangement from the trigonal planar, for three
bonding electron pairs. to tetrahedral, for four bonding electron
pairs.

Other compounds containing lone pairs of electrons readily form
co-ordinate links and in each case a change in spatial configuration
accompanies the bond formation. The oxygen atom in dimethyl
ether, CH,—O-—CH,, has two lone pairs of electrons and is able to
donate one pair to, for example. boron trichloride :
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oo a

~ -5
{ N 7 \ / |
\ / \ \\/ // {7/

AN

+ 07— ce—B—0%
N I

Ch, CHs / \ CHs
ct cl CH,

This compound, which contains atoms arranged tetrahedrally
around the boron atom, can readily be isolated from a mixture of
dimethyl ether and boron trichloride. On occasions a chlorine atom,
in spite of its high electron affinity, will donate an electron pair, an
example being found in the dimerisation of gaseous monomeric
aluminium chloride to give the more stable Al,Clg in which each
aluminium has a tetrahedral configuration:

L

ARV
| CL/ \CL/ \CL

Cl

In Group 111, boron, having no available d orbitals, is unable to fill
its outer quantum level above eight and hence has a maximum
covalency of 4. Other Group 111 elements, however, are able to form
more than four covalent bonds, the number depending partly on
the nature of the attached atoms or groups.

The ability to act as a lone pair acceptor is not confined to
Group 111, and can occur wherever a quantum level is incomplete.
This ability to accept electrons explains why covalent chlorides,
with the exception of carbon tetrachloride, are readily hydrolysed,
the apparently anomalous behaviour of carbon tetrachloride being
readily explained by the fact that the carbon has a completed
quantum level and is unable to form an ‘intermediate complex’ with
water.

‘COVALENT IONS’

Covalent bonding. in all the cases so far quoted. produces molecules
not ions. and enables us to explain the inability of the compounds
formed to conduct electricity. Covalently bonded groups of atoms
can, however, also be ions. When ammonia and hydrogen chloride
are brought together in the gaseous state proton transfer occurs as
follows :
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H H N B
xe oo xXe oo
H: NI + H:Cl; — |[H:N:H + | sCl3
. X [«No] *x 00
H H
as
g gas ammonium ion chloride 10n

J

.
as solid ammonium chloride

ie.
+
H H
H—N_ ) +H—Cl —= N | +¢CU
/ / \ H
¥ H

The strongly electronegative (p. 49) chlorine atom becomes a
chloride ion, the proton H™ accepting the electron pair donated by
the nitrogen atom. A similar reaction occuts when ammonia is
passed into water, but to a much lesser extent as oxygen in water is
a poorer donor of the electron pair :

H H H

- 7 \\ - L /2—\
H—N_ ; + [ORN c

/\_4 /\\) H// -
H

(ommonig hydrate -weakly associated
through hydrogen bonding, p 52,

V
H M -
/\
’ L)
-

N + | _O—H
P ~ K
/A M ¥

H

The positive charge resulting from the addition of a proton on to
an ammonia molecule is not associated with any particular hydro-
gen atom, once the bond is formed, and is distributed over the
whole ion.

Oxo-acid anions

There are many simple examples of common covalently bonded oxo-
anions, some being: CO3~, NO;. SOZ™ and PO; ~. The carbonate
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ion. for example. contains carbon covalently bonded to three
oxygen atoms and we can write the structure as:

: O
\O—

os %

..b
orc .t le. 0=C
0

* .
X3
e e

Clearly such bonding would produce two different carbon—oxygen
bond distances (p. 48) but in fact all bonds are found to be identical
and intermediate in length between the expected C=0 and C—O
bond distances. We conclude, therefore, that the true structure of
the carbonate ion cannot be accurately represented by any one
diagram of the type shown and a number of ‘resonance’ structures
are suggested (p. 50).

o o O~
7
o 0l ol
o (O \O

As in the case of NH the charge is distributed over the whole ion.
By considering each multiple bond to behave spatially as a single
bond we are again able to use Table 2.8 to correctly deduce that the
carbonate ion has a trigonal planar symmetry. Structures for other
covalently-bonded ions can readily be deduced.

COMPLEX IONS

The polyatomic ions discussed above are really simple members of
a much larger group known collectively as complex ions, in which a
central atom or ion is surrounded by other atoms, ions or groups
of atoms, called ligands. Whenever an ion is formed in a polar
solvent, ion-dipole attraction causes the solvent molecules to
orientate themselves around the ion producing a solvated ion, for
example [Na(H,0),]". For large ions of small charge these attrac-
tive forces are weak and are not of any great importance. However,
the greater the charge on the central ion and the smaller its size, the
greater the force of attraction between the ion and the ligand, and
the more covalent the link between them becomes: as in the case of
simple covalent-ionic bonding (p. 50) there is no sharp dividing
line. Salts of Groups 1 and II clearly show the changes which
accompany increases in ionic size. For example, for a given anion,
the number of water molecules crystallising in the salt is found to
increase as the size of the ion decreases.
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Smaller and more highly charged ions such as magnesium and
aluminium attract water strongly, and in these cases the attractive
forces between the water and the ions are so great that salts con-
taining water of crystallisation decompose when attempts are made
to dehydrate them by heating—the process being called hydrolysis.
For example.

[Mg(H,0),]>*2C1~

or. as more commonly written.

MgCl, . 2H,0 — MgOH)Cl + HCI + H,0

The aluminium ion. charge + 3. ionic radius 0.045 nm. found in
aluminium trifluoride, undergoes a similar reaction when a soluble
aluminium salt is placed in water at room temperature. Initially the
aluminium ion is surrounded by six water molecules and the
complex ion has the predicted octahedral symmetry (see Table 2.8):

heat

[Mg(OH)]*Cl~ + HCl + H,0

H,0
HO 1 om,
AT
H,O ; \‘OHz
H,O

This complex ion behaves as an acid in water. losing protons, and
a series of equilibria are established (H* is used, rather than H,O*.
for simplicity):

[Al(H,0),]** = [AIOH) (H,0);]*>* + H*
1

Addition Addition
of

alkali

[AIOH),(H,0),]* + H*
w ol

[AlOH),(H,0),] + H* acid
1
[ANOH),H,0),]” + H"
i

[AOH)(H,0)]*~ + H*
i
[AOH),]*~ + H*
| heat
AIO,~ + 2H,0 + 20H"

These equilibria give rise to an acidic solution in water, to the
hexahydroxo-aluminate ion [AKOH),]*~ in a strongly alkaline
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solution. and only in strongly acidic solutions is the hexaaquo ion
[Al(H,0),]** found. The solid hydrate, often written AICl, . 6H,0
and more correctly [Al(H,0)¢]Cl; can, therefore, only be obtained
from a strongly acidic solution. The reaction with water resulting in
the liberation of a proton is again known as hydrolysis and occurs
whenever the central metal ion is small and highly charged (i.e.
having a high surface density of charge). for example in salts of
iron(III), chromium(I1I)*.

There are many ligands in addition to water, for example Cl,
NH,. CN7, NO;. and transition metal ions, in particular, form a
large number of complex ions with different ligands. The number
of ligands surrounding the central atom, or ion, is called the co-
ordination number. The numerical value of the co-ordination number
depends on a number of factors, but one important factor is the
sizes of both the ligands and central atom, or ion. A number of
complex ions are given below in Table 2 9. The shape of complex

Table 2.9
CHARACTERISTICS OF SOME COMPLEX IONS

Ci’;ti;al Ligand Co :;;d':g:rnon L:g;:d Complex ion Shape

Be2* H,O0 4 Molecule [Be(H,0),]**  Tetrahedral
Co’* NH; 6 Molecule [Co(NH,)¢]**  Octahedral
AP+ F- 6 Ion [ATF]~ Octahedral
Ni® CcO 4 Molecule  Ni(CO), Tetrahedral
Fe?* CN~- 6 Ion [F&(CN)e]* ™ Octahedral
Co’*  NOj 6 Ion [Co(NO,)s]*~  Octahedral

ions formed by typical elements can be determined by assuming
each ligand to be covalently bonded to the central ion and applying
the theory of electron pair repulsion which gives the structures
summarised in Table 2.9. The shape of transition metal complexes,
however, cannot always be deduced by this method. The develop-
ment of the theory of bonding in transition metal complexes is
beyond the scope of this book but a brief outline of the main
features is given at the end of this chapter.

* The species resulting from the ‘hydrolysis’ of hydrated cations such as those
mentioned here are often highly complex. containing more than one metal atom (i.c.
they may be polynuclear). The description here is simplified to show the essentials
of the processes.
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NOMENCLATURE FOR COMPLEX IONS

When naming complex ions the number and type of ligands is
written first, followed by the name of the central metal ion. If the
complex as a whole has a positive charge, i.e. a cation, the name of
the central metal is written unchanged and followed by the oxida-
tion state of the metal in brackets, for example [Cu(NH,),]**
becomes tetra-ammine copper(ll). A similar procedure is followed
for anions but the suffix ‘-ate’ is added to the central metal ion;
some examples are:

[Fe(CN)e]*~ hexacyanoferrate(I111)
[Hgl,]*~ tetraiodomercurate(II)
[Co(NO,)s]*~ hexanitrocobaltate(II)

THE STRENGTH OF COVALENT BONDS: BOND ENERGIES

The energy required to break the bond between two covalently
bonded atoms is called the ‘bond dissociation energy’. In polyatomic
molecules this quantity varies with environment. For example,
ammonia has three N—H bond dissociation energies:

NH,(g) - NH,(g) + H(g) 448 kJ mol™!
NH,(g) - NH(g) + H(g) 368 kJ mol !
NH(g) —» N(g) + H(g) 356 kJ mol !

For many purposes. for example the estimation of approximate
heats of formation (p. 63), it is sufficient to have an average value.
This average of the bond dissociation energies is called the average
thermochemical bond energy or (more commonly) simply the bond
energy*.

Bond energy values can be obtained from thermochemical calcu-
lations (p. 72) and a number are included in Table 2.10 together with
the compound used in the calculation.

In most covalent compounds, the strong covalent bonds link
the atoms together into molecules, but the molecules themselves
are held together by much weaker forces, hence the low melting
points of molecular crystals and their inability to conduct electricity.
These weak intermolecular forces are called van der Waal’s forces;
in general, they increase with increase in size of the molecule. Only

* Strictly, these values are bond enthalpies. but the term energies is commonly
used. Other descriptions are: ‘average standard bond energies’. ‘mean bond energies’.
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Table 2.10
BOND ENERGIES

Bond In compound Average thermochemical bond energy

(kJ mol ')
C—H CH, 416
N—H NH, 391
O—H H,O 467
F—H HF 566
Cl—H HCl 431
c—<l ccl, 327
N—CI NCI, 193
Si—Cl sicl, 391
c—C C,H, 346
Cc=C C.H, 598
c=C C,H, 813
N—N N,H, 160
N=N N, 946
0—0 H,O0, 146
0=0 0, 498

in a few cases does the covalent bonding extend throughout the
whole structure and in these cases a ‘giant molecule’ is produced.
In diamond, each carbon atom has four covalent links tetrahedrally
arranged. Since the bonds are strong the molecule is very stable and
extremely hard. Carborundum (Si—C) and boron nitride have
similar structures and properties. The high melting points of these
solids correctly indicates that the covalent bonds are usually
stronger than ionic bonds.

COVALENT BOND LENGTHS

As in the case of ions we can assign values to covalent bond lengths
and covalent bond radii. Interatomic distances can be measured by,
for example, X-ray and electron diffraction methods. By halving the
interatomic distances obtained for diatomic elements, covalent
bond radii can be obtained. Other covalent bond radii can be deter-
mined by measurements of bond lengths in other covalently bonded
compounds. By this method, tables of multiple as well as single
covalent bond radii can be determined. A number of single covalent
bond radii* in nm are at the top of the next page.

* While bond energies increase in. for example. the sequence C—C. C=C. C=C
(Table 2.10). bond radii decrease: C=C gives C = 0.067. C=C gives C = 0.060 nm
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H C N O F
0.037 0078 0070 0066 0.064
Si P S Cl

0.117  0.110  0.104  0.099

Deductions of bond lengths for any unknown can be made by adding
bond radii, but these theoretical values often differ from the experi-
mental values ; the greatest deviations occur when elements of widely
different electronegativities are joined together.

ELECTRONEGATIVITY

If two like atoms form a covalent bond by sharing an electron pair,
for example

ETE
it is clear that the pair will be shared equally. For any two unlike
atoms, the sharing is always unequal and depending on the nature
of the two atoms (A and B say) we can have two extreme possibilities

or A B iec A" B-
A+B—->A: B

equal

sharing *or A- B je. A~ BY

and an ionic bond is formed. There are many compounds which lie
between truly covalent (equal sharing) and truly ionic. The bond
between two atoms A and B is likely to be ionic rather than covalent
(with A forming a positive ion and B a negative ion) if :

1. A and B have small charges
2. Aislarge
3. Bissmall

Tables 2.1, 2.2, 2.3 and 2.4 give data for atomic radii, ionisation
energies and electron affinities which allow these rough rules to be
justified.

Pauling and others have attempted to define an ‘electronegativity
scale’ by which the inequality of sharing might be assessed. Some of
Pauling’s electronegativity values are shown in Table 2.]1. The
greater the differences in the electronegativities of the two elements
joined by a covalent bond, the less equally the electrons are



50 STRUCTURE AND BONDING

Table 2.11
SOME ELECTRONEGATIVITY VALUES (PAULING)

H Li Be B C N O

21 1.0 1.5 20 25 3.0 35

F Na Mg Al S P S
40 09 12 15 18 21 25
cl
30

shared ; a partial polarisation of the covalent bond is observed and
the two atoms exert an electrostatic attraction for each other. The
results of this attraction are a decrease in the bond length and an
increase in the bond strength from those values expected for a ‘pure’
covalent bond*. There is in fact no sharp distinction between ionic
and covalent bonds and all ‘degrees’ of ionicity and covalency are
possible.

Resonance

Bonds with characteristics intermediate between ionic and covalent
can also be represented by, for example, two imaginary structures, I
and II both of which ‘contribute’ to the true structure I1I. Consider
gaseous hydrogen chloride :

(+) (-)

H—Cl H—CI
+ —
H™ Cl equal sharing unequal sharing
electrovalent covalent covalent
I 11 111

The strength of the bonding found in the actual structure III is
greater than that calculated for either of the imaginary structures
I and II. This has been explained on the theory of resonance based

* Pauling’s electronegativity values are derived from the differences between ‘pure
covalent’ and actual bond energies. Another simple measure of electronegativity is
the sum of the ionisation energy and electron affinity. / + £ The more electro-
negative elements have high values of / + E. Consider the alternative ionic forms of
the diatomic species AB:. ie. A*B~ or A"B*. To form the first in the gas phase
requires an energy I, — Ey; to form the second requires an energy Iy — E, Which-
ever energy is the lesser will indicate the direction of electron transfer; if A is more
electronegative than B then we require that A"B* is favoured and thus that
I, —Ilg>1ly — E,or I, + E, > Ig + Eg and on this basis the order of values of
! + E indicates an electronegativity scale.
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on wave-mechanics. In this theory. it is supposed that the true
structure of the molecule is a resonance hybrid of two or more
structures which can be written in a conventional way (i.e. as H—CI
or H* C17). We can say that just as a hybrid plant is better than the
individual true-breeding plants from which it was produced, so a
resonance hybrid is a ‘better’ molecule than any of the structures
that we can write for it. It must be realised that, for example, hydro-
gen chloride does not consist of a mixture of the forms I and II
nor does the molecule of hydrogen chloride exist for part of the time
in form I and for part in form II. Forms I and II are purely imaginary
structures which contribute to structure III.

The resonance concept is of great value in organic chemistry. For
example, the carbon—carbon bond lengths found in benzene are all
0.139 nm in length. This compares with a carbon—carbon single
bond length of 0.154 nm and a carbon—carbon double bond length
of 0.134 nm. The heat of formation of benzene is found to be greater
than that calculated and the chemical properties indicate the
absence of a normal carbon—carbon double bond. Resonance theory
explains these facts by suggesting a number of structures, each con-
tributing to the true structure in which all six carbon atoms are
equivalent, and all the carbon—carbon bonds are of equal length.

Dipole moments

The unequal distribution of charge produced when elements of
different electronegativities combine causes a polarity of the covalent
bond joining them and, unless this polarity is balanced by an equal
and opposite polarity, the molecule will be a dipole and have a
dipole moment (for example, a hydrogen halide). Carbon tetra-
chloride is one of a relatively few examples in which a strong
polarity does not result in a molecular dipole. It has a tetrahedral
configuration

(IZI

C

a1 al

Cl
and the effect of each chlorine is exactly balanced by the others
so that there is no residual dipole. However, chloromethane
{methyl chloride, CH ;Cl) has a pronounced dipole moment although
the shape of the molecule is also tetrahedral. Because of the dipole.
chloromethane molecules are attracted to each other by dipole-
dipole forces—the negative end of one molecule attracting the
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positive end of another. As a result of these attractive forces, chloro-
methane (molecular weight 50.5) has a melting point of 174.5K.
well above that of methane (molecular weight 16, m.p. 89 K) and
also well above the hydrocarbon butane which has a molecular
weight comparable with it (molecular weight 58, m.p. 138 K). In
solid chloromethane. unlike solid methane, there is also evidence of
orientation of the molecules packed together in the crystal.

HYDROGEN BONDING

Figure 2.5 shows the boiling points of the hydrides in elements of
Groups IV, V, VI and VII. Clearly there is an attractive force be-
tween the molecules of the hvdrides of fluorine, oxygen and nitrogen

H0

b.p.

2 3 4 5
Period

Figure 2.5. B.p. of hydrides in Groups [V 10 VIl

in addition to the expected van der Waal’s forces. This force, what-
ever its origin, is virtually absent in the hydrides of all but the three
elements named. The absence of the force in methane indicates that
the presence of at least one lone pair of electrons is essential, but
this attractive force is not found in the hydrides of larger elements
in the same group, which do have lone pairs of electrons.

The attractive force is called hydrogen bonding and is normally
represented by a dotted line, for example A—H - - - A—H ; it is this
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force which explains the abnormally high boiling points of hydrogen
fluoride. water and ammonia. The hydrogen bonding in hydrogen
fluoride is so strong that salts of a hypothetical acid H,F, can be
isolated, for example, KHF, with the structure K*[F---H--- F]".
Again, ice is known to have a structure similar to that of diamond
with four bonds tetrahedrally arranged. Two hydrogen bonds bind
the lone pairs of electrons on a given oxygen atom to the positively
charged hydrogen atoms of two adjacent water molecules, these
hydrogen bonds being slightly longer than the hydrogen-oxygen
covalent bonds of the water molecule (Figure 2.6).

(@

(o)

© ‘ !

@

Figure 2.6. The tetrahedral structures of ice: (a), (b) are planes through sheets of selected

oxygen nuclei (open circles); hydrogen nuclei (shown in the insert as solid circles) are

not shoswn in the main drawing. The insert illustrates the overlap of oxygen line pairs
and the hydrogen nuclei. thus forming the hydrogen bonds (dotted lines)

The whole structure is rigid but open, giving ice a low density. The
structure of liquid water is similar but less rigid ; this explains the
fact that water has a high melting point and dielectric constant (per-
mittivity). Hydrogen bonding has been suggested as one reason why
both H* and OH ~ ions have very high ionic mobilities.

Hydrogen bonding is found between most compounds containing
hydrogen attached to nitrogen. oxygen or fluorine ; it explains why,
for example. ethanol C,H;OH. (C,H¢O) has a boiling point
of 351 K whilst the isomeric dimethyl ether CH ,—O—CH boils
at 2494 K. and why some carboxylic acids associate into dimers.
for example ethanoic acid in benzene dimerises to form
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Hydrogen bonding is not restricted. however. to bonding between
like molecules; it can exist between two different molecules (for
example water and ethanol) or between a molecule and an ion (for
example the species [H:---F----H] ™ already mentioned). Hydrogen
bonding also plays a vital role by providing cross linkage in proteins.
It is, therefore, a very important bond ; although it is usually weak,
having a strength of approximately 20 kJ compared with a normal
covalent bond strength of 200400 kJ. certain hydrogen bonds can
have strengths up to 80 kJ (see p. 57)

THE MODERN THEORY OF THE COVALENT BOND

The idea that a shared electron pair constitutes a covalent bond
ignores any difficulty about the actual position and nature of the
electrons in the combining atoms or in the resulting molecule. The
idea that electrons are particles revolving in ‘orbits’ or situated in
‘shells’ is inadequate when we desire to picture electrons in covalent
bonds. It is, however, known that a beam of electrons can undergo
diffraction, and that they therefore possess a wave-like nature
like light waves. It has also been found that there is a simple rela-
tionship between the momentum of an electron (characteristic of
its particle-nature) and the wavelength (characteristic of its wave-
nature). But if we give a definite wavelength or amplitude to an
electron, then its position in space becomes uncertain, i.e. it cannot
be pin-pointed. Instead, the wave amplitude (strictly, the square of
the amplitude) can be used to represent the probability of finding
the electron at a given point in an atom or molecule. This amplitude
is usually given the symbol s (psi) and is called a wave function.
For hydrogen (or helium), with one (or two) electron in the K
‘shell’,  is found to depend only on the distance from the nucleus,
diminishing as this distance increases; hence our picture of the
hydrogen atom is that shown in Figure 2.7.

The intensity of shading at any point represents the magnitude of
2, i.e. the probability of finding the electron at that point. This
may also be called a spherical ‘charge-cloud’. In helium, with two
electrons, the picture is the same, but the two electrons must have
opposite spins. These two electrons in helium are in a definite
energy level and occupy an orbital, in this case an atomic orbital.
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Figure 2.7. Charge-cloud of hydrogen atom

Now the combination of two hydrogen atoms to give a hydrogen
molecule can be visualised as in Figure 2.8.

In elements of Periods 2 and 3 the four orbitals are of two kinds;
the first two electrons go into a spherically symmetrical orbital—an
s orbital with a shape like that shown in Figure 2.7—and the next
six electronsinto three p orbitals each of which has a roughly ‘double-
pear’ shape. like those shown unshaded in each half of Figure 2.10.

H + H — H H

L]
+

He_—hke

Figure 2.8. The 1no orbitals overlap giving a covalent bond und the two electrons are
now in a moleculur orbital. (If the two nuclei could be pushed together completely, the
result would be analogous to a helium atom, but with no neutrons in the nucleus.)

When elements in Period 2 form covalent bonds, the 2s and 2p
orbitals can be mixed or hybridised to form new, hybrid orbitals
each of which has, effectively, a ‘single-pear’ shape, well suited
for overlap with the orbital of another atom. Taking carbon as an
example the four orbitals 2s,2p.2p.2p can all be mixed to form four
new hybrid orbitals (called sp® because they are formed from one s
and three p); these new orbitals appear as in Figure 2.9. i.e. they

Figure 2.9. Orbitals of carbon in methane
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project to the corners of a tetrahedron. The four valency electrons
of carbon go one into each orbital, and overlap of these singly-
occupied orbitals with the four spherical 1s orbitals of four hydrogen
atoms gives the tetrahedral methane molecule, with four covalent
bonds.

In ethene the situation is rather different; here, each carbon
atom has one 2s and two 2p orbitals hybridised to form three sp?
'single-pear’ orbitals which are trigonal planar (shown shaded in
each half of Figure 2.10). The remaining 2p orbital is not hybridised,

C C

Figure 2.10. Formation of the ethene molecule

and remains as a ‘double-pear’ (unshaded). The three hybrid
orbitals of each carbon are used thus: two to overlap with the
orbitals of hydrogen atoms to form two C—H covalent bonds, and
one to overlap with the corresponding orbital of the other carbon
atom, along the C....C axis, giving a C—C bond, as the two halves
of the molecule come together as indicated in Figure 2.10. The
unhybridised 2p orbitals now overlap ‘sideways-on’, and we get the
molecule as shown in Figure 2.11.

b e

H / \\—_// \ y
Figure 2.11. The ethene molecule (C—H bonds shown as lines for simplicity)

Hence we have two molecular orbitals, one along the line of
centres, the other as two sausage-like clouds, called the = orbital or
7 bond (and the two electrons in it, the n electrons). The double
bond is shorter than a single C—C bond because of the ‘double’
overlap : but the = electron cloud is easily attacked by other atoms.
hence the reactivity of ethene compared with methane or ethane.
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This representation of the double bond applies to other double
bonds also, for example C=0, S=0, P==0, and so on.

The element before carbon in Period 2, boron, has one electron
less than carbon, and forms many covalent compounds of type
BX, where X is a monovalent atom or group. In these, the boron
‘uses’ three sp? hybrid orbitals to form three trigonal planar bonds,
like carbon in ethene, but the unhybridised 2p orbital is vacant,
i.e. it contains no electrons. In the nitrogen atom (one more electron
than carbon) one orbital must contain two electrons—the lone pair;
hence sp® hybridisation will give four tetrahedral orbitals, one
containing this lone pair. Oxygen similarly hybridised will have two
orbitals occupied by lone pairs, and fluorine, three. Hence the
hydrides of the elements from carbon to fluorine have the structures

H N
- ~ ™
l (/ | (\ \V/ ) f \\///—\
c W, No- et
H/ \\H H/ \\H H/\ (///\H
H H H

with the line-pair orbitals indicated by broken lines. The co-ordinate
link is formed by overlap of a doubly-occupied (lone pair) orbital
with an unoccupied orbital. The projecting charge-clouds of
molecules like water or ammonia also impart other properties.
The concentration of negative charge on one side of the molecule
makes the molecule electrically polar, i.e. one end is positive, the
other (lone pair) end is negative; the molecule is then a dipole and
the magnitude of the polarity is expressed as the dipole moment.* In
molecules such as NH;, H,O, the positive end of the dipole is
‘concentrated’ at the small hydrogen atoms and there is conse-
quently a strong electrostatic attraction between these and the
negative charge-clouds of neighbouring molecules; this particularly
strong attraction is the origin of hydrogen bonding. The projecting
charge-clouds can also be attracted by ions so that positive ions, for
example, become hydrated (or ‘ammoniated’) by attraction of the
lone pair charge~clouds to the ion, as, for example, the hydrated
AI** jon (p. 45).

The elements of Period 2 (Li—F) cannot have a covalency greater
than 4, because not more than four orbitals are available for bonding.
In Period 3 (Na—Cl) similar behaviour would be expected. and
indeed the molecule SiH, is tetrahedral like that of CH,. and
PH, is like NH ; with a lone pair occupying one tetrahedral position.

* Note that this kind of polarity is not the same as bond polarity (p. 51).
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But it is found that certain very electronegative atoms or groups.
notably fluorine. can cause expansion of the valency shell, and
further orbitals of higher energy—the d orbitals—can be hybridised
with the s and p orbitals. Consider phosphorus. with five valency
electrons; these can be placed either in four tetrahedral sp® hybrid
orbitals (with one orbital doubly occupied) or singly in five orbitals
formed by hybridisation of one 3s. and three 3p and one 3d (sp*d)
to give a trigonal bipyramidal shape (Table 2.5). sp® mixing is
found in the phosphine molecule PH,. while sp*d is found in the
phosphorus pentafluoride molecule PF . Similarly with sulphur, sp*
mixing with two lone pairs is found in the H,S molecule while
sp’d* mixing gives six octahedral orbitals as found in the SFg
molecule. It will now become apparent that all the common molecular
shapes given in Table 2.5 can be accounted for by assuming appropriate
hybridisation of the orbitals of the central atom—sp, linear: sp?.
trigonal planar: sp®. tetrahedral: sp*d. trigonal bipyramidal and
sp3d*. octahedral.

THE BONDING IN METALS

We have seen that in a metal the atoms are close-packed, i.e. each
metal atom is surrounded by a large number of similar atoms
(often 12, or 8). The heat required to break up 1 mole of a metal into
its constituent atoms is the heat of atomisation or heat of sublimation.
Values of this enthalpy vary between about 80 and 800 kJ. for metals
in their standard states ; these values indicate that the bonds between
metal atoms can vary from weak to very strong. There is a rough
proportionality between the m.p. of a metal and its heat of atom-
isation, so that the m.p. gives an approximate measure of bond
strength.

Here we can discuss the nature of metallic bonding only in a
qualitative way. The bulk metal may be pictured as consisting of
positively charged atoms embedded in a ‘sea’ of free valency
electrons. There are, therefore. no localised bonds, as in a giant
covalent crystal like diamond. The freedom of the electrons is
shown by their ability to move in an electrical field, so bestowing
electrical conductance on the metal. The strength of the metal bond-
ing (as measured by the heat of atomisation) is determined essen-
tially by (a) the size of the atoms. increase in size decreasing the
heat of atomisation and (b) the number of valency electrons. increase
in the number of valency electrons increasing the heat of atomisa-
tion. In the close-packed metal structure of, for example, sodium.
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each metal atom of sodium is surrounded by (and therefore bonded
to) eight other atoms. and each atom contributes one valency
electron ; clearly the number of electrons per ‘bond’ is §. For a larger
atom with the same co-ordination number and the same number of
valency electrons. for example. caesium. the electron/bond ratio is
still 4, but the interatomic distance is necessarily larger and the ‘bond
strength’ would be expected to be weaker. In fact, the heats of
atomisation at 298 K for solid sodium and caesium are 109 and 79
kJ mol ™! respectively. The atoms of sodium in metallic sodium, and
calcium in metallic calcium. have almost identical sizes (calculated
for the same co-ordination number); but since calcium has two
valency electrons, the heat of atomisation is increased to 177
kJ mol ™ !. Many transition metals have high heats of atomisation;
these elements have d electrons and a larger number of electrons is
available for interatomic bonds in the metals; examples of heats of
atomisation are: iron, 416 kJ mol~!. tungsten 837 kJ mol~!. The
stronger bonds in transition metals give rise not only to higher m.p.
but also to greater tensile strength and hardness—hence the many
uses of these metals for practical purposes.

BONDING IN TRANSITION METAL COMPLEXES

We have already noted that transition metals can readily form com-
plexes with a variety of ligands. We have also noted that, in complexes
of the main group metals. the metal-ligand bonds can be electrostatic
(i.e. ion-ion or ion-dipole), or covalent, or intermediate between
these two extremes. In transition metal complexes, the bonding can
be described on the basis of either an ‘electrostatic’ or a ‘covalent’
model; again, the actual bonding may well be intermediate in
character. But an important feature of either descriptions must be
to take account of the d orbitals. When a transition metal ion forms
a complex with ligands. two important changes often occur; a
change of colour. and a change in magnetic properties; any theory
of bonding must account for these changes. Briefly. this is done by
postulating a split in the d orbital energy levels. In the free atom or
ion of a first series transition metal, there are five d orbitals all
having the same energy. If the metal ion is surrounded by ligands,
all the d orbital energies are raised; when there are six ligands
arranged octahedrally (or six ions of opposite change in an ionic
lattice) the d orbitals undergo an energy split as follows:
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Energy ,/
/
/
~— === 4
! The 5 3d orbitals
in the atom or ion  \_ _ -
;  surrounded by ligands
_______ J
The 5 3d orbitals The splitting of the
in the free atom 3d orbitals for six
orion octahedral ligands

The magnitude of the energy split, AE, determines how the electrons
will be distributed between the d orbitals (and hence the magnetic
properties, p. 229). Moreover, electrons can be promoted from the
lower to the higher energy level by absorption of light ; the frequency
of the absorbed light is directly related to AE ; and hence this latter
quantity greatly influences the colour of the complex.

The detailed theory of bonding in transition metal complexes is
beyond the scope of this book, but further references will be made to
the effects of the energy splitting in the 4 orbitals in Chapter 13.

THE COLOUR OF INORGANIC COMPOUNDS

Many transition metal compounds owe their colour to absorption
of light which causes electrons to move between d orbitals of different
energy, these orbitals being essentially those of the central metal
atom or ion. However, colour is also seen in some main-group
elements (for example, iodine), some main-group compounds (e.g.
lead(II) oxide, yellow), and some transition metal complexes where
there are either no electrons initially in d orbitals (e.g. the manganate-
(VII) ion, MnOy)), or the d orbitals are completely filled (and hence
electrons cannot move between them) (for example, copper(I) oxide,
yellow-red ; mercury(Il) oxide, red). A detailed discussion of the
causes of colour in these compounds is out of place in this book, but
essentially the colour is due to electrons moving between different
atoms or ions. In most compounds, the energy required for move-
ment of electrons (sometimes referred to as charge-transfer) is large,
and the frequency of light required is consequently in the ultra-violet
region of the spectrum. But in the coloured compounds already
mentioned. the energy is sufficiently low to cause absorption of light



STRUCTURE AND BONDING 61

in the visible part of the spectrum. Thus. for example, in the MnO,
ion, we have manganese in a high oxidation state ( + 7) and oxygen
in state — 2: movement of electrons from oxygen to manganese
requires relatively little energy. and the intense purple colour resuits.

QUESTIONS

1. Discuss the types of bonding that hold atoms and ions together
in molecules and crystals. Include in your answer evidence for the
existence of the bonds that you describe, and some indication of
their relative strength.

(N.A)

2. Describe, with a brief explanation, the shapes of the following
molecules and ions:

(a) SnCl,, (b) BCl,, (c) PCl,, (d) SbCls, (e) PCl; and (f) ICI.
Indicate, giving a reason, which of the molecules (a), (b), (c) and (d)
you would expect to possess a dipole moment.

(JMB, S)

3. State the type of chemical binding in each of the chlorides
represented by the empirical formulae

NH,Cl. BeCl,, MgCl,

and show how these binding forces, and other factors, determine the
behaviour of these chlorides when acted upon by (i) heat, (i1) elec-
tricity, (iii) water.

(C.A)

4. What are the principal differences in physical and chemical
properties between any one metal from Group I and any one metal
from Group IV and any one transition mctal? How far can you
explain these differences in terms of their different atomic structures?

(N, Phys. Sc., A)

5. How can the shapes of simple molecules be explained in terms
of electron pair repulsions? Your answer should include at least one
example from each of four different shapes.

What effect does the presence of a lone pair of electrons on the
nitrogen atom have on:

(a) the H—N—H angle in ammonia,
(b) the properties of the ammonia molecule? (JMB. A)
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Energetics

A full treatment of this important—and indeed exciting—area of
chemistry belongs to physical chemistry. Here, we are chiefly
concerned with two fundamental questions about a chemical
reaction—why does it proceed. and why does it give one product
rather than another? There are many processes. both physical and
chemical. which proceed spontaneously. Consider first two flasks.
one containing only oxygen and the other only nitrogen. which
are connected by opening a tap. The two gases mix spontaneously
and the mixture is eventually uniform in both flasks—there has
been no chemical reaction but spontaneous mixing has occurred.
When anhydrous aluminium chioride is added to water the reaction
described on p. 45 occurs with the evolution of a great deal of heat—
a strongly exothermic spontaneous reaction. Addition of solid
ammonium nitrate to water leads to solution with the absorption
of heat—a spontaneous endothermic reaction. These reactions are
all spontaneous, but clearly there are wide differences in the apparent
energy changes involved.

CHEMICAL STABILITY

Before we proceed to discuss energy changes in detail it is first
necessary to be clear that two factors determine the stability of a
chemical system—stability here meaning not undergoing any
chemical change. These two factors are the energy factor and the
kinetic factor.

62
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THE ENERGY FACTOR

A change can only take place if the energy factor is favourable. Most
simple laboratory reactions are carried out in vessels open to the
atmosphere and are therefore at constant pressure. Consequently
the most commonly met energy factor is the enthalpy. H; the
enthalpy change. AH,is a measure of the heat gained from. or lost
to, the surroundings during a chemical process, such that, at the
end of the reaction, the temperature and pressure of the system are
the same as before the reaction occurred. In an exothermic process.
the total enthalpy of the products H, isless than that of the reactants.
H,, and the enthalpy change, AH, is negative (Figure 3.1). For an
endothermic process the enthalpy change is positive.

H——— Reactants

AH = Hy—H

Enthalpy —

Hp; m—Products

Reaction coordinate

Figure 3.1

The enthalpy (strictly. the enthalpy change) for a reaction can
readily be calculated from enthalpies of formation AH; which can
often be obtained from tables of data.

AH values relate to defined conditions. usually to the standard
state of the substance at 298 K and 1 atm pressure. indicated by

AH%,, * That is.
AH caction
For example. for the reaction
C,H,(g) + 330,(g) — 2CO,(g) + 3H,0()
AH 000 = [2 x AHCO,(g) + 3 x AHH,0()] — [AHC,H,(g)]

{Note that AH; for an element in its standard state is zero.) Hence
AH, ,ion = — 1560 kJ mol '. (This is in fact an enthalpy of
combustion.)

* The temperature subscript 298 will be assumed in this book unless otherwise
stated.

= ZAH, products — ZAH, reactants
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THE KINETIC FACTOR

Even given a favourable energy factor. a change may still not take
place or occur at a negligible rate if the kinetic factor is unfavourable.
The situation is somewhat analogous to an object on the ground.
First, the object can only move spontaneously if the ground slopes
downwards—it will not move spontaneously on level ground
or up a slope. If the object is, say. a smooth sphere. it will, given a
downward gradient. move spontaneously. However, if the object is
less regular in shape. say a lump of rock, it may be at rest on an
incline. This rock is energetically unstable but kinetically stable.
The rock can be made kinetically unstable by giving it a push to get
it over its energy barrier—adding initial energy (the energy of
activation). Similarly. many chemical systems are energetically
unstable but kinetically stable and need a ‘push’, usually in the form
of heat. to make them go (Figure 3.2). We should note that not all

Enthalpy —=

E,energy barrier

Reactonts AH, enthalpy of reaction

Products

Reaction coordingte
Figure 3.2

the molecules in a given system need to be given the additional
‘activation energy’ for the reaction to proceed. Each molecule that
reacts produces energy. in an exothermic reaction, and this can
activate more molecules. Hence. once a sufficiently large proportion
of the molecules reaches the activated state. the reaction proceeds
spontaneously. The burning of coal and wood are familiar examples

of this type of process.

FREE ENERGY AND EQUILIBRIA

Let us now consider two simple representative reactions:
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1. Naf(s) + 4Cl,(g) » NaCl(s)
2. +H,(g) + 3Cl,(g) » HCl(g)

In both reactions 1 and 2 the energy factors are favourable; pure
sodium and chlorine do react at room temperature but hydrogen
and chlorine are (kinetically) stable in the absence of light; in the
presence of light (to give the reaction additional energy) they react
explosively to form hydrogen chloride. Since we have seen on p. 62
that a spontaneous reaction can be endothermic (although the vast
majority are exothermic), we must now consider the energy factor
in more detail.

When we say that reactions 1 and 2 ‘go’ we actually mean that
the equilibrium between eactants and products is displaced from
the reactants towards the products. We represent this strictly by
the equation (for reaction 2)

3H,(g) + $Cl,y(g) —=— HCl(g)

By application of the Equilibrium Law. the equilibrium constants
are as given at the top of the next page.

AGg.ga, kdJ mol"
150

100

—-150

Figure 3.3. Graph of AG,qg against log o K,4g
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. [HCI] [Pyc]®

©HICLTE T [Py [P, )

Here. the reaction proceeds effectively to completion; (HCl) is
very large relative to (H,) and (Cl,) and hence K (and K ) are also
large. In these circumstances the reverse arrow is usually omitted.

The equilibrium constant at constant temperature is directly
related to the maximum energy. called the free energy AG. which is
obtainable from a reaction. the relationship being

AG = — RTInK,

Here G is the free energy and AG the change in free energy during
the reaction, R the gas constant and T the absolute temperature.
At 298 K. under standard conditions (G = G*®)

log, K, = — 0.000733AG*®

where AG*® is the change in free energy under standard conditions.

The above equation enables us to calculate the equilibrivm
constant for any value of AG or vice versa, and we readily see that
for a reaction to ‘go to completion’, i.e. for K to be large, AG needs
to be large and negative.

When AG = 0, the equilibrium constant K is unity. A large
positive value of AG indicates that the reaction will not ‘go’. being
energetically unfavourable under the specific conditions to which
AG refers.

FREE ENERGY AND ENTROPY

Free energy is related to two other energy quantities. the enthalpy
(the heat of reaction measured at constant pressure) and the entropy.
S.an energy term most simply visualised as a measure of the disorder
of the system. the relationship for a reaction taking place under
standard conditions being

AG*® = AH® — TAS*

where AG* is the change in free energy. AH < the change in enthalpy.
AS* the change in entropy (all measured under standard conditions).
and T is the absolute temperature.

If overall disorder increases during a reaction, AS is positive:
where overall disorder decreases. AS is negative.
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SPONTANEOUS REACTIONS

We have seen above that for a reaction to "go to completion’ AG
must be negative. Enthalpies of reaction often amount to several
hundred kJ mol ! but values of entropy changes are rarely greater
than a few hundred and often very much smaller when no gas is
absorbed (or evolved). Hence at room temperature the term TAS®
can often be disregarded and the sign of AH® determines the sign
of AG®. However, when AH is small. less than approximately
40 kJ mol™!, then TAS is important and can result in a negative
value for AG even when AH is positive—i.e. for an endothermic
reaction. In the endothermic dissolution of ammonium nitrate in
water, quoted in the introduction on p. 62, it is the entropy contri:
bution which produces the spontaneous reaction since the TAS® is
greater than AH® and produces a negative value for AG®. Also in
the introduction the mixing of two gases was mentioned. In this
case the enthalpy of ‘reaction’ is very small but clearly disorder is
increased by the mixing of the two gases. Thus AS is positive and the
terms — TAS and AG are negative.

THE EXTRACTION OF METALS

From the above discussion. we might expect that endothermic
reactions for which the enthalpy change is large cannot take place.
However, a further consideration of the equation
AG*= = AH® — TAS*®

clearly indicates that an increase in temperature could result
in a negative value of the free energy. but only if the entropy change
for the reaction is positive; if the entropy change is negative then
there is no possibility of the reaction occurring. (Note that AH .
varies only slightly with temperature.)

Most metals react exothermically with oxygen to form an oxide.
Figure 3.4 shows how the value of AG for this process varies with
temperature for a number of metals (and for carbon), and it can be
seen that in all cases AG becomes less negative as the temperature
is increased. However, the decomposition of these metal oxides into
the metal and oxygen is an endothermic process, and Figure 3.4
shows that this process does not become even energetically feasible
for the majority of metals until very high temperatures are reached.

Let us now consider the reduction of a metal oxide by carbon
which is itself oxidised to carbon monoxide. The reaction will
become energetically feasible when the free energy change for the
combined process is negative (see also Figure 3.3). Free energies.
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Figure 34. AG/T values for the reactions

2Zn + O, - 2Zn0O
2Fe + O, - 2FeO
2Mg + O, —» 2MgO
2C+ 0, -2C0
$AlL + O, - 3A1,0,
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like enthalpies, are additive. and the minimum temperature for
energetic feasibility can readily be found.

As an example. consider the reduction of zinc oxide to zinc by the
reaction:

ZnO + C—->Zn + CO

Reference to Figure 3.4 shows that the reduction is not feasible at
800 K. but is feasible at 1300 K. However, we must remember that
energetic feasibility does not necessarily mean a reaction will ‘go’;
kinetic stability must also be considered. Several metals are indeed
extracted by reduction with carbon, but in some cases the reduction
is brought about by carbon monoxide formed when air, or air-
oxygen mixtures, are blown into the furnace. Carbon monoxide is
the most effective reducing agent below about 980 K, and carbon is
most effective above this temperature.

Since AG® = AH® — TAS®
and AG® = —RTIh K.
AH® 1 AS®
nK = "2 .20
g R TV R
lo K = AH® constant
or Blo® = "33mr' T n

Hence an alternative to Figure 3.4 is to plot log,, K against 1/T
(Figure 3.5); the slope of each line is equal to —AH*®/2303R. A
discontinuity in the line for a given metal-metal oxide system
corresponds to a change in phase (solid, liquid, gas) of the metal or
its oxide (usually the metal). The change in slope is related to the
enthalpy change involved in the change. Thus for magnesium-
magnesium oxide,

2Mg(l) + O,(g) —» 2MgO(s): AHT = —1220kJ mol ™
2Mg(g) + O,(g) —» 2MgO(s): AHy = —1280kJ mol ™'
and hence
2Mg(l) - 2Mg(g): AH® = 260 kJ mol ™!

which is twice the enthalpy of vaporisation of one mole of mag-
nesium.

When studying the AG® — T diagrams we saw that the extrac-
tion of a metal from its compound by a reducing agent becomes
energetically feasible when the free energy change for the combined
process is negative (see also Figure 3.3).
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S0

log,, K

301

251

20|-bp ofzinc~

Znt %0FZn0

Ct+h 0,=C0

When using log,, K against 1, T graphs. in order to find the
temperature at which reduction becomes energetically feasible it is
necessary to determine the temperature at which the equilibrium
constant for the reduction indicates a displacement of the reaction

5 20 25 30 35
10’k
T
Figure 3.3, 1og,.K 7 values for the reactions
Zn + 0.  ZnO
CO + 10, = CO,

in favour of the metal.

Consider the reduction of zinc oxide. by carbon monoxide. The

equations are:
L

2

I\\
Zn + 30, == ZnO
CO + 10, == CO,
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Hence for the reduction of zinc oxide by carbon monoxide we have,
ZnO + CO & Zn + CO,

Here K = K,/K,. hence log,, K = log,, K, — log,, K,

The ‘complete’ reduction of zinc oxide is favoured by a small value
of K. ie. when log,, K, » log,, K,. Figure 3.5 shows plots of
log,o K. and log,, K, against 1/7 ; where the two graphs intersect
log,, K for the reduction process is zero and hence K = 1.

At higher temperatures log,, K has a positive value and K
becomes large. Thus complete reduction of the oxide is energetically
(and indeed kinetically) feasible.

Similar graphs can be plotted for the reduction of any metal
oxide and also for the reduction of chloride and sulphide ores.

FACTORS CONTRIBUTING TO THE ENTHALPY OF
REACTION

In the preceding sections we have considered the overall change in
a chemical reaction. Factors contributing to this change will now be
considered for simple covalent and ionic systems.

COVALENT COMPOUNDS: THE HYDROGEN HALIDES

Let us consider again the reaction between hydrogen and chlorine :
H,(g) + Cl,(g) » 2HCl(g)

An energy diagram for this reaction is given below (see Figure 3.6).

{Note that this is not a representation of the actual reaction path

2H(g) +2CL (g)

\Ah,

AR, Ahy

Hz(QH‘CLz(g)

4Ah4

2HCL (g)

Figure 3.6
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but. since the overall heat change is. by Hess's law. independent of
the path of the reaction. this is still valid as an energy diagram.)
The enthalpy changes in the reaction are:

Ah, the dissociation or bond energy of hydrogen (it is also. by
definition, twice the enthalpy of atomisation -—-two gram atoms
being produced).

Ah, the dissociation or bond energy of chlorine. again twice the
enthalpy of atomisation.

Ah, twice the bond energy of hydrogen chloride (twice since two
moles of hydrogen chloride are produced).

Ah, the enthalpy of reaction. which is in this case twice the enthalpy
of formation of hydrogen chloride. Clearly Ah, is the difference
between the total bond energies of the products and the total
bond energies ol the reactants. That is

AH = X bond energies of products

— X bond energies of reactants.

reaction

For a reaction to be exothermic the sum of the bond energies
of the products must exceed those of the reactants.

For the formation of the hydrogen halides by the direct com-
bination of the elements. the enthalpies of formation are:

HF HCI HBr HI
AHF (kJmol™") -269 -923 -362 +26

These values indicate a rapid fall in thermal stability of the halide
from fluorine to iodine. and hydrogen iodide is an endothermic
compound. If we now examine the various enthalpy changes in-
volved. we find the following values (in kJ):

HF HCl  HBr HI

1. 1H,(g) — H(g) +218 4218 +218 +218
2. 3X,(l s) » 1X,(g) 0 0 +15 431

3. 3X,(g) - X(g) +79 4121 +96 476

4. 1H,(g) + 1X,(Ls) - H(g) + X(g) +297 +339 +330 +325
5. H(g) + X{g) - HX(g) —566 431 -366 —-299
6. +H,(g) + +X,(s. 1. g) » HX(g):

AHf: -269 -92 -36 +26

Note that the term 2 is included: it is the enthalpy required to
convert the element in its standard state at 298 K to a gas at 298 K—
and it does not apply to fluorine and chlorine which are both gases
at this temperature.
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The heats of formation of the gaseous atoms, 4, are not very
different; clearly, it is the change in the bond dissociation energy
of HX, which falls steadily from HF to HI, which is mainly res
ponsible for the changes in the heats of formation. 6. We shall see
later that it is the very high H—F bond energy and thus the less
easy dissociation of H—F into ions in water which makes HF in
water a weak acid in comparison to other hydrogen halides.

COVALENT COMPOUNDS: OTHER SYSTEMS

We have just seen that a knowledge of bond energies enables
enthalpies of reaction to be calculated. This is certainly true for
simple diatomic systems. When polyatomic molecules are con-
sidered, however, the position can be more complicated and there
are a number of different dissociation energies for even a two-
element polyatomic molecule. Consider, for example, ammonia.
There are three N—H bond dissociation energies (p. 47) and the
bond dissociation energy is different for each N—H bond and
depends on the environment of the atoms concerned. The same
conditions apply to any polyatomic molecule. However. average
values, called average thermochemical bond energies (or average
standard bond enthalpies) have been determined from a wide
variety of compounds, and tables can be found in most data books.
In spite of the known limitations of these bond energies, they are
useful in estimating enthalpies of reactions, as indicated on p. 63,
and the likely stabilities of covalent compounds. However, special
care is needed when small positive or negative values for enthalpies
are obtained (often as the difference between two larger values),
since the predictions may then be unreliable because of the lack of
precision in the original data.

IONIC COMPOUNDS: LATTICE ENERGY

Let us consider the formation of sodium chloride from its elements.
An energy (enthalpy) diagram (called a Born—Haber cycle) for the
reaction of sodium and chlorine is given in Figure 3.7. (As in the
energy diagram for the formation of hydrogen chloride, an upward
arrow represents an endothermic process and a downward arrow
an exothermic process.)

The enthalpy changes evolved are:

Ah, the enthalpy of atomisation (or sublimation) of sodium.
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Ah;, the first ionisation energy of sodium.

Ah, the enthalpy of atomisation of chlorine. which is also half the
bond dissociation enthalpy.

Ah, the electron affinity of chlorine.

Ah; the lattice energy of sodium chloride; this is the heat liberated
when one mole of crystalline sodium chloride is formed from
one mole of gaseous sodium ions and one mole of chloride ions.

AH the enthalpy of formation of sodium chloride.

Hence

AH = Ah, + Ah, + Ahy + Ah, + Ahg

Of these enthalpies. all can be determined experimentally except
the lattice energv. Tonisation energies, electron affinities, bond

Not (g) +e-+Clig)

Ahy ANl natgec
Na*(g) +e-+ 5 CLlg)

A Ah,

Nalg+3ClLlg
4
! Ahs
Na(s) +3 Cly()
AH,
Figure 3.7

dissociation energies and heats of atomisation have all received some
discussion previously. The lattice energy can be determined by
using the Born-Haber cycle as shown above. or by calculation.
summing the attractive and repulsive energies between all the ions
in 1 mole of crystal. Details of the calculation are outside the scope
of this book. However. it may be noted that the caiculation is based
on the assumption that ionic crystals are made up of discrete
spherical ions which exert non-directional electrostatic attractive
or repulsive forces on their neighbours in the crystal. The calculation
gives a result which is most simply represented as follows

+ -

Lattice energy (Al,) = A 5 - .. -B
. r +r
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where A is a constant for a particular crystal type. z* and 2z~ are the
charges on the ions, r™ and r~ are the ionic radii (see p. 29) and B
is a small constant of repulsion. The important quantities which
determine the magnitude of the lattice energy are, therefore, ionic
charges z. and the ionic radii r. Since z increases and r decreases
across a period it is not surprising to find that a Group II halide
has a much higher lattice energy than the corresponding Group I
halide. Calculated lattice energies for the alkali metal halides are in
good agreement with values determined from Born-Haber cycle
measurements; for example for sodium chloride, the cycle gives
— 787 and the calculation —772kJ mol~"'.

For other compounds, the agreement is not always so good. The
assumption that the lattice is always wholly ionic is not always true;
there may be some degree of covalent bonding or (where the ions
are very large and easily distorted) some appreciable van der Waals
forces between the ions (p.47).

IONIC COMPOUNDS: STOICHIOMETRY

To date there is no evidence that sodium forms any chloride other
than NaCl; indeed the electronic theory of valency predicts that
Na®* and Cl, with their noble gas configurations, are likely to be
the most stable ionic species. However. since some noble gas atoms
can lose electrons to form cations (p. 354) we cannot rely fully on
this theory. We therefore need 1o examine the evidence provided
by energetic data. Let us consider the formation of a number of
possible ionic compounds; and first, the formation of ‘sodium
dichloride’, NaCl,. The energy diagram for the formation of this
hypothetical compound follows the pattern of that for NaCl but an
additional endothermic step is added for the second ionisation
energy of sodium. The lattice energy is calculated on the assumption
that the compound is ionic and that Na?* is comparable in size
with Mg?*. The data are summarised below (standard enthalpies
inklJ):

Ah, enthalpy of atomisation for sodium (unchanged) + 108
Ah, first ionisation energy for sodium (unchanged) +496
Ah, second ionisation energy for sodium (additional) +4561
Ah, enthalpy of atomisation of chlorine. x2 (since two

atoms are needed) +242
Ah, electron affinity of chlorine. x 2 (two ions are formed)  —728

Ah calculated lattice energy —2539
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Hence
AHE = Ah, + Ah, + Ah; + Ahy + Ah, + Ahg = 2140kJ mol ™!

The positive enthalpy of formation of NaCl, is so large that the
possibility of the reaction Naf(s) + Cl,(g) - NaCl,(s) occurring
under any conditions is extremely remote.

The main factor responsible for the large positive value of AHZ
for NaCl, is the high second ionisation energy of sodium. Since for
any element. the second ionisation energy is much larger than the
first, we might ask the question: Why do elements from Group II
form ionic dichlorides? The enthalpy changes for the formation of
MgCl, MgCl, and MgCl; are given below (standard enthalpies in
kJ):

MgCl MgCl, MgCl,

Ah, Mg(s) -» Mg(g) +146 +146  +146
Ah, Mg(g) - Mg"*(g) + ne” +736 +2184 +9924
Ah, inCl,(g) - nCl(g) +121 +242 4363
Ah, nCl(g) + ne~ — nCl (g) —364 —728 —1092
Ahy Mg"*(g) + nCl~(g) - MgCl, —753 —2502 —5440

AHE = Ah, + Ah, + Ahy + Ah, + Ahy —114  —658 +3901

The values of AHF indicate that it is extremely unlikely that
MgCl,(s) can be prepared under any conditions, but both MgCl(s)
and MgCl,(s) appear to be energetically stable with respect to
magnesium and chlorine.

MgCl(s), however, is not energetically stable with respect to dis-
proportionation. The following energy cycle enables the enthalpy
of disproportionation to be calculated, i.e.

2AH{(MgCl)s) + AH (disproportionation) — AH{(MgCl,) =

AHglgpmpumonallon)
2MgCl(s) MgCl,(s) + Mgls)
2AH (MgCI)( N / AH{MgCL)(s)
2Mg(s) + Cly(

Hence
AH —427k])

We see, therefore, that magnesium normally forms a dichloride
and not a mono- or tri-chloride. Similar calculations can be made
for many systems, but greater uncertainties arise, especially when

(disproportionation) =
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covalent bonds are involved. Moreover. we must not assume that
magnesium trichloride cannot exist.

Early calculations of a similar kind indicated that the compound
AICl is unlikely to exist; but at temperatures above about 1100 K
aluminium oxide Al,O; and the trichloride AICI, react to form the
compound AICI; on cooling this disproportionates to give the
trichloride and aluminium metal

3AICI - AICI; + 2Al (p. 143)

There are many compounds in existence which have a considerable
positive enthalpy of formation. They are not made by direct union
of the constituent elements in their standard states, but by some
process in which the necessary energy is provided indirectly. Many
known covalent hydrides (Chapter 5) are made by indirect methods
(for example from other hydrides) or by supplying energy (in the
form of heat or an electric discharge) to the direct reaction to
dissociate the hydrogen molecules and also possibly vaporise the
other element. Other known endothermic compounds include
nitrogen oxide and ethyne (acetylene); all these compounds have
considerable kinetic stability.

REACTIONS IN AQUEOUS SOLUTION: IONIC
SUBSTANCES

Let us examine the enthalpy terms involved when an ionic crystal
MX is dissolved in water. The energy diagram for a Group I halide
is as shown in Figure 3.8.

In the diagram below Ah_ represents the heat (enthalpy) of
solution, which can be measured experimentally, and Ah; is the

M* (@ +X(g)

Ay g (MY
M*(ag)+X(q)

Ahs

MX (s)

A,

M*(ag) + X (ag)

Figure 3.8
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lattice energy. Ah,, o(M™) and Ah,,,4(X ") are the hydration enthalpies
of the ions M* and X . These require further consideration.

Hydration enthalpies

When an ion is solvated the resulting solvated ion is more stable
than the original free ion. Consequently all hydration enthalpies
are negative: hydration is an exothermic process. Since we can
measure the enthalpy of solution and calculate the lattice energy.
we can determine the total hydration enthalpy of the ions. How-
ever, since we are unable to measure hydration enthalpies for
isolated ions, it is necessary to divide this enthalpy to give individual
values. This problem can be resolved by giving an arbitrary value to
the hydration enthalpy of one ionic species so that the others can be
obtained by difference. There are good grounds for using the proton
as the standard giving Ah, 4(H ") the value of — 1091 kJ mol " '. On
this basis some hydration enthalpies are given below (kJ mol *.
298 K):

H* —1091 Fe** -—1946 TI* -326 Pb** —1481
Lit =519 Co** —1996 Be?* —2494 AIP* —4665
Na* —406 Ni#* -2105 Mg?** —1921 Fe** -4430

K~ —322 Cu*" -2100 Ca** -—1577 F~ —515
Rb* —-293 Zn** -2046 Sr** -—1443 (I —-381
Cs* —264 Hg** -—1824 Ba’* —1305 Br~  -347
Ag* —473 Sn** —1552 Cr** —1904 I~ —-305

It will be noted that hydration enthalpy decreases with increasing
ionic radius and increases very sharply with increase in ionic
charge, these results being what we should expect for an electro-
state interaction between a charged ion and the dipole of a water
molecule (p. 44).

Enthalpies of solution

The enthalpy of solution is quite small for many simple ionic
compounds and can be either positive or negative. It is the difference
between two large quantities. the sum of the hydration enthalpies
and the lattice energy.

Let us consider the halides of sodium and silver. The details of
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the enthalpy changes involved in dissolving them in water are as
follows:

NaF NaCl NaBr Nal
Ahs  MX(s) > M*(g) + X (g) +919 +787 +752 +703
ZAh, oM (g) + X7 (g) » M7 (aq)
+ X (aq) -921 -787 -753 -711
Ah, MX(s) > M*(aq) + X (aq) -2 0 -1 -8

AgF  AgCl AgBr Agl

Ah,  MX(s)-> M7+ X7(g)  +966 +917 +905 +891
ZAna: M7(g) + X7 (g) > M™(aq)

+ X (aq) —98 —851 —820 —778

Ah, MX(s) > M<*(ag) + X (ag) —20 +66 +85 +113

Although the data for the silver halides suggest that silver(I) fluoride
is likely to be more soluble than the other silver halides (which is in
fact the case), the hydration enthalpies for the sodium halides almost
exactly balance the lattice energies. What then is the driving force
which makes these salts soluble. and which indeed must be res-
ponsible for the solution process where this is endothermic? We
have seen on p. 66 the relationship AG® = AH® — TAS® and
noted that for a reaction to be spontaneous AG® must be negative.
The driving force, then, is to be found in the entropy term TAS®.
When a crystal dissolves the orderly arrangement of ions in the
lattice is destroyed, but since each ion becomes solvated order is
brought into the areas of solvent around each ion. Generally, how-
ever, despite this ‘ordering of the solvent’ there is an overall increase
in entropy and AS® is positive. Hence, negative values of AG*® can
be produced even for endothermic reactions. and since TAS®
increases with temperature. it is not surprising to find that the
solubility of nearly all simple ionic substances increases as the
temperature is increased.

Prediction of solubility for simple ionic compounds is difficult
since we need to know not only values of hydration and lattice
enthalpies but also entropy changes on solution before any informed
prediction can be given. Even then kinetic factors must be considered.

This problem does not become easier when considering ionic
compounds of Group II elements since with the increase in ionic
charge and decrease in ionic radius of the Group II ions not only
does hydration energy increase but also the lattice energy of the
compound itself, and again the value of the enthalpy of solution is
the difference between two large (indeed. in the case of Group 11,
very large) quantities.
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REACTIONS IN AQUEOUS SOLUTION: COVALENT
SUBSTANCES

Metals in higher oxidation states form halides which are essentially
covalent, for example AICl;, SnCl,, FeCl,; when these compounds
dissolve in water they do so by a strongly exothermic process.
Indeed it is perhaps incorrect to think of this only as a dissolution
process, since it is more like a chemical reaction-—but to differentiate
for a particular substance is not easy, as we shall see. The steps
involved in the case of aluminium chloride can be represented as

AICL4(s) > AlCl,(g) - Al(g) + 3Cl(g) — AI3*(g) + 3Cl™(g)

!
Al**(aq) + 3Cl (aq)

Obviously sufficient energy is available to break the Al—Cl co-
valent bonds and to remove three electrons from the aluminium
atom. Most of this energy comes from the very high hydration
enthalpy of the Al>*(g) ion (p. 78). Indeed it is the very high
hydration energy of the highly charged cation which is responsible
for the reaction of other essentially covalent chlorides with water
(for example. SnCl,).

Essentially the same processes occur when chlorides (for example)
of non-metallic elements ‘dissolve’ in water. Thus. the enthalpy
changes for hydration chloride can be represented :

HCl(g) — H(g) + Clig) » H*(g) + Cl™(g) -» H*(aq) + Cl (aq)

This is an exothermic process. due largely to the large hydration
enthalpy of the proton. However, unlike the metallic elements, non-
metallic elements do not usually form hydrated cations when their
compounds ‘dissolve’ in water; the process of hydrolysis occurs
instead. The reason is probably to be found in the difference in
ionisation energies. Compare boron and aluminium in Group III;

Tonisation energies (k] mol ')

Ist 2nd 3rd Toral

B 801 2428 3660 6889
Al 578 1817 2745 5140

Clearly the hydration of the ‘B*"" ion would have to produce an
enormous amount of energy to compensate for that necessary to



ENERGETICS 81

produce B’ *(g)—and in fact this ion is not found as such. In fact.
there is no sharp division between hydration and hydrolysis, since
hydrated multi-charged cations such as Al**(aq). Fe**(aq) do
undergo a loss of protons which is also a ‘hydrolysis’ (p.45).

QUESTIONS
o —
210
soof- 210+ 02 z
2
%
<
o mr0 A203
3
a0
(000} ,ZCOJ(OZ/"ZC
| J | | | H | | | ]
400 600 800 1000 1200 1400

Temperature, K

1. (a) Describe how the use of Ellingham diagrams such as the one
above helps to explain why metal oxides can be reduced by the
use of

(i) other metals,
(ii) carbon.
(iii) carbon monoxide.

{b) Why is it necessary to use electrolysis for the extraction of some
metals?

(c) Why is it that the slope of the graph of free energy of formation
of zinc oxide against temperature is as shown in the diagram.
whereas the slope of the graph of free energy of formation of
carbon monoxide against temperature has the opposite sign?

(N, A)
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4 Enthalpy

increase
Mt (gi+e +X(g)

M@ +X(g |3 4y MHg)+X(q)

Migl+ 'L X,Mq) |2

M(sH V2 X, (g_)_} ! 5

AHq
MX(s)

2. The above Born-Haber cycle represents the enthalpy changes in
the formation of an alkali metal halide MX from an alkali metal
(Li. Na, K, Rb. Cs) and a halogen (F,, Cl,. Br, or 1,).

(a) Name the halogen for which the enthalpy change 2 has the
largest value.

(b) Name the alkali metal for which the enthalpy change 3 has
the largest value.

(c) Name the halogen for which the enthalpy change 4 has the
smallest value.

(d) Name the alkali metal halide for which the enthalpy change
5 has the smallest value.

(e) The following is a list of the enthalpy changes for potassium
bromide (m kJ mol ™ 1):

K(s) - K(g) AH = +92
K(g) - K*(g) + ¢7 AH = +418
1Br,(g) — Br(g) AH = +96
Br(g) + e~ - Br(g) AH = -326
K*(g) + Br~(g) » KB(s) AH = —677

Calculate the standard enthalpy of formation. AH? of
potassium bromide.
(JMB. A)

3. Comment on the following:

(a) Despite the thermochemical data contained in the following
equations, sodium metal reacts vigorously and exothermically
with chlorine gas.

Na(s) - Na*(g); AH = 144 kcal.
1Cl,(g) » Cl7(g); AH = —61.8 kcal.
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In view of your comments. discuss why sodium chloride is soluble
in water.

(b) The ionisation energies (expressed in electron volts (eV) of
the elements in the first short period are: Li. 54; Be. 9.3; C.
11.3;N. 14.5;0.13.6; F. 17.4; Ne. 21.6.

(C, A)

4. Comment on the following:

(a) KBr is a stable compound although the process K(g) + Br(g)
— K *(g) + Br(g) is endothermic.

(b) Silver fluoride is the only silver halide that is appreciably
soluble in water.

(c) Nitrogen forms one endothermic chloride NCI; but phos-
phorus reacts with chlorine to give two chlorides PCI; and
PCl,.

(O. Schol.)

5. Give an account of the principles underlying the extraction of
metals from their oxides. illustrating your answer by specific

examples.
(Liverpool B.Sc., Part 1)
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Acids and bases:
oxidation and
reduction

These topics, which are more fully treated in texts on physical
chemistry, require some consideration here, because the terms ‘acid’,
‘base’, ‘oxidation’ and ‘reduction’ are used so widely in inorganic
chemistry.

PROTONIC ACIDS AND BASES

An acid was once defined simply as a substance which produces
hydrogen ions, or protons. However, the simple proton, H™, is
never found under ordinary conditions, and this definition required
amendment. Bronsted and, independently, Lowry, therefore re-
defined an acid as a susbstance able to donate protons to other
molecules or ions, and a base as a substance capable of accepting
such protons. If we consider hydrogen chloride, HC, as an example,
the HC] molecule is essentially covalent, and hydrogen chloride (gas
or liquid) contains no protons. But anhydrous hydrogen chloride
in benzene will react with anhydrous ammonia:

HCI + NH, — NH;ClI~

Here, clearly. a proton is donated to the ammonia, which is the
base. and hydrogen chloride is the acid. In water, the reaction of
hydrogen chloride is essentially

HCI + Hzo i H}O* + Cl_
84
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and clearly here water is a base. but giving a new acid H,O" and a
new base, CI™. The concept of Cl™ as a base may at first seem
strange but in concentrated sulphuric acid the following process
occurs:

H,S0, + CI™ = HCI + HSO;
acid base acid base

Product acids and bases such as those formed in this process are
termed conjugate acids and conjugate bases. Thus, all acid-base
reactions can be written as

HA+ B - BH™ + A~

acid + base = conjugate + conjugate
acid of base of
base B acid HA

and this equation is the prototype for acid-base reactions whether
or not B is a solvent. To quote an example, HCI in ethanol reacts
as follows:

1. HCI + C,H,OH = C,H,OH] + CI~

but in ethanol the reaction is by no means complete, hence the
equilibrium sign. If benzene is the solvent there is virtually no
ionization and no reaction because benzene is a very weak base and
HCl is not a strong enough acid to protonate it significantly. Let us
consider a series of acids in water:

2. HCl + H,0 - H,0" + CI”

3. H,S0, + H,0 - H;0" + HSO,

4. HSO, + H,0 = H;0* + SO}~

5, HNO,; + H,0 - H;0" + NOj

6. CH,CO,H + H,0 =2 H;0" + CH,CO;

Tonisations 2, 3 and 5 are complete ionisations so that in water
HC1 and HNOj; are completely ionised and H,SO, is completely
ionised as a monobasic acid. Since this is so, all these acids in water
really exist as the solvated proton known as the hydrogen ion*, and as
far as their acid properties are concerned they are the same conjugate
acid species (with different conjugate bases). Such acids are termed
strong acids or more correctly strong acids in water. (In ethanol as
solvent, equilibria such as | would be the result for all the acids
quoted above.) lonisations 4 and 6 do not proceed to completion

* H,0" is strictly the oxonium ion: actually, in aqueous solutions of acid this and
other solvated-proton structures exist. but they are conveniently represented as H,O .
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and thus the conjugate acid H;O™ is not completely formed—such
acids are termed weak acids. (Again, more correctly, weak acids in
the solvent specified; HCl is a weak acid in ethanol.) The strength of
an acid is measured by the position of equilibrium. For example, for
a weak acid in water

HA + H,O =H,0" + A~
the equilibrium constant is given by

[H,0"][A"]
[H,0][HA]

However, in dilute solution [H,O] is virtually constant ({H,0] =
55.5 since 1 litre of water contains 1000/18 mol of H,O) and taking
this into the above expression for the equilibrium constant we obtain
a second constant

_[H,07][A]
* = HA]

K, is known as the acid dissociation constant it is a measure of the
strength of an acid in a particular solvent. which should be specified.

Values of K, are small for weak acids and they range very widely
(Table 4.1). It 1s common practice to quote values as the negative
logarithm to the base ten, ie. —log,, K,. since such numbers are
less cumbersome and positive when K, < 1. The symbol for —log,,
is by convention ‘p’, thus —log,, K, becomes pK,. Table 4.1 shows
some typical pK, values.

K mol |71

Table 4.1
SOME pK, VALUES FOR ACIDS IN WATER AT 298 K

Acid K, moll™! pK,
Ethanoic (acetic) 1758 x 1077 4.756
Methanoic (formic) 1.77 x 107* 3.752
Hydrocyanic 79 x 107" 9.1
Hydrofluoric 661 x 1077 318
Hydrogen sulphide* 107" 7.00
Benzenol (phenol) 1.05 x 107" 9.98

* For the reaciton H,S + H,0 = HS™ -~ H,0"

For strong acids, K, values are large and pK, values are negative.
for example pK, for hydrochloric acid is —7.
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THE EFFECT OF THE SOLVENT

If, for a given acid, we wish to increase the acid strength, then we
choose a solvent which has a greater affinity for protons than has
water. If we add ammonia to a solution of hydrogen chloride in
water, the essential equilibrium is

H;0" + NH; = H,0 + NH;

and clearly here ammonia has a stronger affinity for protons than
water—it is a stronger base. Hence if we dissolve an acid which is
weak in water in liquid ammonia, the strength of the acid is increased,
i.e. pK, decreases. Thus methanoic (formic) acid is a weak acid in
water but a strong acid in liquid ammonia.

When we use any substance as a solvent for a protonic acid, the
acidic and basic species produced by dissociation of the solvent
molecules determine the limits of acidity or basicity in that solvent.
Thus, in water, we cannot have any substance or species more
basic than OH~ or more acidic than H;O" ; in liquid ammonia,
the limiting basic entity is NH 3, the acidic is NH;. Many common
inorganic acids, for example HCl, HNO;, H,S0O, are all equally
strong in water because their strengths are ‘levelled’ to that of the
solvent species H;O". Only by putting them into a more acidic
solvent do they become weak acids, with determinate pK, values
which differentiate their strengths. Thus in glacial ethanoic (acetic)
acid as solvent, the order of strength of some common strong acids is

H,SO, > HCI > HNO,

As we shall see later, the limitations imposed by most solvents may
prevent us from being able to utilise the very strong basic character-
istics of some anions. However, at this point it is more useful to
consider other factors affecting the strengths of acids.

THE EFFECT OF STRUCTURE: ACID STRENGTH IN
WATER

Consider first two substances which have very similar molecules,
HF, hydrogen fluoride and HCL hydrogen chloride; the first is a
weak acid in water, the second is a strong acid. To see the reason
consider the enthalpy changes involved when each substance in
water dissociates to form an acid:
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AH® (kJ mol™!)

HF HCl
1. HX(aq) - HX(g) 48 18
2. HXig - Hig + X(g) 566 431
3 Hg-H'(@+e 1318 1318
4. X(g) + e~ = X (g —333 —364
5. H*(g) » H*(aq) —1091 —1091
6. X~(g) » X~ (aq) ~515 —381
7. HX(aq) » H*(aq) + X " (aq) -7 —69

Clearly, the higher enthalpy of solution 1 and bond dissociation
energy 2 of hydrogen fluoride outweigh the greater hydration
enthalpy of F~, 6, and AH3,, for HF, 7 is quite small; this means a
smaller pK, value than for HCI. Clearly, one important factor in
determining acid strength is the strength of the X—H bond; in
many inorganic substances, this 1s in [act an O-- H bond. for example
in water (a weak acid) and in HNO,, H,SO, (strong acids). For
water, the strength of the O-—H bond is decreased (and the acid
strength increased) by co-ordination of the water to a small highly
charged cation. This means that species such as [Al(H,0),]*" are
quite strongly acidic; the relevant equilibria have already been
discussed in some detail.

Many of the inorganic oxoacids are strong (i.e. have negative
pK, values) in aqueous solution. But, as we have seen, use of a
solvent with a lower proton affinity than water (for example pure
ethanoic (acetic) acid makes it possible to differentiate between the
strengths of these acids and measure pK, values. The order of
strength of some typical oxoacids is then found to be (for H,X —
H, X+ H"):

H,COj; carbonic acid OC(OH),
increasing { H;PO, phosphoric(V) acid OP(OH),
strength | H,S0, sulphuric acid 0,5(0OH),

HCIO, chloric(VII) (perchloric) acid O,CIl{OH)

If the formulae of the acids are written as shown on the right, it
becomes apparent that acid strength increases as the number of
oxygen atoms not involved in O—H bonding increases.

THE EFFECT OF STRUCTURE: BASE STRENGTH

A base must be capable of accepting protons; for this, at least one
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lone pair of electrons is a prerequisite, since an electron pair is
needed to attach a proton. In general, base strength (a) decreases as
the number of lone pairs increases, (b) increases as the size of the
base molecule or ion decreases, and (c) increases as the negative
charge on the base increases. As an example of the effect of lone
pairs, consider the sequence NH;, H,O, HF. All are neutral mole-
cules and are of similar size: but the marked decrease of base
strength from NH, to HF occurs as the number of electron pairs
increases from one to three. The effect of size has already been
observed ; both ions F~ and CI~, with four lone pairs each, are
weak bases, but F~ is a stronger base (loses its proton less readily)
than is ClI~ because F~ is smaller. The effect of charge can be
considerable: of the two species H,O and OH 7, the latter is by far
the stronger base, even though it has three lone pairs as against two
in H,O. It we consider O~ (for example, in K,0), with four lone
pairs, but a double negative charge, this is so strongly basic that it
reacts with water thus:

02~ + H,0 - 20H"

As an example of a really strong base, the hydride ion H™ (for
example in NaH) is unique; it has one lone pair, a negative charge
and a very small size. Like O% ™, it is too strong a base to exist in
water:

H™ + H,O0->H,+ OH"~

Since, generally, any base stronger than OH™ will react with
water to produce OH~™ we must use another solvent to ‘observe’
very strong bases. The high base strengths of the hydride ion and
the oxide ion can best be observed in molten salts as solvents*, since
hydrides and ionic oxides are either insoluble in ordinary solvents
or attack them.

For very strong acids, it is usually possible to use a solvent of a
more conventional kind; thus, for example, the acid HBF,, tetra-
fluoroboric acid, is extremely strong, because attachment of the
hydrogen to the tetrafluoroborate group BF, is essentially ionic,
H*BF, and hence dissociation to an acid is very easy. Hence
HBF, behaves as a strong acid in, for example, an organic solvent,
in which it can be used.

* Thus. the strongly basic oxide ion O2" attacks the weakly acidic SiO; in a molten
salt as solvent (p. 187):

Si0, + O = Si0%-
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OTHER CONCEPTS OF ACIDS AND BASES

Liguid ammonia (p. 216). like water. is very slightly dissociated, and
shows a very small electrical conductance:

2NH;=NH; + NHJ
df. 2H,0 =H;0" + OH"

By analogy, ammonium salts should behave as acids in liquid
ammonia, since they produce the cation NH] (the ‘solvo-cation’,
and soluble inorganic amides (for example KNH,, ionic) should act
as bases. This idea is borne out by experiment ; ammonium salts in
liquid ammonia react with certain metals and hydrogen is given off.
The neutralisation of an ionic amide solution by a solution of an
ammonium salt in liquid ammonia can be carried out and followed
by an indicator or by the change in the potential of an electrode,
just like the reaction of sodium hydroxide with hydrochloric acid in
water. The only notable difference is that the salt formed in liquid
ammonia is usually insoluble and therefore precipitates.

Other liquid inorganic compounds show the “auto-dissociation’
characteristic of water and liquid ammonia ; for example, dinitrogen
tetroxide (p. 231), as well as undergoing the more familiar homolytic
dissociation
heat
N,0,—
can also dissociate thus:

N,O, = NO* + NOj

INO,

cool

i.e. a heterolytic dissociation, giving ions, and therefore producing a
slight electrical conductance. By analogy, compounds containing
the ion NO ™ (the nitrosyl cation) should behave as acids and nitrates
as bases in liquid dinitrogen tetroxide. The neutralisation reaction

NOCl  + KNO, —» KCI + N,0,

nitrosyl chloride  potassium  salt  solvent
(acid) nitrate
(base)

does in fact occur in liquid dinitrogen tetroxide. Just as some metals
dissolve in water or alkali to give off hydrogen and yield hydroxides.
metals can dissolve in dinitrogen tetroxide to give off nitrogen
oxide and yield nitrates; this type of reaction has been used to
produce an anhvdrous nitrate of copper(Il) which has unexpected
properties (p. 413).
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Hence, acids can be defined as substances producing cations
characteristic of the solvent (solvo-cations, for example H,O",
NH;, NO™), and bases as substances producing anions character-
istic of the solvent (solvo-anions, for example OH~, NH;, NOjJ).
This concept has been applied to solvents such as liquid sulphur
dioxide, liquid hydrogen chloride and pure sulphuric acid.

We have seen that a base can be defined as combining with a
proton and, therefore, requires at least one lone pair of electrons. A
more general definition of acids and bases, due to G. N. Lewis,
describes a base as any species (atom, ion or molecule) which can
donate an electron pair, and an acid as any species which can
accept an electron pair—more simply, a base is an electron-pair
donor, an acid an electron-pair acceptor. Some examples of Lewis
acids and bases are:

Acid Base ‘Neutralisation’ reaction
AICI, NH, AlICI; + NH; - H;N:AICI,
SO, N(CH;), SO; + N(CH,;); — (CH;);N:SO;
Ag* NH, Ag* + 2NH,; - [Ag(NH,),]*
CO, 0" CO,; + 0 - CO%~

These other concepts of acids and bases are not so easily applied
quantitatively as the Lowry-Brensted concept. Nevertheless they
have proved to be very useful as ways of classifying chemical sub-
stances and—more importantly—these ideas have been a stimulus
to many advances in inorganic chemistry.

REDUCTION-OXIDATION PROCESSES

The term oxidation was originally applied to the formation of a
metal oxide by the direct combination of the metal and oxygen. For
example,

2Mg + O, - 2MgO

The reverse of this process was termed reduction and reagents which
removed oxygen were termed reducing agents. Consider the reactions

L. CuO + H, » Cu + H,0
2. ZnO + C>Zn + CO

In reaction | hydrogen is the reducing agent, as it temoves
oxygen, but we should also note that the hydrogen. in accepting
0xygen, to form water, is itself oxidised. Carbon, in example 2, 1s the
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reducing agent, being itself oxidised by accepting oxygen. Here we
see immediately that both processes, oxidation and reduction, must
occur simultaneously.

Reduction was then defined as the removal of oxygen or the
addition of hydrogen, whilst oxidation was the addition of oxygen
or the removal of hydrogen.

These definitions are still valuable, especially in organic chemistry ;
for inorganic reactions they require extension. It was soon recognised
that substances other than oxygen can behave as oxidising agents.
The conversion of aqueous sulphur dioxide solution to sulphuric
acid, for example, can be accomplished using mercury(II) oxide or
chlorine water, the equations being most simply represented as

I SO, + H,0 + HgO —» H,50, + Hg
2, SO, + 2H,0 + Cl; -» H,50, + 2HCI

and the oxidation being from sulphur(IV) to sulphur(VI). It follows
that the reaction simply represented as

2FeCl, + Cl, — 2FeCl,

can be described as an oxidation of iron(Il) to iron(III). Since like
many other inorganic compounds the iron(II) and iron(IIT) chlorides
form ions in solution, this oxidation could be represented by the
ionic equation

Fe’*(aq) —» Fe’*(aq) + e~

Thus an oxidising agent is identified as an electron acceptor and the
oxidation of iron(Il} by chiorine can be written as two ‘half’ equa-
tions, viz.

1. 2Fe**(aq) — 2Fe®*(aq) + 2e~
5 Cl, + 2¢™ - 2CI°
' 2Fe**(aq) + Cl, - 2Fe**(aq) + 2C1~
Reduction can now be defined as a process in which electrons are
acquired and oxidation a process in which electrons are released.

These definitions are often difficult to remember and the following
simplification may be helpful:

X3t X2 X s X0 X X2

reduction

Thus, the reducing agent causes reduction to take place, i.e. causes
a reduction in the positive charge ; it must therefore supply electrons.
1t follows immediately that the oxidising agent must accept electrons.
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ELECTRON TRANSFER

Using the electron transfer definition, many more reactions can be
identified as redox (reduction-oxidation) reactions. An example is
the displacement of a metal from its salt by a more reactive metal.
Consider the reaction between zinc and a solution of copper(Il)
sulphate, which can be represented by the equation

CuSO, + Zn - ZnSO, + Cu
This can be written as two simple ionic ‘half” equations

1. Cu?*(aq) + 2¢~ — Culs)
2. Zn(s) —» Zn?* (aq) + 2e”
Cu?*(aq) + Zn(s) - Zn?*(aq) + Cu(s)

In raction 1 the copper ions are being reduced; zinc is responsible
and is therefore the reducing agent. In reaction 2, which occurs
simultaneously, the zinc is being oxidised and the copper(il) ions are
responsible and must therefore be the oxidising agent. Electron
transfer in this case can easily be established using the apparatus
shown in Figure 4.1. When M is a valve voltmeter taking no current

N\
W
Zinc Copper
Salt bridge J

Zinc (0) sulphate Copper(I) sulphate
solution solution

Figure 4.1. Apparatus to show electron transfer between copper and zinc

it gives an indication of the differing energy of the two systems
(p.97); when M is an ammeter, electron flow is from the zinc (the
negative), which is being oxidised, to the copper (the positive) and
hence to the copper(I) ions, which are being discharged and
therefore reduced. The salt bridge is filled with an electrolyte,
usually potassium chloride solution, to complete the circuit. This
cell is more commonly encountered as the Daniell cell in the form
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Voltmeter

Zinc rod
Copper / M
Porous pot

r

—ZinC sulphate
- qsolution

= Coppe r (0) sul

phate solutio

Fiqure 4.2. The Daniell cell. an example of an electrochemical cell

shown diagrammatically in Figure 4.2. A series of experiments using
different metals and their salts enables an approximate order of
reducing power, or of reactivity, to be established for metals-—this
is known as the reactivity or electrochemical series.

Electron transfer can be established experimentally in reactions
involving only ions in solution. Inert electrodes, made from platinum.,
are used to transfer electrons to and from the ions. The apparatus
used is shown in Figure 4.3. the redox reaction being considered

Platinum electrode

Fé '(aq) Br, (aq)

Figure 43 Apparatus to show electron transfer betsween ions and solution
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can be represented as
2Fe?*(aq) + Bry(aq) —» 2Fe’*(aq) + 2Br~(aq)

When M is a voltmeter an indication of the energy difference
between the reactants and products is obtained (see below). A
current passes when M is an ammeter, and if a little potassium
thiocyanate is added to the Fe®*(aq) a red colour is produced
around the electrode, indicating the formation of iron(I1Il) ions in
solution; the typical bromine colour is slowly discharged as it is
converted to colourless bromide Br~.

A series of experiments can be performed and an order of re-
ducing power established.

STOICHIOMETRY OF REDOX REACTIONS

Since electrical neutrality must be maintained in a redox reaction,
the total number of electrons lost by the reducing agent must equal
the total number of electrons gained by the oxidising agent. For
example, if each atom of the reducing agent gives three electrons,
and each atom of the oxidising agent accepts two electrons, i.e.

(i) A A% 4 3e”

(ii) B + 2¢” —» B%~
then the stoichiometry is (i) x 2, and (i) x 3 so that electrical
neutrality is maintained, i.e. 2A + 3B — 2A°* 4 3B?".

We have discussed the simple ionic reaction

2Fe?*(aq) + Bry(aq) — 2Fe®*(aq) + 2Br (aq)

but when complex ions are involved the use of oxidation states
proves useful. The oxidation state for a simple ion is the charge on
the ion; for the central atom of a complex ion it is the charge the
element in question would have if it was a simple ion, ie. not co-
ordinated or bonded to other species. Oxidation states can be
deduced from the following assumptions :

Element Oxidation state
Alkali metals, Group I +1
Alkaline earth metals, Group 1T +2
Oxygen —2 (except in peroxides)
Hydrogen + 1 (except in metal hydrides)

Uncombined elements are all given zero oxidation state. Consider
(@) manganese in the permanganate ion, MnO, : there are four
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oxvgens. each —2. total —8; overall charge on ion = —1. hence
the oxidation state of Mn = x 7, ie. manganate(V1l) ion. (b)
Chlorine in the chlorate ions, CIO; —there are three oxygens, each
—2, total —6; overall charge on 1on = —1, hence the oxidation
state of Cl = +5 and the ion is a chlorate(V) ion. Chromium in
the dichromate ion Cr,O2”: there are seven oxygens each —2,
total = —14; overall charge on ion = —2, hence chromium atoms
share 12 formal positive charges and so the oxidation state of
chromium is + 6. and the ion is dichromate(VI).

Oxidation states can be used to establish the stoichiometry for an
equation. Consider the reaction between the manganate(V1l) (per-
manganate) and ethanedioate (oxalate) ions in acidic solution.
Under these conditions the MnO/ (aq) ion acts as an oxidising
agent and it is reduced to Mn?*" (aq), i.c.

MnY" 4+ 5S¢ — Mn?*

The full half equation is
(i MnOj;(aq) + 8H;0" + 5¢~ —» Mn?*(aq) + 12H,0

The ethanedioate (oxalate) ion C,02 (aq) is oxidised to carbon
dioxide, i.e.

(ii) C,0%"(ag) = 2CO, + 2¢~

To maintain electrical neutrality in the reaction we need to multiply
() by 2 and (ii) by 5. ten electrons being transferred. The overall
reaction then becomes

2MnO; (ag) + 16H,0* + 10e” — 2Mn2*(aq) + 24H,0
5C,0%"(aq) — 10CO, + 10e”

2MnO; (aq) + 16H,0* + 5C,02" — 2Mn?*(aq)
+ 24H,0 + 10CO,

Consider also the oxidation of iron(Il) ions by dichromate(VI)
ions in acidic solution. The Cr, 0%~ is reduced to Cr’*(aq)

Cr,027(ag) + 6e~ — 2Cr**(aq)
The full half equation is
(i) Cr,02 (ag) + 6~ + 14H,0" - 2Cr**(aq) + 21H,0
The Fe?*(aq) is oxidised to Fe’~(aq), i.e.

(ii) Fe?*(aq) » Fe**(aq) + e~
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Thus the equation for the reaction is:

Cr,037(aq) + 6Fe**(aq) + 14H;0* — 2Cr’*(aq) + 6Fe**(aq)
+ 21H,0

STANDARD REDOX POTENTIALS

When the reaction between zinc and copper(Il) sulphate was carried
out in the form of an electrochemical cell (p. 94), a potential differ-
ence between the copper and zinc electrodes was noted. This
potential resulted from the differing tendencies of the two metals to
form ions. An equilibrium is established when any metal is placed
in a solution of its ions.

The enthalpy changes AH involved in this equilibrium are (a) the
heat of atomisation of the metal, (b) the ionisation energy of the
metal and (c) the hydration enthalpy of the metal ion (Chapter 3).

For copper and zinc, these quantities have the values (kJ mol ™ !):

Heat of Sum of 1st and 2nd Hydration

atomisation ionisation energies enthalpy AH
Cu 339 2703 -2100 +942
Zn 126 2640 —2046 +720

For the equilibrium M(s) = M?*(aq) + 2e”, it might then be
(correctly) assumed that the equilibrium for copper is further to the
left than for zinc, ie. copper has less tendency to form ions in
solution than has zinc. The position of equilibrium (which depends
also on temperature and concentration) is related to the relative
reducing powers of the metals when two different metals in solutions
of their ions are connected (as shown in Figure 4.1 for the copper-
zinc cell); a potential difference is noted because of the differing
equilibrium positions.

Since it is not possible to measure a single electrode potential, one
electrode system must be taken as a standard and all others measured
relative to it. By international agreement the hydrogen electrode has
been chosen as the reference:

H,(g) = 2H*(aq) + 2e¢”

This electrode, shown diagrammatically in Figure 4.4, is assigned
zero potential when hydrogen gas at one atmosphere bubbles over
Platinised platinum in a solution of hydrogen ions of concentration
I mol 1! (strictly, at unit activity).
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Figure 4.4. The hydrogen electrode

Standard redox potentials for metals (usually called electrode
potentials), E®, are measured at 298 K relative to a standard
hydrogen electrode for the pure metal in a solution containing
I'moll™! of its ions and at pH = 0 (ie. containing 1moll™!
hydrogen ions). (The importance of pH is stressed later, p. 101.) If
the metal is a better reducing agent than hydrogen the metal will

Table 4.2
STANDARD REDOX POTENTIALS OF SOME COMMON METALS

Reaction E=(V)
Li*(aq) + ¢ — Li(s) —3.04
K*(ag) + e~ — K(s) 292
Bal*(aq) + 2¢~ — Bal(s) -290
Ca’*(ag) + 2¢~ - Cals) -287
Na™(ag) + ¢~ — Na(s) —271
Mg?*(aq) + 2¢~ — Mgls) -237
Al**(aq) + 3¢~ — Alfs) —1.66
Zn?*(aq) + e~ — Zn(s) -0.76
Fe?*(aq) + 2¢™ — Fe(s) Increasing  —0.44
Ni?*(aq) + 2¢~ - Nifs) reducing -0.25
Sn*(aq) + 2¢e~ — Sn(s) power -0.14
Pb2*(aq) + 2¢~ — Pb(s) —0.13
Fe3*(aq) + 3¢~ — Fels) —0.04
H,0" + ¢ — 1H,(g + H,O) 0.00
Cu~*(aq) + 2¢~ — Cu(s) +0.34
Ag'(aq) + ¢~ — Ag(s) +0.80
Hg?*(aqg) + 2¢~ — Hgls) +0.86
AudT(ag) + 3¢ — Au(s) +1.50
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lose electrons more readily than hydrogen and, therefore, be negative
with respect to the hydrogen electrode. Table 4.2 gives the standard
redox potentials of some common metals. By convention the
oxidised state is always written on the left-hand side.

Redox half-reactions are often written for brevity as, for example,
Li* + ¢~ — Li. with the state symbols omitted. The electrode
system represented by the half-reaction may also be written as
Li*/Li. The standard redox potentials for ion—ion redox systems
can be determined by setting up the relevant half-cell and measuring
the potential at 298 K relative to a standard hydrogen electrode.
For example, the standard redox potential for the half-reactions

Fe*"(agq) + ¢ — FeZ*(aq)
q

can be determined by measuring the potential of a half-cell, made
1 molar with respect to both iron(II) and iron(I1I) ions, and in which
a platinised platinum electrode is placed, relative to a standard
hydrogen electrode at 298 K.

21— Saturated KCL
solution

fg‘ " Mercury

: Hole
\\Gloss sleeve
Ring

chloride

Figure 4.5

_ For many purposes the hydrogen electrode is not convenient and
1t can be replaced by another cell of known standard electrode
Potential. A well-known example is the calomel cell shown in
Figure 4.5.

A number of redox potentials for ion-ion systems are given in
Table 4.3 ; here again, state symbols are often omitted.
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Table 4.3

REDOX POTENTIALS FOR ION—ION SYSTEMS (ACID SOLUTIONS)
E (V)
Sn**(aq) + 2¢~ - Sn?*(aq) +0.15
Hy(s) + ¢ »17(aq) +0.54
Fe**(aq) + ¢ — Fe?*(aq) +0.76
Increasing | 4Bry(l) + ¢~ — Br (aq) Increasing +1.07
oxidising 105 (aq) + 6H;0* + Se™ - 4l,(s) + 9H,0 reducing +1.19
power O,(g) + 4H3 0 + 4¢~ - 6H,0 power +1.23

Cr,0%"(aq) + 18H,0* + 66 — 2Cr3*(aq)
+21H,0 +133
1Cly(g) + e~ — Cl (aq) +1.36
MnOj (aq) + 8H;0" + 5S¢~ - M?*(aq)

+12H,0 e
Fie+e -F (g +2380

THE EFFECT OF CONCENTRATION AND
TEMPERATURE ON POTENTIALS

Changes in ion concentration and temperature influence redox
potentials by affecting the equilibrium

M(s) == M"*(aq) + ne”

The change in the redox potential is given quantitatively by the
Nernst equation:

RT
E =E*® + ;'-F'j loge [(M"+(aq_)]

where E is the actual electrode potential, E€ is the standard electrode
potential, R the gas constant, Tthe temperature in K, F the Faraday
constant and n the number of electrons.

Substituting for R and F and for a temperature of 298 K this
equation approximates to:

0.06
E=E® + —n— loglo [M"*(aq)]

The redox (electrode) potential for ion—ion redox systems at any
concentration and temperature is given by the Nernst equation in
the form

RT Oxidised state
E=E®+ byt
* nF log. [Reduced state:l
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(Note that the equation for metal-metal ion systems is a special case
of this general equation since the reduced state is the metal itself
and the concentration of a solid is a constant and omitted from the
equation.)

THE EFFECT OF CHANGE OF LIGAND AND pH ON
REDOX POTENTIALS

The data in Tables 4. 2and 4.3 refer to ions in aqueous acid solution ;
for cations, this means effectively [ M(H,0),]"" species. However,
we have already seen that the hydrated cations of elements such as
aluminium or iron undergo ‘hydrolysis’ when the pH is increased
{(p. 46). We may then assume (correctly), that the redox potential
of the system

Fe’*(aq) + ¢~ — Fe?'(aq)

will change with change of pH. In fact, in this example, change of pH
here means a change of ligand since, as the solution becomes more
alkaline, the iron(IIT) species in solution changes from [Fe(H,0)¢]**
to [Fe(OH)5(H,0);] (i.e. iron(II]) hydroxide). The iron(I) species
changes similarly. The redox half-reaction then becomes

[Fe(OH);(H,0);] + e~ — [Fe(OH),(H,0),] + OH™

for which E€is — 0.56 V. compared with E® = + 0.76 V in acid
solution; thus in alkaline conditions, iron(ll) becomes a good
reducing agent, i.e. is easily oxidised.

When the water ligands around a cation are replaced by other
ligands which are more strongly attached, the redox potential can
change dramatically, for example for the cobalt(I)-cobalt(11I)
system we have

() [Co™(H,0)]** + ¢ - [Co"(H,0),]*" :E® = + 181V
(i) [Co™(NH,)¢]’*(aq) + e~ » [Co"(NH,)¢]**(aq):E® = +0.1V

(iii) [Co"™(CN),]*~(aq) + e~ — [Co"(CN)(H,0)]* (ag) + CN~:
E<= — 083V

Half-reaction (i) means that Co(Il) in aqueous solution cannot be
pxidised to Co(II); by adding ammonia to obtain the complexes
In (i), oxidation is readily achieved by. for example, air. Similarly, by
adding cyanide. the hexacyanocobaltate(Il) complex becomes a
sufficiently strong reducing agent to produce hydrogen from water!
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When either hydrogen ions or hydroxide ions participate in a
redox half-reaction. then clearly the redox potential is affected by
change of pH. Manganate(VII) ions are usually used in well-
acidified solution, where (as we shall see in detail later) they oxidise
chlorine ions. If the pH is increased to make the solution only
mildly acidic (pH = 3-6), the redox potential changes from 1.52 V
to about 1.1 V., and chloride is not oxidised. This fact is of practical
use ; in a mixture of iodide and chloride ions in mildly acid solution.
manganate(VII) oxidises only iodide: addition of acid causes
oxidation of chloride to proceed.

Other important effects of ligand and pH changes on redox
potentials will be given under the appropriate element.

USES OF REDOX POTENTIALS

Reaction feasibility predictions

When the em.f. of a cell is measured by balancing it against an
external voltage, so that no current flows, the maximum e.m.f. is
obtained since the cell is at equilibrium. The maximum work
obtainable from the cell is then nFE J, where n is the number of
electrons transferred, F is the Faraday unit and E is the maximum
cell em.f. We saw in Chapter 3 that the maximum amount of work
obtainable from a reaction is given by the free energy change, i.e.
— AG. Hence

—AG = nFE

or
AG = — nFE

For a half-cell under standard conditions this becomes
AG® = — nFE®

where AG® and E® are the free energy and redox potential under
standard conditions. In Chapter 3 we also noted that for a reaction
to be energetically feasible the total free energy must fall. ie. AG
must be negative. An increase in free energy indicates that the
reaction cannot proceed under the stated conditions. The relation-
ship AG = —nFE can now be used to determine reaction feasi-
bility. Let us consider first the oxidation of iron(Il) to iron(III) by
bromine in aqueous solution, i.e.

2Fe?” (aq) + Br,(aq) —» 2Fe’ " (aq) + 2Br~(aq)
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We can determine the energetic feasibility for this reaction from the
two half-reactions:

Reaction ET(V) AG® = —nFE~
Fe**(aq) + e~ — Fe?*(aq) +0.76 —1 x 96487 x (+0.76)
Fe® (aq) — Fe**(aq) + ¢~ -0.76 —1 x 96487 x (—0.76)
- () 2Fe?*(aq) —» 2Fe*"(aq) + e~ —-0.76 —2 x 96487 x (—0.76)
AGT = +146.7K)
iBr,(ag) + ¢~ — Br(aq) +1.07 —1 x 96487 x (+1.07)
*, (i) Bry(aq) + 2¢” - 2Br (aq) 1.07 -2 x 96487 x (+1.07)
AGT, = —206.5kJ

Hence (i) and (i) give
2Fe?*(aq) + Br,(aq) — 2Fe’* (aq) + 2Br (aq)

AG = AGg, + G,
= + 146.7 + ( — 206.9)
= —598k]

Thus the reaction is energetically feasible and does indeed take
place. It is interesting at this point to investigate the reasons why
iron(II) ions in aqueous solutions are quantitatively estimated by
titration using potassium manganate(VII) (permanganate) when
chloride ions are absent but by potassium dichromate(VI) when
chloride ions are present. The data for the oxidation of chloride ions
to chioride by (a) manganate(VII) and (b) dichromate(VT) ions under
standard conditions are given below :

(a) 2MnO; (aq) + 10Cl™ (aq) + 16H,0"
— 2Mn?* (aq) + 24H,0 + 5ClL,(g)

Reaction ET(V) AGT = —nFE
MnO; (uq)+ Se” + 8H,07 +1.52 —5 x 96487 x (+1.52)
— Mn?"(aq) + 12H,0
(i) 2MnO (aq) + 10e” + 16H,0" +1.52 AGL = — 10 x 96 487
— 2Mn?"(aq) + 24H,0 X (+1.52) = —1467kJ
iCliag) + ¢ — Cl (aqg) +1.36
Cl™(ag) — {Cly(aq) + ¢~ ~1.36 —1 x 96487 x (—1.36)
(ii) 10C1™(ag) — 5Clyaq) + 10~ 136 AGZ, = 10 x 96487

x {—-136) = +1312kJ

Hence (i) and (il give
2MnOyj (aq) + 10CI (aq) + 16H,0" —
2Mn?*t{aq) + 24H,0 + 5Cl,(aq)
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lor which AG = AGT + AGE,
{ — 1467) + ( + 1312
= —155k]
Thus chloride ions are oxidised to chlorine by manganate(VI1) under
standard conditions

(b) Cr,02 (aq) + 6Cl {aq) + 14H;0™ — 2Cr’" (aq)
+ 21H,0 + 3Cl,(aq)

i

Reaction Loy AGT - —nke
W) Cr0f g + 66 + [4H,0°  + 133 AGS = —6 x 96487 x (+1.33)
= 2Cr* iaq) + 21H,0 = —769k)
Cliaq) + ¢ = Cl7ag) +1.36
Clag) - JClhtagy + ¢ —1.36 —1 x 96 487 x (—1.36)
(i) 6C1 (aqg) — 3Cl.aq) + 6e —1.36  AGT, = -6 x 96487 x (—1.36)
= + 787Kl

Hence (1) and (ii) give

Cr,0% (aq) + 6Cl" (aq) + 14H;0™ —
2Cr?* " (aq) + 21H,0 + 3Cl,(aq)

for which AG = AGS, + AGZ,

(—769) + ( + 787)
+ 18kJ

Thus under standard conditions chloride ions are not oxidised to
chlorine by dichromate(VI) ions. However. it is necessary to empha-
sise that changes in the concentration of the dichromate(VI) and
chloride ions alters their redox potentials as indicated by the Nernst
equation. Hence, when concentrated hydrochloric acid is added to
solid potassium dichromate and the mixture warmed. chlorine is
liberated.

]

I

Equilibrium constants from electrode potentials

We have seen that the energetic feasibility of a reaction can be
deduced from redox potential data. It is also possible to deduce the
theoretical equilibrium position for a reaction. In Chapter 3 we saw
that when AG = 0 the system is at equilibrium. Since AG = — nFE.
this means that the potential of the cell must be zero. Consider once
again the reaction

Cu?*(aq) + Zn(s) — Cu(s) + Zn?" (aq)
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At equilibrium at 298 K the electrode potential of the half-reaction
for copper. given approximately by

0.06
Ec, = E§, + 5 log,o [Cu**(aqg)]

must equal the electrode potential for the half-reaction for zinc, given
approximately by

0.06
Ez. = E7, + ——log, [Zn* " (aq)]
Thus,

0.06 0.06
EZ. + S log,o[Zn*7 (aq)] = EG, + —, -~ logo [Cu**(ag)]

Hence,
2
log,o[Zn** (aq)] — log,o[Cu?*(aq)] = (E§, — EZ) x 506
Substituting for EE, = + 0.34, and EZ, = — 0.76 we have:
[Zn*"(ag)] 2
34— (=076 —
0810 [0y 2T (agy] L T 0347 (7076 x G
_ 110 x 2
= 367
0.06 =3

Hence
[Zn2+ aq)] 103647

[Cu’*(aq]
This is in fact the equilibrium constant for the reaction
Cu?*(aq) + Zn(s) —» Cu(s) + Zn?*(aq)

and its high value indicates that the reaction goes effectively to
completion.

Similar calculations enable the equilibrium constants for other
reactions to be calculated.

Potentiometric titrations
The problem in any quantitative volumetric analysis for ions in

solution is to determine accurately the equivalence point. This is
often found by using an indicator, but in redox reactions it can often
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be more satisfactorily found by potential measurements of a cell
incorporating the redox reaction.

Consider the estimation of iron(Il) ions by cerium(IV) ions in
aqueous solution :

“(aq) + Ce**(aq) — Ce**(aq) + Fe’"(aq)

The electrode potential for the iron(ID-iron(IIl) system is given by

— Ex—' _+_ B_*l g [Fe3+_iafl;)]
[Fe’*(aqg)]
and for the cerium(IV)—cerium(III) system by
[Ce*"(aq)]
E, = Es + — 1 ==
’ +3 °8 [Ce**(aq)]

Experimentally, the aqueous iron(II) is titrated with cerium(IV)
in aqueous solution in a burette. The arrangement is shown in
Figure 4.6 ; the platinum indicator electrode changes its potential
(with reference to a calomel half-cell as standard) as the solution is
titrated. Figure 4.7 shows the graph of the cell e.m.f. against added
cerium(IV). At the equivalence point the amount of the added
Ce*"(aq) is equal to the original amount of Fe“(aq); hence the
amounts of Ce**(aq) and Fe®*(aq) are also equal. Under these
conditions the potential of the electrode in the mixtureis (ET + E¥)/2 ;
this. the equivalence point. occurs at the point indicated.

Potentiometric methods can be used for the study of a large

Ce (W) solution_—
in burette
_-Colomel standard
electrode
Fe(@)solution Platinum indicator
being htrated electrode

Stirrer

Figrire .60 Apparaiis for potenttometric iralion
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Figure 4.7. Potentiometrric titration of Fe{lly with Ce(1V)

number of redox reactions; quantitatively they have several ad-
vantages over ordinary indicator methods.

Thus, for example, an analysis using coloured solutions can be
carried out, where an indicator cannot be used. Moreover, it is not
easy to find a redox indicator which will change colour at the right
point. Potentiometric methods can fairly readily be made automatic.

TESTS FOR REDUCING AND OXIDISING AGENTS

The redox properties of all reagents are relative and a given reagent
may be both a reducing and an oxidising agent depending upon the
reaction in which it is involved. Thus, for example, sulphur dioxide
in aqueous solution is an oxidising agent with respect to hydrogen
sulphide, but a reducing agent with respect to acidified potassium
dichromate(VI) solution. Similarly hydrogen peroxide in acidic
solution is an oxidising agent relative to iron(Il) ions but a reducing
agent relative to manganate(VII) ions in aqueous solution. How-
ever, it is convenient to establish approximate ‘reference points’ for
laboratory reagents, which can then be loosely classified as follows:

Reagents are reducing if they :

1. Decolorise a solution of potassium manganate(VII) acidified
with dilute sulphuric acid.

2. Turn a solution of potassium dichromate(VI) acidified with dilute
sulphuric acid from orange to green.
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3. Change a solution of iron(111) in aqueous solution to iron(Il).
Reagents are oxidising if they:

1. Liberate iodine from a potassium iodide solution acidified with
dilute sulphuric acid.
2. Convert iron(1I) to iron(111) in aqueous acid solution.

QUESTIONS

1. (a) The following are standard redox potentials in volts in 1 N
acid solution for the reactions

M™* 4 xe” -» M " (symbolised as M"* /M~ *1*),
where, for example, the process
Na* + ¢~ - Na (symbolised as Na*/Na)
is defined as having a large negative potential:
Cr2*/Cr = 09V, Mn2"/Mn - 12V,
Cr’*/Cr’* — 04V, Mn3*/Mn?* + 15V,
Fe?*/Fe — 04V,
Fe3*/Fe?* 4+ 08 V.
Use these data to comment upon:

(i) thestability in acid solution of Fe** towards reducing agents
as compared to that of either Cr>* or Mn>*;

(ii) the ease with which metallic iron can be oxidised to iron(II)
(ferrous) ions compared to the similar process for either
metallic chromium or metallic manganese ;

(iii) theresult of treatinga solution containing either chromium(II)
(chromous) or manganese(Il) {(manganous) ions with a
solution containing iron{IT}) (ferric) ions.

(b) The following equations represent four chemical reactions
involving redox processes:

(i) 3N,H, + 2BrO; - 3N, + 2Br~ + 6H,0.

(i) 5As,0, + 4MnOj + 12H* - 5As,05 + 4Mn?* + 6H,0.
(iii) SO, + 1, + 2H,0 — H,SO, + 2HL,

(iv) VO3~ + Fe?* 4+ 6H* — VO?* + Fe’* + 3H,0
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Idenufy the oxidising agent and the reducing agent in each
reaction and write “half-equations’ showing the donation or
acceptance of electrons by each of these eight reagents.

(C.3S)

2. Discuss (a) the acidity and (b) the substitution reactions of
metal hexa-aquo cations. [M(H,0)¢]"* (where n = 2 or 3),
giving two examples of each type of reaction. Discuss the effect
upon the stabilities of the + 2 and + 3 oxidation states of

(1) increasing the pH in iron chemistry, and
(i) complex formation (with ligands other than water) in
cobalt chemistry.
(JMB. A)

3. Liquid ammonia, which boils at 240 K, is an ionising solvent.
Salts are less ionised in liquid ammonia than they are in water
but, owing to the lower viscosity, the movement of ions
through liquid ammonia is much more rapid for a given
potential gradient. The ionisation of liquid ammonia

2NH, = NH; + NH;

is very slight. The ionic product [NH}][NH;] = 10728
mol® dm™® at the boiling point. Definitions of an acid and a
base similar to those used for aqueous solvents can be used for
solutes in liquid ammonia. This question is mainly about
acid-base reactions in liquid ammonia as solvent.

(a) Write the formula of the solvated proton in the ammonia
system.
(b) In the ammonia system state, what are the bases correspond-
ing to each of the following species in the water system?
(i) H,0, (i)y OH ", (iii) O*".
(c) Write equations for the reactions in liquid ammonia of :
() sodium to give a base and hydrogen,
(ii) the neutralisation reaction corresponding to:

HCl(aq) + NaOH(aq) — NaCl(aq) + H,0(1)

(d) What would the concentration be of NH; (in mol dm™?)
in a solution of liquid ammonia containing 0.01 mol dm™?
of ammonium ions?

(e) The dissociation constant of ethanoic (acetic) acid in liquid
ammonia is greater than it is in water. Suggest a reason for
the difference.

(N. A)
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4. {a) Outline the principles of the method you would use to
measure the standard redox potential for the reaction

MnO; + 8H* + 5¢~ —» Mn?" + 4H,0

(b) Thestandard redox potentials for Ce**/Ce* " (Ce = cerium)
and Fe** /Fe?* are + 1.610V and + 0.771 V respectively.
Deduce the direction of the reaction

Ce* 4 Fe?* = Ce*™ + Fe?”

and outline an experiment you could use to find the end
point when the reaction is carried out as a titration. (N.B.
Both Ce*" and Fe3™ ions are yellow in aqueous solution.)

(c) What explanation can you offer for the fact that the

standard electrode potentials of copper and zinc are

+ 0.34 V and — 0.76 V respectively, although the sums of

the first two ionisation energies for both metals are approxi-
mately 2640kJ mol ! (640 kcal mol ™ ')?

(C,A)

5. The following redox potentials are given for the oxidation of
manganese(Il) to manganese(I1]) in acid and alkaline solution.

Acid
Mn3* + e = Mn?* + 151V
O, + 4H* + 4¢ =2H,0 + 123V
Alkaline
Mn(OH); + ¢ = Mn(OH), + OH™ - 040V
O, + 2H,0 + 4¢ =40H" + 040V

(a) Would manganese(1I) be oxidised to manganese(111) by
atmospheric oxygen under
(1) acid
(i1) alkaline, conditions?
(b) What would you expect to happen if anhydrous MnF,
were dissolved in water?
(N, Phys. Sci., Part )

6. Discuss the factors which influence the redox potential of a
half-reaction, illustrating your answer by as many examples as
possible.

{Liverpool B.Sc., Part 1)
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Hydrogen

One of the most readily observed reactions in chemistry is the
familiar production of bubbles of a colourless gas when certain
metals (for example, iron, zinc) react with dilute acids. Cavendish
investigated these reactions rather more than 200 years ago, and
found the gas evolved to be the same in each case; the gas, later
named hydrogen, was much lighter than air and when burned in air
produced water.

Hydrogen in the combined state, mainly as water, hydrocarbons
and other organic compounds. constitutes about 11 of the earth’s
crust by weight*. Hydrogen gas is not very reactive; it reacts
spontaneously with very electropositive elements (some of the
metals of Groups I and II) and with the very electronegative element
fluorine ; with other elements, reactions usually require a catalyst—
heat or light—and even then may be incomplete. If hydrogen gas
is passed through a solution containing a strongly oxidising ion.
for example manganate(VII) (permanganate)MnQO, or iron(Il).
Fe;,;) reduction does not take place unless a catalyst is present, and
even then it is often slow and incomplete, despite the fact that for
the redox system H;O% + ¢~ — $H,(g) + H,O, E® =0V, ie.
hydrogen is a mild reducing agent. This absence of reactivity does
not usually arise because the hydrogen molecule is energetically
stable. but rather because it is kinetically stable (p. 64): almost any
process in which the hydrogen molecule is to participate must
involve the breaking of the H—H bond, which is relatively strong
(p. 72). This kinetic stability can be removed by a catalyst (for
example heat, light, a metal surface) which breaks up the hydrogen

* Large-scale methods of producing hydrogen are considered in a later chapter
p.180).

111



112 HYDROGEN

molecule and allows reaction to proceed. The reactions of hydrogen
will now be examined in more detail.

REACTIONS WITH ELECTROPOSITIVE METALS

These give ionic or salt-like hydrides, for example
2Na + H, - 2NaH

These solid ionic hydrides (having an ionic lattice and containing
the hydride ion H ™) react with water, for example

CaH, + 2H,0 - Ca(OH), + 2H,
1.€.
H™ + H,O->OH™ + H,

We can see that the hydride ion H™ functions as a very strong base
(p. 89) withdrawing a proton from the water molecule and uniting
with it to give H,, i.e. H™ + H™ — H,, a highly exothermic process.
It follows that we cannot use these ionic hydrides in aqueous
solutions; however. some of them (notably lithium hydride. LiH)
can be used in suspension in organic solvents as reducing agents,
and others can be converted to complex hydrides which can be used
in solution (see below).

The existence of the hydride ion is shown by electrolysis of the
fused salt when hydrogen is evolved at the anode. If calcium hydride
is dissolved in another fused salt as solvent, the amount of hydrogen
evolved at the anode on electrolysis is 1g for each Faraday of
current (mole of electrons) passed, as required by the laws of
electrolysis.

REACTIONS WITH TRANSITION METALS

Most of these metals only react with hydrogen on heating; the first
stage of reaction is the taking of hydrogen on to the metal surface,
whereby the hydrogen molecules become attached as hydrogen
atoms—a process known as chemisorption, With some metals
reaction can proceed further, and hydrogen atoms penetrate into
the metal lattice and occupy positions between the metal atoms—
interstitial positions, as shown in Figure 5.1.

1f all these ‘holes’ were filled. the hydrogen-metal ratio would be
a definite and fixed number; in practice, this rarely happens, and
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these metal hydrides or interstitial hydrides may have variable
composition (for example TiH, ;). depending on the uptake of
hydrogen, ie. they are non-stoichiometric. One further property in
particular distinguishes these metal hydrides from the ionic hydrides;
in the latter, uptake of hydrogen is not only quantitative but causes
a contraction, ie. the centres of the metal atoms (which become

Figure 5.1. Interstitial positions between layers of metal atoms

cations) move closer together—the metal lattice is, as it were, drawn
together. In the metal hydrides, there is no such contraction, and,
indeed, the metal atoms may move apart slightly. Hence formation
of an ionic hydride leads to an increase in density, but formation of
a metal hydride causes a decrease in density.

REACTIONS WITH NON-METALS AND WEAKLY
ELECTROPOSITIVE METALS

Most of the elements of Groups 111 to V1I form hydrides which are
essentially covalent. Some examples are Group 1V, methane CH,;
Group V, phosphine PH;; Group VI hydrogen sulphide H,S;
Group VII, hydrogen chloride, HCl. There are several points to
notice about these covalent hydrides. First, they are nearly all
volatile liquids or gases; but the simple hydrides NH;. H,O and HF,
formed from the head elements of Groups V-VI1I, show hydrogen
bonding characteristics which make them less volatile than we
should expect from the small size of their molecules (p. 52).
Secondly, the ability to form more than one hydride falls off as
we go across a period. Thus, in Period 1. boron and carbon both
form whole families of hydrides. nitrogen forms three (ammonia.
NH,; hydrazine. N,H,; hydrazoic acid. N;H). oxygen two (H,O.
H,0,) and fluorine one (HF). Again. as we descend a group. the
energetic stability of the hydrides decreases—indeed. many hydrides
are endothermic. and need indirect methods to supply the necessary
energy for their preparation. In Group IV, methane is exothermic,
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the others are endothermic and plumbane PbH,. the last hydride in
the group. is almost too unstable to exist at all. (We shall note some
of the methods needed to prepare these less stable hydrides in later
chapters.) Since the stability of the typical hydride (i.. that in which
the element shows its group valency) falls off. it is hardly surprising
to find that the lower elements in a group do not form families of
hydrides (for example. in Group IV carbon and silicon form
numerous hydrides. germanium forms a few. tin forms one (stannane.
SnH,) and lead just manages to form PbH,).

The most important trend to be noted in the covalent hydrides is
the change in acid-base behaviour as we cross a period from
Group 1V to Group VIL In Period 1, we have

CH, NH;4 H,0 HF
no acidic or basic basic acidic
basic properties (very weakly acidic) and acidic (weakly basic)

This change in properties cannot be simply accounted for in terms
of bond energies; the mean X—H bond energy increases from
nitrogen to fluorine, and hydrogen fluoride has a large bond-
dissociation energy (566 kJ mol~!). But we note that in the CH,
molecule there are no lone pairs of electrons—all four valency
electrons are involved in bonding. In ammonia, there is one lone
pair, which as we have seen can be donated either to a proton
(making ammonia a Lowry-Brensted base, NH; + H* ==NH})
or to another acceptor molecule (making ammonia a Lewis base,
p. 91). The molecules H,O and HF have two and three lone pairs
respectively; falling-off of base strength implies that the presence of
more than one lone pair reduces the donor power of the molecule.
But, obviously, the appearance of acidic behaviour implies that the
bond X—H is more readily broken heterolytically i.e. to give X~ +
H*. We may ascribe this to polarity of the bond, i.e. by saying that
the pair of electrons in the covalent H—F bond is closer to the
fluorine than to the hydrogen. Unfortunately, there is no very sure
method of ascertaining this bond polarity (the fact that hydrogen
fluoride HF has a dipole moment means that the molecule as a

whole is polar in, presumably, the sense ﬁ—~—F, but this does not
necessarily tell us about the bond polarity). Another way of des-
cribing this trend towards acidity is to say that the electronegativity
of the element increases from carbon to fluorine. We may simply
note that this trend to acidity is also apparent in other periods, for
example, in Period 3. silane SiH, is non-acidic and non-basic,
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phosphine PH; is weakly basic. hydrogen sulphide H,S is weakly
acidic and hydrogen chloride HCl markedly acidic. We should note
that these descriptions ‘basic’ and "acidic’ refer to solutions in water;
a gaseous hydrogen halide does not display acidity (p. 87).

COMPLEX HYDRIDES

A non-metal or weakly electropositive metal X in Group III of the
periodic table would be expected to form a covalent volatile hydride
XH,;. In fact, the simplest hydride of boron is B,H, and aluminium
hydride is a polymer (AlH,),.

The structure of diborane B,H is considered later (p. 145). Here
we may note that ‘BH;" and "AlH,’ will be acceptor molecules since
there are only six valency electrons around the B or Al atom and a
vacant orbital exists. Both in fact can accept the electron pair from
a hydride ion thus:

BH3 + H - BHZ

‘borane’ tetrahvdridoborate or
borohyvdride

AlH, + H™ — AlH;

-alane’ tetrahvdroatuminate or
aluminohydride

Salts containing these ions can be prepared. for example. by the
reaction

4LiH + AICL, =™, LiAlH, + 3LiCl

LiAIH,, lithium tetrahydridoaluminate (‘lithium aluminium hyd-
ride’. so-called) is an excellent reducing agent in ether solution for
both organic and inorganic compounds; it may be used to prepare
covalent hydrides SiH,. PH;* from the corresponding chlorides in
ether, for example

SiCl, + LiAlH, - LiCl + AICl, + SiH,

silicon silane

tetrachloride
The tetrahydridoborate ion, as ‘sodium borohydride® NaBH, is
soluble in water and is similarly an excellent reducing agent in this
solvent. (Lithium tetrahydridoaluminate cannot be used in water,
with which it reacts violently to give hydrogen.)

* This method produces an endothermic hydride by indirect means.
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ATOMIC HYDROGEN

If a high voltage electric discharge is passed through hydrogen at
low pressure, a small fraction of the hydrogen molecules are disso-
ciated into atoms, which are highly reactive and unite with many
elements to give hydrides*. If a metal such as zinc is dissolved in
acid, hydrogen gas is evolved, and thus the dissolving metal is a
good reducing agent: Zn’*(aq) + 2¢~ — Zn(s): E® = —0.76 V.
Here, therefore, hydrogen is being formed as a reduction product of
the proton: H;0" + ¢~ — }H,(g) + H,O: E® =0V, and it is not
itself the reducing agent. (As we have seen, the kinetic stability of
the hydrogen molecule makes it a poor reducing agent in practice.)
However, it 1s probable that hydrogen atoms can be produced by
proton reduction (i.e. by the process H* + ¢~ — H); these will all
usually unite with each other to give molecular hydrogen, but can
attack other species present. Thus in the reduction of an arsenic-con-
taining compound to arsine (AsH ;) or of an alkyl halide (C,HCl) to
an alkane (C,H,) by a metal couple (Al-Zn-Cu) in aqueous acid,
hydrogen atoms may participate in the reaction.

Deuterium, the isotope of hydrogen #H, is made by prolonged
electrolysis of water, during which hydrogen is evolved preferentially
to deuterium at the cathode. Consequently the residual water is
enriched in deuterium oxide, D, 0O, (‘heavy water’). The D, O finally
obtained has a b.p. 374.2K and a density at 293 K of 1.106 gcm ™3
(water, 0.998 gcm ™ ?); electrolysis of D,O gives deuterium which
again has physical properties slightly different from those of hydro-
gen (for example b.p. 24 K). Ordinary hydrogen contains about 1
part in 6000 of deuterium.

The slightly different physical properties of deuterium allow its
concentration in ordinary hydrogen (or the concentration of a
deuterium-containing compound in a hydrogen compound) to be
determined. Exchange of deuterium and hydrogen occurs and can
be used to elucidate the mechanism of reactions (i.e. the deuterium
is a non-radioactive tracer). Methanol exchanges with deuterjum
oxide thus:

CH,0H + D,0 = CH,OD + HDO

The hydroxyl hydrogen exchanges but the hydrogen atoms of the
CH (methyl) group do not.

* This method produces an endothermic hydride b indirect means.
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TESTS FOR HYDROGEN

In general, hydrogen itself (and compounds containing hydrogen)
when oxidised by heating with oxygen or with a metal oxide form
water, for which tests are available. There are otherwise no chemical
tests for hydrogen. The metal palladium will take up many times its
own volume of hydrogen, to form a non-stoichiometric metal
hydride (p. 113} and this property can be used to separate hydrogen
from other gases which remain unaffected by the palladium.

QUESTIONS

1. Discuss the chemistry of the simple hydrides of the elements,
indicating how they can be classified according to their structures.
(Liverpool B Sc.. Part ])

2. (a) Describe in detail the bonding which occurs in the com-
pounds formed between hydrogen and
(i) sodium (in sodium hydride),
(i) carbon (in methane),
(iii) nitrogen (in ammonia).
(b) Describe the reactions, if any, which take place between
water and the hydrides of the elements in (a).
(¢} Comment upon the significance of the relative values of the
following boiling points of the halogen hydrides:

HF HClI HBr HI
195 -8 —67 —36 (°C)

(JMB, A)

3. Outline briefly one method for the preparation of each of the
following :

{a) NaH (from sodium),
(b) CH,, (from carbon),
(c) PH,I (from phosphorus).

How do the following hydrides react with water: NaH, CH,, SiH,
and HI? Comment on these reactions in terms of the nature of the
chemical bonds in these compounds. Suggest reasons for the increase
in acidity in the series PH;, H,S, HCL. How would you seek to
establish this order experimentally?

(C.A)
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4. Outline one method for the manufacture of hydrogen from
either crude oil or natural gas. State two important uses of hydrogen.
Give explanations and illustrate reactions for the following state-
ments:

(i) The hydrides of the elements Na, P. S, Cl, show increasing
acidity with increasing atomic number.
(1)) The hydrides of the elements F, Cl, Br, I, show increasing
reducing power with increasing atomic number.
(C. A)

5. Discuss the following observations :

(a) The boiling point of methane is considerably lower than that
of the corresponding silicon hydride (SiH,, monosilane),
whereas the boiling points of ammonia and of water are higher
than those of phosphine and of hydrogen sulphide respectively.

(b) Aniline is a weaker base than ammonia, but ethylamine is a
stronger base than ammonia.

(c) 1M aqueous solutions of hydrogen chloride, hydrogen
bromide and hydrogen iodide have pH values of 0.09, 0.06
and 0.02 respectively, whereas the pH of a 1 M aqueous
solution of hydrogen fluoride is 1.7.

{(d) Lonic compounds are normally readily soluble in water, but
do not dissolve well in organic solvents.
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(Lithium, sodium, potassium, rubidium, caesium;
beryllium, magnesium, calcium, strontium,
barium)

THE ELEMENTS
GENERAL CHARACTERISTICS

These elements form two groups, often called the alkali (Group I)
and alkaline earth (Group II) metals. Some of the physical properties
usually associated with metals—hardness, high m.p. and b.p.—are
noticeably lacking in these metals, but they all have a metallic
appearance and are good electrical conductors. Table 6.1 gives some
of the physical properties.

From Table 6.1, it is easy to see that Group Il metals are more
dense, are harder and have higher m.p. and b.p. than the corres-
ponding Group I metals.

In Chapter 2, a discussion of the theory of metallic bonding
indicated that the strength of such bonding generally depends on
the ratio (number of electrons available for bonding)/(atomic size).
The greater this ratio is, the stronger are the bonds between the
metal atoms. In the pre-transition metals, this ratio is small and at a
minimum in Group | with only one bonding electron. Metallic
bond strength is greater in Group II but there are stilt only two
bonding electrons available, hence the metals are still relatively soft
and have low melting and boiling points. Hardness, m.p. and b.p.
all decrease steadily down Group 1. the metallic bond strength
decreasing with increasing atomic radius. These changes are not so

119
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Table 6.1
SELECTED PROPERTIES OF THE ELEMENTS

Element Atomic Quter Density m.p. h.p. Hardness
number  electrons (gcm ?) (K) (K) {Brinell)

Li 3 2s! 0.535 452 1609 0.06
Na 11 3s! 0971 3709 11559 0.07
K 19 4s! 0.862 336.5 1035 0.04
Rb 37 5s! 1.532 312 973 0.03
Cs 55 6s' 1.90 301.5 943 0.02
Be 4 2s? 1.86 1553 3243 -
Mg 12 3s? 1.75 924 1380 30-40
Ca 20 452 1.55 1124 1760 23
Sr 38 552 26 1073 1639 20
Ba 56 6s? 3.59 998 1910 -

well marked in Group II but note that beryllium and, to a lesser
extent, magnesium are hard metals, as a result of their small atomic
size; this property. when coupled with their low density. makes
them of some technological importance (p. 124).

Table 6.2
FURTHER PROPERTIES OF THE ELEMENTS OF GROUPS 1 AND 11

Ionisation  Metallic Tonic l.u;{;f:f“(:jmn };’":fr';:lzj" ©
Element  energy* radius radius 298 K c V)
(kJmol ')  (nm) (nm) at K gaseous 101"

e . . (kJmol™") (kJmol™ ") o
Li 520 0.152 0.060 1525 519 — 3.04
Na 496 0.186 0.095 108.6 406 -2
K 419 0.227 0.133 90.0 322 - 292
Rb 403 0.248 0.148 85.8 293 — 293
Cs 376 0.263 0.169 78.8 264 - 292
Be 2657 0.112 0.031 326 2494 — 185
Mg 2187 0.160 0.065 149 1921 -237
Ca 1735 0.197 0.099 177 1577 — 287
Sr 1613 0.215 0.113 164 1443 — 289
Ba 1467 0.221 0.135 178 1305 - 291

* For 1h-Cs. hrstionisation energy. Be Ba sum ot first and second 1onisation energies

A full discussion of the changes in ionisation energy with group
and period position has been given in Chapter 2. These data are
given again in Table 6.2.
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FORMATION OF IONS

We note first that the elements are all electropositive, having
relatively low ionisation energies, and are, in consequence, very
reactive. The enthalpy change required for the process M(metal) —
M*(g) for Group I, or M(metal) » M?*(g) for Group II is at a
maximum at the top of each group, and it is, therefore, not surprising
to find that lithium, beryllium and, to some extent, magnesium do
form some covalent compounds. Most solid compounds of Group 1
and IT elements, however, have ionic structures and the properties
associated with such structures—high m.p. and b.p., solubility in
water rather than in organic solvents and electrical conductance
when molten.

IONS IN SOLUTION

The hydration energies (strictly. hydration enthalpies) fall. as
expected, as we descend either Group, and are larger for Group 11
than for Group I ions. The solubilities of the salts of Groups I and 11
are determined by a balance between lattice energy, hydration
energy and the entropy change in going from solid to solution, and
only a few generalisations are possible. Thus high charge and low
ionic radii tend to produce insolubility (for example salts of lithium.
beryllium and magnesium, especially those with doubly charged
anions such as carbonate CO2% 7). At the other end of the scale, low
charge and large radii also produce low solubility (for example salts
of potassium, rubidium and caesium containing large anions such
as the tetraphenylborate anion (p. 136). In between, solubility is the
rule for all Group I salts, and for most Group II salts containing
singly-charged negative ions; for many Group Il salts with doubly-
or triply-charged anions (for example CO%~. SO%~. PO} ") in-
solubility 1s often observed.

The decreasing tendency to form salts with water of crystallisation
{as a group is descended) is again in line with the falling hydration
energy. For example, both sodium sulphate and carbonate form
hydrates but neither of the corresponding potassium salts do; the
sulphates of Group 1I elements show a similar trend MgSO, . 7TH, 0,
CaSO, .2H,0, BaSO,. For the most part, however, the chemistry
of the Group I and II elements is that of the metal and the ions M™*
for Group I and M?* for Group II. As already noted the two head
elements, lithium and beryllium. tend to form covalent compounds;
the beryllium ion Be?*, because of its very small radius and double
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charge, has also some peculiar properties in solution, which are
examined later (p.134).

OCCURRENCE AND EXTRACTION

The alkali metals of Group I are found chiefly as the chlorides (in
the earth’s crust and in sea water), and also as sulphates and
carbonates. Lithium occurs as the aluminatesilicate minerals,
spodumene and lepidolite. Of the Group II metals (beryllium to
barium) beryllium, the rarest, occurs as the alumimatesilicate, beryl;
magnesium is found as the carbonate and (with calcium) as the
double carbonate dolomite; calcium, strontium and barium all
occur as carbonates, calcium carbonate being very plentiful as
limestone.

The general characteristics of all these elements generally preclude
their extraction by any method involving aqueous solution. For the
lighter. less volatile metals (Li, Na, Be, Mg, Ca) electrolysis of a
fused salt (usually the chloride). or of a mixture of salts. is used.
The heavier. more volatile metals in each group can all be similarly
obtained by electrolysis, but it is usually more convenient to take
advantage of their volatility and obtain them from their oxides or
chlorides by displacement, i.e. by general reactions such as

3M,0 + 2M" - M,"M0O, + 6M1

MCl + M! - M!CI + M1

Thus potassium is obtained by heating potassium chloride with
sodium, and barium by reduction of barium oxide with aluminium.

Sodium is important in many technical processes and is therefore
prepared in considerable quantity. Almost all of it is now made by
electrolysis of the fused sodium chloride, using the Downs cell (see
Figure 6.1). The graphite anode is cylindrical and is surrounded by
the steel gauze diaphragm and the concentric cylindrical cathode
(also of steel). The electrolyte is usually a mixture of sodium chloride
and calcium chloride; the latter is added to reduce the m.p. of the
sodium chloride to approximately 800 K. (Some calcium is therefore
liberated with the sodium.) The gap between anode and cathode is
kept as small as possible to reduce resistance: the heat developed
by the current maintains the temperature of the cell. Chlorine is set
free at the anode surface, rises into the nickel cone and can be
collected. Sodium, liberated at the cathode. is prevented by the
diaphragm from passing into the anode region; the molten sodium
collects under the circular hood and rises up the pipe. being assisted
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Chlorine
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Figure 6.1. The Downs cell

if necessary by the puddle-rod. The calcium, being almost immiscible
with sodium and much more dense, can readily be separated from
the molten sodium. The graphite anode wears away and must be
renewed from time to time.

USES

Lithium finds use in high-strength glass, and its use as a cathode in
high energy density batteries (which might be used in cars) has
been extensively investigated. Much sodium is used, as an alloy
with lead, in a reaction with ethyl chloride to produce tetraethyllead,
the ‘anti-knock’ additive in petrol. Sodium is used to produce
sodium peroxide and sodium hydride. Liquid sodium, with its high
thermal conductivity, is used as a heat exchange liquid in fast-
breeder nuclear reactors, and in sodium-filled electrical transmission
lines. Potassium is used to make potassium superoxide KO, which
reacts with water and carbon dioxide to give oxygen,

4KO, + 2H,0 + 4CO, - 4KHCO, + 30,

and which is therefore used as an emergency source of oxygen in,
for example, mines and submarines. Sodium-potassium alloys have
the same thermal properties as liquid sodium, with the additional
advantage that they are liquid at ordinary temperatures.
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Beryllium is added to copper to produce an alloy with greatly
increased wear resistance; it is used for current-carrying springs and
non-sparking safety tools. It is also used as a neutron moderator
and reflector in nuclear reactors. Much magnesium is used to
prepare light metal alloys: other uses include the extraction of
titanium (p. 370) and in the removal of oxygen and sulphur from
steels ; calcium finds a similar use.

BIOLOGICAL IMPORTANCE

Sodium and potassium ions are found in all animal cells and,
usually, the concentration of potassium ions inside the cell is greater
than that of sodium. In many cells, this concentration difference is
maintained by a ‘sodium pump’, a process for which the energy is
supplied by the hydrolysis of adenosine triphosphate (ATP).
Diffusion of excess potassium ions outwards through the cell wall
gives the inside of the cell a net negative charge (due to the anions
present) and a potential difference is established across the cell wall.
In a nerve cell, a momentary change in the permeability of the cell
wall to sodium ions can reverse the sign of this potential difference,
and this produces the electrical impulse associated with the action
of the nerve.

The ability of living organisms to differentiate between the chemic-
ally similar sodium and potassium ions must depend upon some
difference between these two ions in aqueous solution. Essentially,
this difference is one of size of the hydrated ions, which in turn
means a difference in the force of electrostatic (coulombic) attraction
between the hydrated cation and a negatively-charged site in the
cell membrane; thus a site may be able to accept the smaller ion
Na*(aq) and reject the larger K*(aq). This same mechanism of
selectivity operates in other ‘ion-selection’ processes, notably in ion-
exchange resins.

All organisms seem to have an absolute need for magnesium. In
plants, the magnesium complex chlorophyll is the prime agent in
photosynthesis. In animals, magnesium functions as an enzyme
activator ; the enzyme which catalyses the ATP hydrolysis mentioned
above is an important example.

Calcium plays an important part in structure-building in living
organisms, perhaps mainly because of its ability to link together
phosphate-containing materials. Calcium ions in the cell play a vital
part in muscle contraction.
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REACTIONS OF THE METALS

In general, the metals of Groups I and Il can combine, more or less
readily, with many less electropositive elements. The reactivity
towards most reagents, for example dry oxygen and dry bromine,
increases as the size of the atom increases and the ionisation energy
falls. However, when reacting with very small non-metallic elements,
for example carbon and nitrogen, the reverse is true, since the very
small cation and the very small anion produced in the reaction form
a very strong crystal lattice. The lattice energy evolved is sufficiently
great to more than compensate for the large ionisation energy of
the small atom. Hence. although all Group II elements form
nitrides, only lithium amongst the alkali metals is able to do so.

Most of the metals react with water and, therefore, with any
aqueous solution giving effectively M* (Group ) and M?* (Group
II) ions:

Groupl: 2M + 2H,0 - 2M™*(aq) + 20H™ + H,1
Group II: M + 2H,0 - M?*(aq) + 20H™ + H,1

The reactions with water are summarised in Table 6.3. Since the
metals are powerful reducing agents (p. 98) they cannot be pre-
pared in aqueous solution; ¢lectrolysis of the fused anhydrous
halides is usually employed using a graphite anode.

Table 6.3
Element Li Na K Rb Cs
Reaction All react with cold water to produce MOH.
conditions Vigour of reaction increasing
Basic All basic. base strength increasing
properties
of products
Element Be Mg Ca Sr Ba
Reaction Does not Very slowly React with cold water.
conditions | react with with water, vigour of reaction increasing.
water readily with
steam
Basic Be(OH), MgO
properties | amphoteric insoluble slightly M(OH), soluble

of product | soluble

| Base strength increasing
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The alkali metals have the interesting property of dissolving in
some non-aqueous solvents, notably liquid ammonia, to give clear
coloured solutions which are excellent reducing agents and are
often used as such in organic chemistry. Sodium (for example) forms
an intensely blue solution in liquid ammonia and here the outer (3s)
electron of each sodium atom is believed to become associated with
the solvent ammonia in some way, i.c. the system is Na*(solvent)
+ ¢ (solvent).

1 he solution 1s energetically unstable (Chapter 3): the sodium
slowly reacts with the ammonia solvent thus:

2Na + NH, — 2NaNH, + H,1
sodium amide (sodamide)

(a reaction which can be written 2¢~ + 2NH; - 2NH; + H,1).
This reaction is catalysed by such ions as iron(IIl) and should be
compared to the reaction with water

2Na + 2H,0 — 2NaOH + H,1

COMPOUNDS OF GROUP 1 AND II ELEMENTS
GENERAL

For the most part it is true to say that the chemistry of the alkali
and alkaline earth metal compounds is not that of the metal ion
but rather that of the anion with which the ion is associated. Where
appropriate, therefore, the chemistry of these compounds will be
discussed in other sections, for example nitrates with Group V
compounds, sulphates with Group VI compounds, and only a few
compounds will be discussed here.

THE HYDRIDES

All Group I and II elements, except beryllium, form hydrides by
direct combination with hydrogen. The hydrides of the metals
except those of beryllium and magnesium, are white mainly ionic
solids, all Group I hydrides having the sodium chloride lattice
structure. All the hydrides are stable in dry air but react with water,
the vigour of the reaction increasing with the molecular weight of
the hydride for any particular group.

MH + H,0 - MOH + H,?
MH; + 2H,0 — M(OH), + H,1
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This reaction is due to the very strong basic property of the hydride
ion H™ which behaves as a powerful proton acceptor and is therefore
strongly basic, ie.

H™ + H,0 > H,1 + OH"

When the molten ionic hydrides are electrolysed, all yield hydrogen
at the anode, the metal at the cathode.

The hydrides of Group 1, especially lithium hydride, react with
the hydrides of trivalent metals of Group III to form interesting
complex hydrides, probably the most important being lithium
aluminium hydride (lithium tetrahydridoaluminate) LiAIH,. well
known as a reducing agent in organic chemistry.

The hydrides of beryllium and magnesium are both largely
covalent. magnesium hydride having a ‘rutile’ (p. 36) structure.
while beryllium hydride forms an electron-deficient chain structure.
The bonding in these metal hydrides is not simple and requires an
explanation which goes beyond the scope of this book.

THE HALIDES

Group I metals combine directly with all the halogens. The reactions
are exothermic, the greatest heats of formation being found when
the elements combine with fluorine. Except for the formation of the
fluorides, the heat of formation of a given halide increases as the
group is descended and the ionisation energies of the metallic
elements fall. The reverse is true for the fluorides, and the heat of
formation falls as the group is descended. This is due to the high
lattice energies produced from the ‘combination’ of the small
fluoride anion and the metal cation (p. 74). (Similar variations are
also noted with other small anions, for example nitride. carbide.)

All the Group I halides can be regarded as ionic*, this fact being
reflected in their high m.p. and b.p. and the ability of the melt to
conduct electricity. All except lithium fluoride are soluble in water.
the insolubility of the lithium fluoride being a result of the high
lattice energy. which is sufficiently large to more than compensate
for the high hydration energies of the lithium and fluoride ions
(p. 78). Group II metals also form halides by direct combination.
The trends in heat of formation and m.p., however, whilst following
the general pattern of the corresponding Group I compounds. are
not so regular.

* Lithium bromide and iodide probably have some degree of covalency but this
does not affect the general conclusion.
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As a consequence of the high ionisation energy of beryllium its
halides are essentially covalent, with comparatively low m.p.. the
melts being non-conducting and (except beryllium fluoride) dis-
solving in many organic solvents.

The lower members in Group II form essentially ionic halides,
with magnesium having intermediate properties, and both mag-
nesium bromide and iodide dissolve in organic solvents.

The lattice energies of the Group II fluorides are generally
greater than those for the corresponding Group I fluorides; conse-
quently all but beryllium fluoride are insoluble. (The solubility of
beryllium fluoride is explained by the high hydration energy of the
beryllium ion, cf. LiF.) The high hydration energy of the Be?* ion*
results in hydrolysis in neutral or alkaline aqueous solution ; in this
reaction the beryllium halides closely resemble the aluminium
halides (another example of a diagonal relationship—p. 14).

The magnesium ion having a high hydration energy (Table 6.2)
also shows hydrolysis but to a lesser extent (than either Be?* or
AI’*). The chloride forms several hydrates which decompose on
heating to give a basic salt, a reaction most simply represented as
(cf. p. 45):

MgCl,2H,0 - Mg(OH)C] + HCIt + H,0
Other Group II halides are essentially ionic and therefore have

relatively high m.p.. the melts acting as conductors, and they are
soluble in water but not in organic solvents.

SUMMARY
Group 1
Element ‘ Li Na K Rb Cs

Fluorides ‘ Insoluble Soluble

Heat of formation decreasing

t Melting point decreasing

* Nole that the Be?* ion has a co-ordination number of 4 whereas most cations
have a co-ordination number of six. This is again the result ol the very small size.



GROUPS | AND 1l 129

Group 1 contd

Element Li Na K Rb Cs
Chlorides [ Hydrated Anhydrous
i deliquescent
‘ Heal of formation increasing
; Melting point decreasing
Bromides . Soluble in Insoluble in organic solvents
and organic
iodides solvents
% Heat of formation increasing
\
{ Melting point decreasing
Group 11
Element Be Mg Ca Sr Ba
Fluorides Solublein  Sparingly Insoluble in water
water soluble in
water
Chlorides, Covalent
bromides and | when
iodides anhydrous.
Soluble in Soluble in water
organic solvents.
Hydrolysed
by water

THE OXIDES AND HYDROXIDES

The white solid oxides M0 and M"O are formed by direct union
of the elements. The oxides MO and the oxides M"O of calcium
down to radium have ionic lattices and are all highly basic; they
react exothermically with water to give the hydroxides, with acids
to give salts, and with carbon dioxide to give carbonates. For
example

Na,O + H,0 — 2NaOH

BaO + CO, — BaCO,

Magnesium oxide is almost inert towards water, but dissolves in
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acids 1o give salts: beryllium oxide is inert and almost insoluble in
waler or in acids.

Group 1 elements. except lithium. form peroxides M50, with
excess oxygen. and potassium. rubidium and caesium will form
superoxides MO,. These per- and super- oxides are best prepared
by passing oxygen into a solution of the metal in liquid ammonia.
It is believed that the large ions O2~ and O are only stable in
lattices with larger cations—hence lithium (small cation) forms only
the normal oxide Li,O. The elements of Group 1I also form per-
oxides.

The hydroxides M'OH are all soluble in water, in which they
behave as strong bases, for example

KOH - K* + OH~

The hydroxides MY (OH), are generally less soluble and are of lower
base strength. The Group 1 hydroxides are almost unique in
possessing good solubility—most metal hydroxides are insoluble or
sparingly soluble; hence sodium hydroxide and, to a lesser extent
potassium hydroxide, are widely used as sources of the hydroxide
ion OH™ both in the laboratory and on a large scale.

Sodium hydroxide is manufactured by electrolysis of concentrated
aqueous sodium chloride; the other product of the electrolysis,
chlorine, is equally important and hence separation of anode and
cathode products is necessary. This is achieved either by a diaphragm
(for example in the Hooker electrolytic cell) or by using a mercury
cathode which takes up the sodium formed at the cathode as an
amalgam (the Kellner-Solvay cell). The amalgam. after removal from
the electrolyte cell, is treated with water to give sodium hydroxide
and mercury. The mercury cell is more costly to operate but gives a
purer product.

Potassium hydroxide is similar to sodium hydroxide but is a
stronger base it is also more soluble in alcohol and the solution is
sometimes used as a reagent (‘alcoholic potash’). The other hydrox-
ides of Group 1 are similar. increasing in base strength down the
group*; all are hygroscopic solids which attack the skin- hence the
old names, ‘caustic soda’ (NaOH), ‘caustic potash’ (KOH)—-and
react with carbon dioxide in the air to give carbonates :

20H™ + CO, —» CO%™ + H,0

With excess carbon dioxide. i.e. if the gas is passed through a
solution of the hydroxide, a hydrogencarbonate is formed:

* With the smaller cations (Li~. Na™) there 1s some association of the OH ™ 1on
with the cation in solution. and this results in a Jower base strength.
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OH™ + CO, » HCO;

The reaction between Ca(OH), + CO, to produce sparingly
soluble CaCO, is the common test for carbon dioxide.

Beryllium hydroxide is obtained as a white gelatinous precipitate
when OH™ ions are added to a solution of a beryllium salt. It is
only sparingly soluble in water, and is weakly basic, dissolving in
strong acids to give the hydrated beryllium ion [Be(H,0),]%". but
also dissolving in solutions containing the hydroxide ion to give the
tetrahydroxoberyllate(ll) ion [ Be(OH), ]*~ ; addition of acid first re-
precipitates the hydroxide Be(OH), (as a white gelatinous hydrated
precipitate) and then re-dissolves it to give the hydrated ion; hence
we have the sequence*

[Be(H,0),]** %*:Fe(omz]l—"ff [Be(OH),]*

272 |,

This behaviour distinguishes beryllium hydroxide from the other
hydroxides of Group II which are not amphoteric; this amphoterism
is also shown by aluminium hydroxide in Group III, and it has been
discussed more fully in Chapter 2, where we saw it as characteristic
of small ions of high charge, i.e. Be2* and AI*".

The other Group II hydroxides are sparingly soluble in water,
the solubility increasing down the group; magnesium hydroxide is
precipitated only by an appreciable concentration of hydroxide ion
(not by ammonium hydroxide in presence of ammonium chloride)
and the others are not precipitated.

SUMMARY OF PROPERTIES OF HYDROXIDES

Element Li Na K Rb Cs
All soluble
MOH Base strength increasing
Element Be Mg Ca Sr Ba
Insoluble Solubility increasing
M(OH), —
Amphoteiic Base strength increasing

* The species involved are more complicated than this sequence indicates. see
note on p. 46. the simphficd representation 1s. however, quite adequale,
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THE CARBONATES AND HYDROGENCARBONATES

As with the hydroxides, we find that whilst the carbonates of most
metals are insoluble, those of alkali metals are soluble, so that they
provide a good source of the carbonate ion COZ™ in solution; the
alkali metal carbonates, except that of lithium, are stable to heat.
Group II carbonates are generally insoluble in water and less
stable to heat, losing carbon dioxide reversibly at high temperatures.

Table 6.4
DECOMPOSITION TEMPERATURES* (K ) OF SOML CARBONATES

Group 1 Group 11
Li,CO, 1 540 BeCO, 370
Na,CO, v. high MgCO, 470
K,CO, v. high CaCOj, 1170
Rb,CO, v. high SrCO, 1550
Cs,CO, v. high BaCO, 1630

* The temperature at which the pressure of CO, reaches 1 aimosphere.

A further peculiarity of the Group I and Il carbonates is the ability
to form the hydrogencarbonate or bicarbonate ion HCOj:

CO?" + H,0* = HCO; + H,0

This ion is produced by the prolonged passage of carbon dioxide
through neutral or alkaline solutions containing Group I or II ions
(except lithium or beryllium which do not form a hydrogencarbon-
ate). The hydrogencarbonates of Group | elements can be isolated
as solids but these solids readily decompose when heated to form
the carbonate with the evolution of carbon dioxide and water, for
example

2NaHCO, — Na,CO, + H,0 + CO,

Group II hydrogencarbonates have insufficient thermal stability for
them to be isolated as solids. However, in areas where natural
deposits of calcium and magnesium carbonates are found a reaction
between the carbonate, water and carbon dioxide occurs:

M'"CO; + CO, + H,0 -» M?* 4+ 2HCO,
Insoluble In solution

This produces sufficient concentrations of magnesium and calcium
ions to render the water hard. The above reaction is readily reversed
by boiling the water when the magnesium and calcium ions res-
ponsible for the hardness are removed as the insoluble carbonate.
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Some carbonates are important industrial chemicals. Calcium
carbonate occurs naturally in several forms, including limestone,
and is used in the production of quicklime, calcium oxide CaO,
slaked (or hydrated) lime, calcium hydroxide Ca(OH), and cement.

Several million tons of sodium carbonate are used every year,
almost one third of this being used in glass making and the rest
being used for a variety of purposes including paper manufacture,
chemicals, and as a water softener in soap powder. Sodium sesqui-
carbonate, Na,CO, . NaHCO, .2H,0O, occurs naturally in the US
and approximately 1000000 tons of sodium carbonate are pro-
duced from this annually. Until recently almost all the sodium
carbonate required commercially in the UK (5 000 000 tons annu-
ally) was manufactured by the soda-ammonia process but some is
now produced by carbonation of sodium hydroxide, surplus to
requirements, made during the electrolysis of brine :

2NaOH + CO, — Na,CO; + H,0

The soda—ammonia process occurs in two main stages. First,
brine is saturated with ammonia gas and this ‘ammoniacal brine’
is then treated with carbon dioxide. The equilibrium

CO, + 2H,0 = HCO; + H,0*

is moved to the right by the competition of the ammonia for protons.
ie. NH; + H;O" 2 NH; + H,O. The ions then present are
NH;. HCO;. CI” and Na® and the least soluble salt. sodium
hydrogen carbonate. is precipitated when ionic concentrations
increase. and is removed by vacuum filtration.

When heated, sodium hydrogencarbonate readily decomposes
evolving carbon dioxide, a reaction which leads to its use as baking
powder when the carbon dioxide evolved ‘aerates’ the dough. In the
soda—ammonia process the carbon dioxide evolved is used to
supplement the main carbon dioxide supply obtained by heating
calcium carbonate:

CaCO; - Ca0 + CO,

The calcium oxide so produced is slaked to give a suspension of
calcium hydroxide and this is heated with the filtrate from the
carbonator which contains ammonium chloride:

2NH,C! + Ca(OH), —» CaCl, + 2NH,1 + 2H,0

The ammonia gas is used again and the only by-product, calcium
chloride. is used to melt snow, prevent freezing of coal in transit and
as an antidust treatment since it is hygroscopic and forms a solution
of low freezing point.
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ABNORMAL PROPERTIES OF LITHIUM AND
BERYLLIUM

As any group is descended the size of the atom and number of
electrons shielding the outer electrons from the nucleus increases
and the ionisation energy falls (see Table 6.2.)

Shielding of the outer electrons is least for the small lithium and
beryllium atoms and their ionisation energies are consequently
higher than other members of their respective groups. In the case
of beryllium the higher ionisation energy results in the bonding in
many beryllium compounds being covalent rather than ionic. (This
tendency is shown to a much lesser extent by magnesium which
forms some covalent compounds.)

The small lithium Li* and beryllium Be** ions have high charge-
radius ratios and consequently exert particularly strong attractions
on other ions and on polar molecules. These attractions result in
both high lattice and hydration energies and it is these high energies
which account for many of the abnormal properties of the ionic
compounds of lithium and beryllium.

In view of the ionisation energies the electrode potentials for
lithium and beryllium might be expected to be higher than for
sodium and magnesium. In fact

Lit(aq) + ¢~ = Lifs): E® = —304V
Be (aq) + 2¢” — Bels): E~ = — 185V

Ionisation energy refers to the process Li(g) » Li*(g) + ¢ . whereas
the electrode potential measured in aqueous solution also includes
the energy of hydration of the Li™(g) ion once formed. i.e. Li*(g) +
xH,0 — Li"(aq). This hydration energy is large and in the case of
lithium compensates for the high ionisation energy. The value of
the second ionisation energy of beryllium (the energy to remove the
second electron) is so great that even the large hydration energy of
the Be?™ cannot compensate for it, and E® is less negative.

The hydroxide of lithium, although soluble in water. is a weak
base owing to the great attraction between the Li* and OH™ ions
(p. 74); the hydroxide of beryllium is really a neutral. insoluble
beryllium complex {Be{OH)ﬂ (p. 45).

(H,0).)

When considering the fluorides, the high hydration energy of the
small fluoride ion. F~. must also be considered (p. 78). T'he lattice
energy of beryllium fluoride is high but the combined hydration
energies of the Be’” and F~ ions are sufficient for the BeF, to
dissolve, whilst the other fluorides of Group II elements having
lower M** hydration energy are insoluble in spite of lower lattice
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Table 6.5
SUMMARY OF THE CHEMISTRY OF LITHIUM
Li Na K Rb Cs
Element Hard metal Soft metals
Hydroxide Not a strong base Strong bases
Fluoride Only slightly soluble Readily soluble in water
in water
Chloride Slightly hydrolysed Not hydrolysed

in hot solution

Bromide Soluble in many

and todide organic solvents
Carbonate Evolves carbon Stable to heat

dioxide on heating

energies. The insolubility of lithium fluoride results from the high
lattice energy which in this case is not exceeded by the combined
hydration energies. Other Group I fluorides dissolve since the lattice
energies are smaller and are exceeded by the combined hydration
energies.

In this discussion, entropy factors have been ignored and in
certain cases where the difference between lattice energy and
hydration energy is small it is the entropy changes which determine
whether a substance will or will not dissolve. Each case must be
considered individually and the relevant data obtained (see Chapter
3), when irregular behaviour will often be found to have a logical
explanation.

The abnormal properties of lithium and beryllium are summarised
in Tables 6.5 and 6.6.

Vable 6.6
SUMMARY OF THE CHFMISTRY OF 8URYLLIUM
Be Mg Ca ~- Ba
Hydroxide Amphoteric Basic
Fluoride Soluble in water Sparingly soluble to soluble m water
Chloride Partly coralent I ni

Other compounds  Often covalent
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TESTS FOR GROUP I CATIONS

1. All the cations of Group I produce a characteristic colour in a
flame (lithium, red; sodium, yellow; potassium, violet; rubidium,
dark red; caesium, blue). The test may be applied quantitatively by
atomising an aqueous solution containing Group I cations into a
flame and determining the intensities of emission over the visible
spectrum with a spectrophotometer ( flame photometry).

2. The larger cations of Group I (K, Rb, Cs) can be precipitated
from aqueous solution as white solids by addition of the reagent
sodium tetraphenylborate, NaB(C¢H;),. Sodium can be precipitated
as the yellow sodium zinc uranium oxide ethanoate (sodium zinc
uranyl acetate). NaZn(UO,);(CH;COO), . 9H, 0. by adding a clear
solution of ‘zinc uranyl acetate’ in dilute ethanoic acid to a solution
of a sodium salt.

TESTS FOR GROUP II CATIONS

Calcium, strontium and barium produce characteristic flame colours
like the Group I cations (calcium, orange; strontium, red; barium,
green) and flame photometry can be used for their estimation. All
give insoluble carbonates in neutral solution.

Magnesium 1is slowly precipitated as the white magnesium
ammonium tetraoxophosphate(V). MgNH, PO, . 6H,0O. when a
solution of disodium hydrogentetraoxophosphate(V) is added to a
solution of a magnesium salt in the presence of ammonia and
ammonium chloride.

QUESTIONS

1. Relatively little is known about the chemistry of the radioactive
Group I element francium. Ignoring its radioactivity, what might
be predicted about the element and its compounds from its position
in the periodic table?

{Liverpool B.Sc.. Part )

2. The elements in Group II of the Periodic Table (alkaline earth
metals) are. in alphabetical order. barium (Ba). beryllium (Be).
calcium (Ca). magnesium (Mg). radium (Raj and strontium (Sr).

(a) Arrange these elements in order of increasing atomic numbers.
(b) Write down the electronic configurations of any two of the
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above elements other than beryllium (Be), stating in each case
the name of the element, for example Be would be 152242

(c) Indicate in the diagram below how you would expect succes-
sive ionisation energies of magnesium to vary with the number

of electrons removed.

Ionisation energy

SO I Y Y WU N N N |
[ 5 10 15

Number of electrons removed

(d) (i) What type of chemical bonding is generally found in
alkaline earth metal compounds?

(ii) What experiment would you carry out in order to demon-
strate the presence of this type of bonding in alkaline earth
metal compounds? Briefly indicate the results which you
would expect to obtain.

(e) How does the solubility in water of the alkaline earth metal

sulphates vary with the atomic weight of the metal?
(L. A)

3. ‘The properties of lithium resemble those of the alkaline earth
metals rather than those of the alkali metals.’ Discuss this statement.
{Liverpool B.Sc.. Part I)

4. Explain why the Group I elements are:
(a) univalent,
(b) largely ionic in combination,
(c) strong reducing agents,

(d) poor complexing agents.
(S. A)
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The elements of
Group Il

(Boron, aluminium, gallium, indium, thallium)

Of the five Group III elements, only boron and aluminium are
reasonably familiar elements. Aluminium is in fact the most abund-
ant metal, the third most abundant element in nature, but the other
elements are rare and boron is the only one so far found in con-
centrated deposits.

The data in Table 7.1 show that, as expected, density, ionic radius.
and atomic radius increase with increasing atomic number. How-
ever, we should also note the marked differences in m.p. and liquid
range of boron compared with the other Group III elements; here
we have the first indication of the very large difference in properties
between boron and the other elements in the group. Boron is in
fact a non-metal, whilst the remaining elements are metals with
closely related properties.

Table 7.1
SELECTED PROPERTIES OF THE ELEMENTS

1 Outer Atomic  Radius  Density . b Tonisation £

Elem. '™ D uter  radius of M** gem ! ’(’KI; Kp energies {kJ mol™ ") V)
no- - elecrons ey nm) (293K ® s ond e

B 5 2s22pt 0079 (00200 235 2600 2500 801 2428 3660 —0.87

Al 13 3s%3p' 0143 0045 270 933 2600 578 1817 2745 —1.66

Ga 31 3d4'%4s*p' 0153 0062 5.91 303 2500 579 1979 2962 —0.52
In 49 44'°5s*5p' 0.167 0081 7.31 429 2340 558 1820 2705 -0.34
TI &1 Sd'&Zep! 0171 0095 1185 S74 1726 589 1970 2880

138
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OXIDATION STATE +3

Summation of the first three ionisation energies of any Group III
element indicates that the formation of an E**(g) ion is difficult. In
the case of boron the energy required is so large that under normal
circumstances B®*(g). (s) or (aq) is never formed. The energy required
is slightly less for aluminium but the simple ion Al®*(s) is found
only in anhydrous aluminium fluoride and chlorate(VII). and even
here there may be partial covalent bonding. Oxidation state +3
compounds of other Group III elements are largely covalent.

With the one exception of boron, all Group III elements torm + 3
ions in aqueous solution ; these ions exist only as complexes, often
with water. for example [Al(H,0),]*". and are usually extensively
hydrolysed, p. 45. The large hydration energy which helps to stabilise
the ion is a major factor contributing to the low standard electrode
potential of alumirium which, in view of the energy required to
form Al® *(g). is rather unexpected. Since hydration energy decreases
with increasing ionic size we can correctly predict that the standard
electrode potential will decrease with increasing atomic number of
the element. In the case of boron, however, the very small B** (g) ion
is unable to coordinate a sufficient number of water molecules to
compensate for the high ionisation energy; it can be stabilised by
tetra-coordination of certain ligands to form the boronium cation.
for example

H3N\ /H .
B
/ N\
H,N H

OXIDATION STATE +1

The outer electronic configuration of the Group Il elements is
ns’np’ and as we have seen on p. 32 the energy required to remove
the first p electron from a given quantum level is less than that
needed to remove one of a pair of s electrons occupying the same
quantum level. This would indicate the possible existence of a + 1
oxidation state when only the p electron was removed. However, as
was seen in Chapter 4 several factors are involved in the stabilisation
of any oxidation state. It is found, in this case, that the stability of
the + 1 oxidation state increases regularly with increasing atomic
number from aluminium to thallium. being (so far) unknown for
boron but being generally the most stable oxidation statc lor



140 THE ELEMENTS OF GROUP lII

thallium. Unipositive compounds of aluminium,. gallium and indium
(unlike those of thallium which are stabilised because of insolubility)
disproportionate in water :

3IM* > M** +2M

The tendency of elements of higher atomic number to retain the s
electrons as an inert pair is also encountered in Group IV, and in
this case it is found that for lead the most stable oxidation state is
+ 2, achieved by loss of two p electrons.

COORDINATION NUMBER

Boron achieves a covalency of three by sharing its three outer
electrons, for example BF; (p. 153). By accepting an electron pair
from a donor molecule or ion, boron can achieve a noble gas con-
figuration whilst increasing its covalency to four, for example
H,N-BCl,. K"BF,. This is the maximum for boron and the
second quantum level is now complete ; these 4-coordinate species
are tetrahedral (p. 38).

Aluminium also has a strong tendency to achieve a noble gas
configuration by electron pair acceptance as shown in dimeric
aluminium chloride,

Cl Cl Cl
~ 7 N\ 7

Al Al
a” N\~ Ta
Cl

in the adduct Hy;N—AICl;. and in Li"AlIH, . in a similar manner
to boron. In the case of aluminium, however, the third quantum
level is not full since there are unfilled 3d orbitals available, and
aluminium is able to coordinate up to a maximum of six ligands
(molecules or ions) depending upon their size and shape, for example
[AIF,]°~. [Al(OH)s]°~. [AI(H,0)s]>*. The metal-ligand bonding
in these complexes may be partly ionic and partly covalent in nature.
Gallium, indium and thallium resemble aluminium and form
compounds with 3, 4 and 6 ligands. The increase in coordination
number, maximum between the first and second elements in a group,
is characteristic of Groups III to VII: but the maximum coordina-
tion (6) of the second element, in purely inorganic compounds, is
usually only seen with ligands that are small and electronegative,
for example H,0O, F~, OH™. Thus, owing to its greater size, there
are no corresponding stable compounds with the chloride ion, e.g.

aluminium forms [AICl,]~ but not [AICI ] .
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PROPERTIES OF THE ELEMENTS

OCCURRENCE AND EXTRACTION
Boron

Boron does not occur free in nature; in minerals, it occurs as
borates. for example. kernite. Na,B,0,.4H,0. and borax.
Na,B,0,.10H,0; there are extensive deposits of these in the USA.

Boron can be obtained by heating boron trioxide with magnesium :

B,O; + 3Mg — 2B + 3MgO

The boron so obtained is an amorphous powder. It can be obtained
in the crystalline state by reducing the vapour of boron tribromide
with hydrogen, either in an electric arc or in contact with an elec-
trically-heated tungsten filament :
2BBr; + 3H, — 2B + 6HBr{
Pure boron in the form of a thin film can also be obtained by
heating diborane to 1000 K :

B,H, — 2B + 3H,t

Amorphous boron has not been obtained in the pure state.
Crystalline boron is a black powder, extremely hard, with a metallic
appearance but with very low electrical conductivity.

Aluminium

Aluminium is not found free but its compounds are so widespread
that it is the most abundant metal in the earth’s crust. 4lumino-
silicates such as clay. kaolin (or china clay). mica and feldspar are
well known and widely distributed. The oxide. Al,O,;. occurs
(anhydrous) as corundum and emery. and (hydrated) as bauxite.
Cryolite. Na;AlF,. (sodium hexafluoroaluminate). is found exten-
sively in Greenland.

Aluminium is obtained on a large scale by the electrolysis of the
oxide. dissolved in fused cryolite. The oxide. occurring naturally as
bauxite, Al,05.2H,0, usually contains silica and iron(III) oxide as
impurities. These must be removed first, since aluminium, once
prepared. cannot be freed of other metals (which will be deposited
on electrolysis) by refining it. The crude oxide is dissolved under
pressure in caustic soda solution; the aluminium oxide and silica
dissolve and the iron(III) oxide is left :

ALO; + 20H™ + 7H,0 = 2[AOH),(H,0),]"
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From the sodium aluminate solution, aluminium hydroxide is
precipitated by passing in carbon dioxide :

2[AOH),(H,0),]" + H,0 + CO, - 2[AIOH)(H,0),]| + CO3}"

Alternatively. the solution is ‘seeded’ with a little previously prepared
aluminium hydroxide:

[AOH),(H,0),]” + H,0 = [AOH),(H,0),]| + OH".

The pure oxide is then obtained by heating the precipitated
hydroxide :

2Al(OH),(H,0); — ALO, + 6H,0

The pure oxide is dissolved in molten cryolite in an iron bath lined
with graphite which acts as the cathode (see Figure 7.1). The anode

+
Carbon anodes - / Carbon cathode

Solid crust of
electrolyte
Castiron

bath
7777777 Molten
Molten ™\ B —rrreorre=re electrolyte
aluminium (alumina in

cryolite)

Figure 7.1. Extraction of aluminium

consists of carbon rods suspended in the molten electrolyte. A low
voltage must be used to avoid decomposition of the cryolite, and
a very high current density is employed. (The proportion of the
cost of this process for electric power is high; hence it is usually
carried out where electric power is cheap and plentiful.) Molten
aluminium collects on the floor of the graphite-lined bath and is
run off at intervals, fresh alumina being added as required. The
temperature of the bath (1100-1200 K) is maintained by the passage
of the current. Oxygen is evolved at the anode, which is slowly
attacked to form oxides of carbon and a little carbon tetrafluoride,
CF,. may also be formed by slight electrolysis of the cryolite. A
promising alternative to graphite for the bath lining is silicon nitride,
Si,N, which is very resistant to molten aluminium and cryolite. It
is a non-conductor, and hence resistant cathodes made of titanium
diborate (TiB,) are used.

In a newer process. in which purification of the oxide is of much
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less importance. aluminium chloride vapour is passed through the
fused oxide at about 1300 K. when the following reaction occurs:

2A1,0, + 2AICI, - 6AICI + 30,

The aluminivm monochloride vapour is unstable when cooled and
disproportionates (p.77) below 1100 K thus:

JAICI - AICL, + 2Al

The aluminium trichloride is then re-cycled through the fused oxide.

Gallium, indium and thallium

Each of these elements can be extracted by reduction of the respec-
tive oxide at high temperature, using either carbon or hydrogen; or
by electrolysis of an aqueous solution of a salt of the required element.

REACTIONS OF THE ELEMENTS WITH ACIDS

Boron. being chemically a non-metal. is resistant to attack by non-
oxidising acids but the other members of the group react as typical
metals and evolve hydrogen. Aluminium, gallium and indium are
oxidised to the + 3 oxidation state, the simplified equation being

2M + 6HY - 2M** + 3H,
However, thallium is oxidised to the + 1 oxidation state:
2T1 + 2H* - 2T1" + H,

Strong oxidising acids. for example hot concentrated sulphuric acid
and nitric acid. attack finely divided boron to give boric acid H;CO,.
The metallic elements behave much as expected, the metal being
oxidised whilst the acid is reduced. Bulk aluminium, however, is
rendered ‘passive’ by both dilute and concentrated nitric acid and
no action occurs; the passivity is due to the formation of an im-
pervious oxide layer. Finely divided aluminium does dissolve slowly
when heated in concentrated nitric acid.

REACTIONS OF THE ELEMENTS WITH ALKALIS
(SODIUM HYDROXIDE)

Amorphous boron and the amphoteric elements, aluminium and
gallium, are attacked by aqueous solutions of sodium hydroxide and
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hydrogen is liberated. Boron reacts slowly with boiling concentrated
sodium hydroxide to give sodium polydioxoborate (metaborate)
Na, (BO3),. but both aluminium and gallium will react at room
temperature to produce hydroxo-aluminate and hydroxo-gallate
10ns respectively :

2Al + 2NaOH + 10H,0 — 2Na*[Al(OH),(H,0),]" + 3H,

The more metallic elements, indium and thallium, do not react in
spite of the fact that In(OH); is amphoteric.

REACTIONS OF THE ELEMENTS WITH WATER

Neither boron nor aluminium reacts with water at room tempera-
ture but both react with steam at red heat liberating hydrogen:

2B + 6H,0 - 2H,BO, + 3H,
2Al + 3H,0 — ALO, + 3H,

The electrode potential of aluminium would lead us to expect
attack by water. The inertness to water is due to the formation of
an unreactive layer of oxide on the metal surface. In the presence
of mercury, aluminium readily forms an amalgam (destroying the
original surface) which is. therefore. rapidly attacked bv water.
Since mercury can be readily displaced I[rom its soluble salts by
aluminium, contact with such salts must be avoided if rapid corro-
sion and weakening of aluminium structures is to be prevented.

In the absence of oxygen, gallium and indium are unaffected by
water. Thallium, the most metallic element in Group III, reacts
slowly with hot water and readily with steam to produce thallium(T)
oxide, T1,0.

REACTIONS OF THE ELEMENTS WITH AIR

Only thallium of the Group III elements is affected by air at room
temperature and thallium(II) oxide is slowly formed. All the
elements, however, burn in air when strongly heated and, with the
exception of gallium, form the oxide M,0; : gallium forms a mixed
oxide of composition GaQ. In addition to oxide formation, boron
and aluminium react at high temperature with the nitrogen in the
air to form nitrides (BN and AIN).
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COMPOUNDS OF BORON AND ALUMINIUM

HYDRIDES

Boron forms a whole series of hydrides. The simplest of these is
diborane, B,H¢. It may be prepared by the reduction of boron
trichloride in ether by lithium aluminium hydride. This is a general
method for the preparation of non-metallic hydrides:

4BCl, + 3LiAlH, — 2B,H, + 3LiCl + 3AICI,

Diborane has a geometric structure similar to that of dimeric alu-
minium chloride. namely

This is known as a ‘hydrogen-bridge’ structure. There are not
enough electrons to make all the dotted-line bonds electron-pairs
and hence it is an example of an electron-deficient compound. The
structure of diborane may be alternatively shown as drawn in
Figure 7.2(a) and (h).

H+
H L] L] * H
. . . H : : : H
B B /\B B\/
L] L ] L ] H
H * ;N * H H @
fa) (b)

Figure 7.2. The structure of diborane

All the available valency electrons, including those of the bridge
hydrogens, are used as shown in (a), leaving the bridge hydrogens
as protons, H*. The orbitals linking the boron atoms are not like
those in ethylene but form two banana-shaped ‘clouds’. as shown in
(b); and the protons are embedded in these ‘clouds’. (There is no
tendency for diborane to act as an acid by losing these protons, as
they are too firmly held.) Diborane is an inflammable gas which is
immediately decomposed by water :

B,H, + 6H,0 — 2H,BO, + 6H,

boric acid
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Borane, BH,

Borane does not exist as such. but a donor molecule can break up
diborane and form an adduct, thus:

B,H, + 2N(CH,); - 2(CH,);N - BH,

trimethylamine

In this case the covalency of boron is brought up to four because
the donor molecule supplies the necessary electrons. The adduct
formed, trimethylamine-borane, is a stable white solid. Other
compounds of a similar kind are known, all derived from the simple
structure H;N — BH;. This compound is isoelectronic with ethane,
i.e. it contains the same number of electrons and has the same shape:

H H HH
H:l_\.l—»B:H H:g:g:H
H H HH

ammonia-borine ethane

There are similar analogues to other aliphatic hydrocarbons, for
example H,N — BH,, which is isoelectronic with ethene, and a most
interesting compound called borazine, B;N;Hg, which possesses
physical properties remarkably like those of the aromatic analogue
benzene, C,H,. Borazine has, in fact, a ring structure like benzene :

H H

B C
Hl\‘l/ \WH Hc|/ \ﬁH
HB\ /BH HC\C/CH

H H
borazine benzene

There is the possibility of building up an extensive systematic
chemistry of compounds containing boron-nitrogen bonds, analog-
ous to the chemistry of carbon-carbon bonds; but the reactivity
of the B—N bond is much greater than that of the C—C bond, so
that we get physical. but not chemical. resemblances between
analogous compounds.

There is one other important way in which borane can be stabil-
ised. Diborane reacts with a suspension of lithium hydride in dry
ether thus

2LIH + B,H, — 2LiBH,
lithium tetrahvdridoborate
{borohydride)
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Here, the essential reaction is the formation of the tetrahydridoborate
ion and again the covalency of boron is brought up to four, i.e.:

H H, H H H]|"-
N N S .
2H: + B, 'B - 2 B
hydride ion H e \H,.' \H H W u
ie. 2H™ tetrahydridoborate ion

The alkali metal tetrahydridoborates are salts; those of sodium
and potassium are stable in agqueous solution, but yield hydrogen in
the presence of a catalyst. They are excellent reducing agents.
reducing for example ion(IIl) to iron(ll). and silver ions to the
metal ; their reducing power is used in organic chemistry, for example
to reduce aldehydes to alcohols. They can undergo metathetic
reactions to produce other borohydrides, for example

3LiBH, + AICL, ™ AKBH,), + 3LiCl

aluminium
tetrahydridoborate

Aluminium tetrahydridoborate is a volatile liquid. It is the most
volatile aluminium compound known. It is covalent and does not
contain ions but has a ‘hydrogen-bridge’ structure like that of
diborane, i.e. each boron atom is attached to the aluminium by two
hydrogen bridges:

H
N/
/B\
// N
H H
\\\ ///
/ﬁ_‘ —?L\—_— Ft\
/ /N \
H\/B___H H__—B\"’H
H H

Other boron hydrides are known, most of them having the general
formula B,H,,,. for example pentaborane, B;H, decaborane,
B,H,.. Each can be made by heating diborane in suitable condi-
tions; for example at 420 K, decaborane is obtained. Boron hydrides
have been tried as rocket fuels.

Aluminium hydride, (AIH,),

When lithium hydride is allowed to react with aluminium chloride
in ether solution, two reactions occur :
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3LiH + AICl; - AlH; + 3LiCl|

4LiH + AICl; » LiAlH, + 3LiCl]

In the absence of excess lithium hydride, aluminium hydride slowly
precipitates as a white polymer (AlH ). With excess lithium hydride,
the reaction :

AlH, + H™ - [AlH,]~

may be assumed to occur, forming lithium tetrahydridoaluminate
(aluminium hydride), which remains in solution. In both cases, the
aluminium increases its covalency. The extent of this increase is
unknown in the polymer (AlH,), (the structure of this compound
is not known with certainty but it is electron-deficient). In the tetra-
hedral ion [AIH,]~ the covalency has been increased to four.

Aluminium hydride loses hydrogen on heating. It reacts slowly
with diborane to give aluminium tetrahydridoborate:

2AlIHs), + 3nB,H, — 2nAl(BH,),

OXIDES AND HYDROXIDES

Boron trioxide, B,O; is the anhydride of boric acid, H;BO, and
can be prepared by heating the acid :

2H,BO, - B,0, + 3H,0

Boron trioxide is not particularly soluble in water but it slowly
dissolves to form both dioxo(HBO,)(meta) and trioxo(H;BO,)
(ortho) boric acids. It is a dimorphous oxide and exists as either a
glassy or a crystalline solid. Boron trioxide is an acidic oxide and
combines with metal oxides and hydroxides to form borates, some
of which have characteristic colours—a fact utilised in analysis as
the *borax bead test’. cf. alumina p. 150. Boric acid. H,BO,. properly
called trioxoboric acid, may be prepared by adding excess hydro-
chloric or sulphuric acid to a hot saturated solution of borax,
sodium heptaoxotetraborate, Na,B,0,, when the only moderately
soluble boric acid separates as white flaky crystals on cooling. Boric
acid is a very weak monobasic acid ; it is, in fact, a Lewis acid since
its acidity is due to an initial acceptance of a lone pair of electrons
from water rather than direct proton donation as in the case of
Lowry-Brensted acids, i.e.
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H H
0 0

HO: B + 2H,0 — | HO ;B OH | + H,0*
o) 0
H H

In the presence of glycerol or mannitol (polyhydroxo compounds)
boric acid behaves as a much stronger acid; the reaction can be
represented as:

B
| 4—0/ \oxA

+ H,0" + 2H,0

The acid can then be titrated with sodium hydroxide using phenol-
phthalein as the indicator. Boric acid was known as ‘boracic acid’
and was used extensively as a mild antiseptic. Borates are rarely
simple salts although a few salts of formula MBO, (where M is a
trivalent metal) are known. More commonly, the ‘borate’ anion is
built up of BO; units into chains, rings or sheets, just as silicates
are built up from units of the group SiO,. Sodium heptaoxo-
tetraborate (borax) Na,B,0-,.10H,0 is alkaline in solution since
it is hydrolysed. It can be titrated against hydrochloric acid using
methyl red as the indicator:

B,O?" + 2H* + 5H,0 — 4H,BO,

Borax is used in the production of pyrex glass. ceramics. as a flux
in soldering and welding. and in laundering to impart a glaze to
linen.

Sodium ‘perborate’ NaBO, .H,0,.3H,0, or more correctly sodium
dioxoborate peroxohydrate, is an important additive to washing
powders, behaving in water like a mixture of sodium borate and
hydrogen peroxide (a mild bleach). It is manufactured by treating
a solution of borax with sndium peroxide followed by hydrogen
peroxide or by the electrolysis of a solution containing borax and
sodium borate with platinum electrodes.
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Aluminium oxide, alumina Al,O,

Aluminium oxide occurs naturally as emery (an impure form) and
as corundum. Corundum is a crystalline form which may be coloured
by traces of impurity, for example as ruby (red) and sapphire (blue).
Small synthetic Tubies and sapphires have been made by heating
alumina with the colouring oxide in an oxy-hydrogen flame.
Aluminium oxide may be prepared in the laboratory by heating
the hydroxide (p. 151) or by heating powdered aluminium in air,
when the oxide is formed together with some nitride. The reaction :

4Al + 30, — 2Al,0,

is strongly exothermic and aluminium can be used to reduce some
other metallic oxides to the metal. for example manganese. chromium
and iron:

FCZO3 + 2Al - 2Fe + A1203

Reduction by aluminium has been used to produce molten iron in
situ for welding steel and as a method of extracting metals.

Aluminium oxide is a white solid, insoluble in water, with a very
high melting point. If heated above red heat. it becomes insoluble
in acids and alkalis, and can only be brought into solution by first
fusing it with sodium or potassium hydroxide when an aluminate
is formed.

Alumina exists in several different crystalline forms. These have
different capacities for adsorbing other substances on to the surface.
from solution. If a mixture of coloured organic substances in solution
is passed through a vertical glass tube packed with powdered
alumina, the various substances separate out as coloured zones
along the tube, and are thereby separated. Chlorophyll can be
separated into its four constituents by this method. This was an
early example of chromatography. Alumina refractories containing
more than 459% Al,0; have high resistance to abrasion and attack
by acids and are being used where ability to withstand high tem-
peratures is essential. They have a working range up to 2000 K.

Aluminium hydroxide

A white gelatinous precipitate of aluminium hydroxide is obtained
when an alkali is added to an aqueous solution of an aluminium’
salt. Addition of an excess of caustic alkali causes the precipitate to
redissolve. the whole process being reversed by the addition of a
strong acid : the actual substance present at any time depending on
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the position of the equilibrium. The equilibria involved have been
discussed on p. 45; essentially they involve the species

[AlH,0),]*" ... [A(OH);(H,0)3] ... [A(OH), ]~

alkali
acid

Therefore, when an anhydrous aluminium salt is dissolved in water
initially, the octahedral ion [Al(H,0),]>"* is formed by hydration
of the Al " ion. However, since some hydrolysis occurs, the solution
will contain H;0™ and be acidic. Addition of any molecule or ion
which removes H;O™ for example alkali. or even sodium carbonate:
will cause the equilibrium to be displaced to the right and hydrated
aluminium hydroxide is precipitated.

H30+ + CO‘%’_ i H20 + COZ

Addition of an excess of alkali displaces the equilibrium further
and finally the hexahydroxoaluminate(IIl) ion [AKOH)¢]>~ is
formed. Addition of H;O™ causes the displacement of equilibrium
to the left.

On standing, gelatinous aluminium hydroxide, which may initially
have even more water occluded than indicated above. is converted
into a form insoluble in both acids and alkalis. which is probably a
hydrated form of the oxide Al,O;. Both forms. however. have strong
adsorptive power and will adsorb dyes. a property long used by the
textile trade to dye rayon. The cloth is first impregnated with an
aluminium salt (for example sulphate or acetate) when addition of a
little alkali. such as sodium carbonate. causes aluminium hydroxide
to deposit in the pores of the material. The presence of this
aluminium hydroxide in the cloth helps the dye to ‘bite’ by ad
sorbing it-——hence the name mordant (l.atin mordere = to bite) dye
process.

Sheet aluminium can be given a colour by a similar process. The
aluminium is first made the anode in a bath of ‘chromic acid’ (p. 377)
when, instead of oxygen being evolved, the aluminium becomes
coated with a very adherent film of aluminium oxide which is very
adsorbent. If a dye is added to the bath the oxide film is coloured,
this colour being incorporated in a film which also makes the remain-
ing aluminium resistant to corrosion. This process is called ‘anodis-
ing’ aluminium.

Salts containing the hydroxoaluminate ions [Al(OH),(H,0),]”
and [A(OH)¢]*~ are known in solution but on heating they behave
rather like aluminium hydroxide and form hydrated aluminates.
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The structure of these solid compounds is not known with certainty
but an approximate formula might be NaAlO,.xH,0. Many
aluminates occur in minerals, for example the spinels of general
formula M*(AlO,), where M may be Mg, Zn or Fe: these have a
mixed oxide structure. i.e. consist essentially of M?™. Al*™ and O*~
ions.

THE HALIDES

Boron and aluminium halides show many similarities but also
surprising differences. Table 7.2 gives the melting and boiling points
of the MX; halides.

Table 7.2
M.P. AND B.P. OF BORON AND ALUMINIUM HALIDES

m.p. (K) b.p.(K)
Halide
boron aluminium boron aluminium
Fluoride 144 1530 (sublimes) 174 1530 (sublimes)
Chloride 166 453 (2 atm.) 285 453 (sublimes)
Bromide 227 371 364 528
Todide 323 453 483 654

Boron halides are all covalently bonded with melting and boiling
points increasing as expected with the increasing molecular weight.
All boron trihalides exist as monomers in the vapour state and have
regular trigonal planar configurations. They are electron-deficient
compounds since in each halide the boron atom has only six
electrons in its second quantum level and consequently they are
electron pair acceptor molecules, i.e. Lewis acids. The ready hydro-
lysis of all the boron halides probably begins with the formation of
a coordination compound with water, the oxygen atom donating a
pair of electrons; this is rapidly followed by loss of hydrogen
chloride. this process continuing to give finally B(OH),. i.e. boric acid.

Cl Cl H Cl OH, Cl
N/ / N _/ |
B +0 -~ B — B
| AN 7\ VRN
Cl H Cl Cl Cl OH

+ HCl
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The melting and boiling points of the aluminium halides, in
contrast to the boron compounds, are irregular. It might reasonably
be expected that aluminium, being a more metallic element than
boron, would form an ionic fluoride and indeed the fact that it
remains solid until 1564 K. when it sublimes. would tend to confirm
this, although it should not be concluded that the fluoride is, there-
fore, wholly ionic. The crystal structure is such that each aluminium
has a coordination number of six, being surrounded by six fluoride
ions.

All the other aluminium halides are covalently bonded with
aluminium showing a coordination number of four towards these
larger halogen atoms. The four halogen atoms arrange themselves
approximately tetrahedrally around the aluminium and dimeric
molecules are produced with the configuration given below :

X X X
\Al/ \Al/ X = hal
= halogen atom

These molecules exist in the solid halides, explaining the low melting
points of these halides, and also in the vapour phase at temperatures
not too far above the boiling point. At higher temperatures, how-
ever, dissociation into trigonal planar monomers, analogous to the
boron halides, occurs.

The monomers are electron pair acceptors, and donor molecules
are often able to split the dimeric halide molecules to form adducts;
thus, whilst the dimeric halides persist in solvents such as benzene,
donor solvents such as pyridine and ether appear to contain mono-
mers since adduct formation occurs. Aluminium halides, with the
one exception of the fluoride, resemble the corresponding boron
halides in that they are readily hydrolysed by water.

Fluorides

Boron trifluoride is a colourless, reactive gas which can be prepared
by heating boron trioxide and fluorspar with concentrated sulphuric
acid,

B,0; + 3CaF, + 3H,SO, - 2BF, + 3CaSO, + 3H,0
or by the direct combination of the elements. The gas must be
collected and kept under rigorously dry conditions ; it fumes in moist

air and reacts vigorously with water forming boric acid and tetra-
fluoroboric acid. H*BF :
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4BF, + 6H,0 - 3H,0* + 3BF; + H;BO,

The BF, ion has a regular tetrahedral configuration. The most
important property of boron trifluoride is its great capacity to act
as an electron pair acceptor (Lewis acid). Some examples of adducts

are:
CZHS

H,N-BF,. O-BF,. H,S~BF,
C,H;

In each case the configuration around the boron changes from
trigonal planar to tetrahedral on adduct formation. Because of this
ability to form additional compounds, boron trifluoride is an im-
portant catalyst and is used in many organic reactions, notably
polymerisation. esterification, and Friedel-Crafts acylation and
alkylations.

Aluminium fluoride is a white solid which sublimes without melting
at 1530 K. Like boron trifluoride, it can be prepared by the direct
combination of the elements but it can also be prepared by reacting
aluminium hydroxide with gaseous hydrogen fluoride. Aluminium
fluoride is chemically unreactive ; it does not react with cold water,
in which it is only sparingly soluble, and it is attacked only slowly
even by fused potassium hydroxide. Hydrofluoric acid dissolves it
forming the octahedral hexafluoroaluminate ion. [AIF,]°~. The
sodium salt of this ion, Na;AlF, occurs naturally as cryolite (p. 141)
but in insufficient quantities to meet the demand for it. It is produced
industrially in large quantities by the action of hydrogen fluoride
on sodium aluminate:

12HF + ALO,.3H,0 + 6NaOH - 2Na,AlF, + [2H,0

Chlorides

Both boron and aluminium chlorides can be prepared by the direct
combination of the elements. Boron trichloride can also be prepared
by passing chlorine gas over a strongly heated mixture of boron
trioxide and carbon. Like boron trifluoride. this is a covalent com-
pound and a gas at ordinary temperature and pressure (boiling point
285 K). It reacts vigorously with water, the mechanism probably
involving initial co-ordination of a water molecule (p. 152). and
hydrochloric acid is obtained :

BCl, + 3H,0 — H,BO, + 3HCI
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It forms an ion BCl; only under special circumstances, and never
in aqueous solutions (cf. BF ;). Like the trifluoride, it is an electron
pair acceptor, but the adducts formed tend to decompose more
readily. Unlike the corresponding aluminium chloride, boron
trichloride exists only as the monomer.

Aluminium chloride can be prepared not only by the direct com-
bination of the elements but also by the passage of dry hydrogen
chloride over heated aluminium :

2Al + 3Cl, - ALCl,
2Al + 6HCI — AL,Cl, + 3H,

Pure anhydrous aluminium chloride is a white solid at room
temperature. It is composed of double molecules in which a chlorine
atom attached to one aluminium atom donates a pair of electrons
to the neighbouring aluminium atom thus giving each aluminium
the electronic configuration of a noble gas. By doing so each
aluminium takes up an approximately tetrahedral arrangement
(p. 41). It is not surprising that electron pair donors are able to
split the dimer to form adducts, and ether, for example, forms the
adduct,

CZHS
AN
/O—»AlCl 3
C.H;
in which aluminium again has a noble gas electronic configuration
and tetrahedral symmetry.

When heated above 673 K the dimer, Al,Cl,, begins to dissociate
into the monomer in which the aluminium has a regular trigonal
planar configuration.

Aluminium chloride is used extensively in organic chemistry as a
catalyst, for example in the Friedel-Crafts reaction:

C¢H, + C,H,Cl L C,H,C,H, + HCI

It is believed that an intermediate complex ion [AIC], ]~ is formed

thus
C,H;Cl + AICl; = C,HS + AICl;
The C,H7I is a carbonium ion (cf. ammonium NHJ) and reacts
with the benzene:
C,H¢; + C,H? - CgHC,Hs; + H
and then hydrogen chloride and aluminium chloride are formed:
H* + AICl, - HCIl + AICl,
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Bromides and iodides

The tribromide and triodide of both boron and aluminium can be
made by the direct combination of the elements although better
methods are known for each halide. The properties of each halide
closely resemble that of the chloride.

Both aluminium tribromide and triodide are dimeric in the solid
state. As expected the solids dissolve in non-polar solvents without
the break-up of these dimeric units.

Nitrides

When boron and aluminium burn in air small quantities of nitride
are formed.

Boron nitride can be prepared by allowing ammonia to react
with boron trichloride. The first product is boron amide which
decomposes on heating to give the nitride:

BCl, + 6NH, - B(NH,), + 3NH,CI

boron amide

B(NH,); —» BN + 2NH,1

Boron nitride is chemically unreactive, and can be melted at 3000 K
by heating under pressure. It is a covalent compound, but the lack
of volatility is due to the formation of ‘giant molecules’ as in graphite
or diamond (p. 163). The bond B—N is isoelectronic with C—C.

By subjecting boron nitride (a white powder) to high pressure and
temperature small crystals of a substance harder than diamond,
known as borazon, are obtained. This pressure-temperature treat-
ment changes the structure from the original graphite-like ‘layer’
structure (p. 163) to a diamond-like structure; this hard form can
withstand temperatures up to 2000 K.

Aluminium nitride can also be prepared by heating a mixture of
aluminium oxide and carbon in nitrogen in an electric arc furnace:

ALO, + N, + 3C - 2AIN + 3CO

It is stable up to 2000 K and melts under pressure at 2500 K. The
crystal structure of aluminium nitride resembles that of boron
nitride and diamond, but unlike both of these it is rapidly and
exothermically hydrolysed by cold water:
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OTHER COMPOUNDS

Alums

These are double salts which have the general formula
M'M"(SO,), .12H,0

where M! may be an alkali metal or ammonium, and M may be
aluminium, chromium, iron, manganese, cobalt and others in
oxidation state + 3. ‘Alum’is KAI(SO,), . 12H,0. They are double
salts, not complex salts, ie. they contain the ions (for example)
K*, [Al(H,0)¢]’* and SO2Z".

USES OF BORON AND ALUMINIUM

Many of the uses of boron and aluminium compounds have already
been discussed. The elements and a number of other compounds
also have important applications.

Boron

Metal borides. for example those of molybdenum and titanium. are
being increasingly used in aircraft, space craft, and high speed metal
cutting tools. These borides are extremely hard and can withstand
high temperatures. The element boron is a good neutron absorber
and is used for shielding and in control rods for nuclear reactors. Its
burning characteristics lead to its use in flares.

Aluminium

Industrial apparatus and many domestic articles (for example pans
and kettles) are made from aluminium. Aluminium powder is used in
anti-corrosion paints and in explosives (for example ammonal).
Weight for weight, aluminium is a better electrical conductor than
copper, so that wires may be made from it. It is used in overhead
cables—aluminium wires being twisted round steel wires, the latter
giving greater mechanical strength. Aluminium foil is now often
used instead of tin foil for wrapping foodstuffs. Aluminium deposited
from the vapour on to glass can form excellent mirrors which do not
tarnish. Aluminium alloys are used extensively in the aircraft and
motor industries. for example as duralumin and magnalium.
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Gallium, indium, thallium

Intermetallic compounds with gallium are used as semiconductors.
Indium is used to coat other metals to protect against corrosion,
especially in engine bearings; it is also a constituent of low-metal
alloys used in safety sprinklers. The toxicity of thallium compounds
has limited the use of the metal. but it does find use as a constituent
of high-endurance alloys for bearings.

TESTS FOR BORON AND ALUMINIUM

Boron

Volatile boron compounds burn with a green flame. Ifa solid borate
is mixed with methanol and concentrated sulphuric acid. the
volatile compound boron trimethoxide, B(OCH,);, is formed and
ignition of the alcohol therefore produces a green flame:

3CH3OH + H3BO3 d B(OCH3)3 + 3H20

(The water formed is taken up by the concentrated sulphuric acid.)

Aluminium

(1) Addition of ammonium hydroxide to a solution of an alu-
minium salt gives a white gelatinous precipitate of aluminium
hydroxide, AI(OH),, insoluble in excess. Sodium hydroxide gives
the same precipitate, but in this case, it does dissolve in excess.

(2) Addition of ammonium hydroxide to an aluminium salt in
solution in presence of alizarin, gives a pink precipitate.

QUESTIONS

1. The properties of the head element of a main group in the
periodic table resemble those of the second element in the next
group. Discuss this ‘diagonal relationship’ with particular reference
to (a) lithium and magnesium, (b) beryllium and aluminium.

(Lverpool B.Sc., Part 1)

2. Outline the extraction of pure aluminium from bauxite. (Details
of the purification of the bauxite are not required.)
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(a) Magnesium chloride is a high melting-point solid, aluminium
chloride is a solid which sublimes readily at about 480 K, and
silicon tetrachloride is a volatile liquid. Explain the nature of
the chemical bonding in these chlorides and show how this
accounts for the above differences in volatility.

(b) Explain why the freezing point of an aqueous solution of
sodium hydroxide is unchanged when aluminium oxide is
dissolved in the solution.

(€. A

3. Describe the laboratory preparation, from aluminium, of (a)
anhydrous aluminium chloride, (b) potassium aluminium sulphate
dodecahydrate.

Why is potassium aluminium sulphate not soluble in benzene? A
compound M has the composition C = 50.0%; H = 12.5%;
Al = 37.5%. 0.360 g of M reacts with an excess of water to evolve
0.3361 of gas N and leave a white gelatinous precipitate R. R
dissolves in aqueous sodium hydroxide and in hydrochloric acid.
20 cm?® of N require 40 cm® of oxygen for complete combustion,
carbon dioxide and water being the only products. Identify com-
pounds N and R, suggest a structural formula for M, and write an
equation for the reaction of M with water. (All gas volumes were
measured at s.t.p.)

[H=10; C=120; O =160; Al = 27.0; molar volume of a
gas = 2241l at s.t.p.]
(€. A)
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Group IV

(Carbon, silicon, germanium, tin, lead)

INTRODUCTION
SUMMARY OF GENERAL CHARACTERISTICS

In this group the outer quantum level has a full s level and two
electrons in the corresponding p level. As the size of the atom
increases the ionisation energy changes (see Table 8.I) and these
changes are reflected in the gradual change from a typical non-
metallic element, carbon, to the weakly metallic element, lead.
Hence the oxides of carbon and silicon are acidic whilst those of tin
and lead are amphoteric.

OXIDATION STATES
Gain of electrons

Only the carbon atom can gain four electrons; this only happens
when it is combined with extremely electropositive elements and
this state may be regarded as exceptional. Bonding in carbides is
almost invariably predominantly covalent.

Loss of electrons

The oxidation state +4 involves both the s and p electrons. The

oxidation state +2, involving only the p electrons, becomes in-

creasingly important with increasing atomic size. and the (wo »
160
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electrons are retained as an inert pair. There are no stable com-
pounds of carbon and silicon in this +2 oxidation state; it is
uncommon (and strongly reducing) in germanium, less strongly
reducing and commonly found in tin and it is the most stable
oxidation state for lead. Only tin and lead are capable of forming
+ 2 ions which occur both in the solid state and in solution, where
the ions are stabilised by solvation.

The oxidation state +4 is predominantly covalent and the
stability of compounds with this oxidation state generally decreases
with increasing atomic size (Figure 8.1). It is the most stable oxida-
tion state for silicon, germanium and tin, but for lead the oxidation
state +4 is found to be less stable than oxidation state +2 and
hence lead(IV) compounds have oxidising properties (for example,
see p. 194).

450
400

350

Element-chlorine
7

\\E\Element-hydrogen

Element-bromine \'~o

300
250+

2001
Element - element
e

Meon thermochemicol bond energy, kd mol™

| !

o ) 0 7 80
c 9si 0 0% Vg, 0 70 Pb

Atomic number

Figure 8.1. Mean thermochemical bond energies for representative bonds in Group IV
compounds

a
o

The concept of oxidation states is best applied only to germanium,
tin and lead, for the chemistry of carbon and silicon is almost
wholly defined in terms of covalency with the carbon and silicon
atoms sharing all their four outer quantum level electrons. These
are often tetrahedrally arranged around the central atom. There are
compounds of carbon in which the valency appears to be less than
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four but, with the exception of carbon monoxide, double or triple
bonds are formed in such a way as to make the covalency of carbon
always four. The exceptional structure of carbon monoxide makes
the molecule an electron donor (pp. 178. 179). Silicondoes not form
equivalent double- or triple-bonded molecules.

Silicon, germanium, tin and lead can make use of unfilled d
orbitals to expand their covalency beyond four and each of these
elements is able (but only with a few ligands) to increase its covalency
to six. Hence silicon in oxidation state +4 forms the octahedral
hexafluorosilicate complex ion [SiF4]*~ (but not [SiCI]*7). Tin
and lead in oxidation state +4 form the hexahydroxo complex ions,
hexahydroxostannate(IV). [Sn(OH),]*~ and hexahydroxoplum-
bate(IV) respectively when excess alkali is added to an aqueous
solution containing hydrated tin(IV) and lead(IV) ions.

Carbon, however, is unable to form similar complexes since the
energy required to promote electrons to the next higher energy
level, the 3s, is too great (or since carbon has no available d orbitals
in its outer quantum level).

OCCURRENCE AND EXTRACTION OF THE ELEMENTS
CARBON

Pure carbon occurs naturally in two modifications. diamond and
graphite. In both these forms the carbon atoms are linked by
covalent bonds to give giant molecules (Figure 8.2).

(a)

Figure 8.2. (a) Carbon symmetry -—tetrahedral (sp*): C--C bond length 154 nm.
(by Carbon symmetry trigonal planar (sp*): C C bond lengils 4.2 nm; interplanar
distance 33.5 nm
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Diamonds

Diamonds are found in South Africa, India, South America and
Russia. The largest ever found was the Cullinan diamond which
weighed about 600 g. The structure is as shown in Figure 8.2. (There
are four possible crystalline arrangements all of which are found to
occur naturally) The interatomic bonds are very strong (mean
thermochemical bond energy 356 kJmol™!'). This high bond
strength is reflected in the great hardness and high melting point of
diamond. Diamond also has a high refractive index and is the
densest form of carbon (density 3.5gcm™?). The many uses of
diamond are largely dependent on its great hardness, for example
for cutting and grinding.

Very small synthetic diamonds have been made industrially by
subjecting graphite to pressures in the range 5.5-6.9 GNm™2, at
temperatures between 1500 and 2700 K. The diamonds produced
are very small but competitive with natural diamonds for use in
industrial cutting and grinding wheels.

Graphite

Graphite occurs naturally in Ceylon, Germany and the USA. It was
formerly mined in Cumberland. Its name (Greek, grapho = 1 write)
indicates its use in ‘lead’ pencils. The structure of graphite is indi-
cated in Figure 8.2. Each carbon atom is joined to three others by
six bonds, the arrangement being trigonal planar. The remaining
electron on each carbon atom is in a p orbital. A sideways overlap
of these orbitals occurs to give a delocalised n bond. It is this second
bond which reduces the C—C bond distance in graphite compared
with that found in diamond. The delocalised n bond readily explains
the conductivity and colour of graphite, properties absent in
diamond which has no such delocalised bonding. The planes of
carbon atoms are held together by van der Waal’s forces which are
much weaker than either ¢ or = bonding and allow the planes to
slide over each other. Graphite is consequently anisotropic and
much research has been carried out in attempts to produce large
single crystals. Graphite manufactured on a large scale by the
Acheson process, in which coke containing a little silica is heated in
an electric furnace in the absence of air for many hours, does not
produce large crystals. Single crystals of graphite, almost free from
defects, have been produced by striking an electric arc between
carbon rods. These ‘whiskers’ have very high tensile strength along
the planes of carbon atoms but are very brittle.

So-called ‘carbon fibres’ have been produced by the controlled
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thermal degradation of certain acrylic textile fibres. The basic
molecular orientation of the carbon atoms in the original fibre is
retained. Plastics reinforced with carbon fibres are light in weight
but have great strength, properties making them valuable to many
industries and to the aero industry in particular.

A process in which hydrocarbons are heated above 2300 K gives
a material called pyrographite. This has properties indicating con-
siderable ordering of the graphite crystals present. The thermal
conductivity along the planes of carbon atoms is almost 100 times
that at right angles to the planes, a property which makes the
material valuable in rocket nose cones where rapid conduction from
the hot zone is required and low conduction through to the interior.
Electric conductance along the planes is 1000 times that found at
right angles to the planes.

Amorphous carbon

In addition to diamond and graphite, carbon appears to exist in a
number of other forms, collectively called amorphous carbon. Four
common examples are coke, animal charcoal, lampblack and sugar
carbon which can be prepared by heating coal, bones, oil and sugar
respectively in the virtual absence of air. X-ray diffraction studies
indicate that these and nearly all other forms of amorphous carbon
are in fact microcrystalline graphite. Truly amorphous carbon,
which gives random X-ray scattering, can be prepared by the low
temperature decomposition of hexaiodobenzene, C¢l,.

Charcoal and lampblack have enormous surface areas for a small
volume of sample, and are able to adsorb large amounts of gas or
liquid. The effectiveness of the carbon can be greatly increased by
heating the sample in a stream of steam to 1100-1300 K when
impurities adsorbed during the initial preparation are driven off.
This ‘activated’ charcoal has particularly good adsorption proper-
ties and is used as a catalyst. Lampblack is used in making printing
ink, pigments and as a filler for rubber to be used in tyres.

SILICON

After oxygen. silicon is the most abundant element in the earth’s
crust, It occurs extensively as the oxide, silica. in various forms, for
example, flint, quartz, sand, and as silicates in rocks and clays, but
not as the free element, silicon. Silicon is prepared by reduction of
silica, SiO,. Powdered ‘amorphous’ silicon can be obtained by
heating dry powdered silica with either powdered magnesium or a
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mixture of powdered aluminium and sulphur (this supplies addi-
tional heat). After the reaction has ceased, magnesium (or alu-
minium) oxide and any unchanged silica is removed by washing with
hydrofluoric acid in a polythene vessel :

Si0, + 2Mg — 2MgO + Si

(If an excess of magnesium is used, magnesium silicide, Mg,Si, is
also produced.) The silicon obtained is a light brown hygroscopic
powder. Crystalline or ‘metallic’ silicon is obtained industrially by
the reduction of silica with carbon in an electric arc furnace :

8i0, + 2C - 2CO + Si

The formation of silicon carbide, SiC {carborundum), is prevented
by the addition of a little iron; as much of the silicon is added to
steel to increase its resistance to attack by acids, the presence of a
trace of iron does not matter. (Addition of silicon to bronze is found
to increase both the strength and the hardness of the bronze.)
Silicon is also manufactured by the reaction between silicon tetra-
chloride and zinc at 1300 K and by the reduction of trichlorosilane
with hydrogen.

Crystalline silicon has the tetrahedral diamond arrangement, but
since the mean thermochemical bond strength between the silicon
atoms is less than that found between carbon atoms (Si—Si,
226 kI mol™ ', C—C, 356kJ mol™!), silicon does not possess the
great hardness found in diamond. Amorphous silicon (silicon
powder) is microcrystalline silicon.

GERMANIUM

Germanium is a greyish-white, brittle solid, obtained by reducing
the dioxide, GeO,. with hydrogen or carbon at red heat. Germanium
is a rare element found in trace quantities in coke obtained from
bituminous coal. When this coke is burnt, germanium dioxide,
together with many other metal oxides, is deposited in the flue. The
extraction of germanium dioxide from this mixture is a complex
process. Impure germanium and silicon are both purified by zone
refining and both can be obtained in a very high purity, for example
silicon pure to one part in 10'° can be obtained*. Germanium, like

* Silicon and germanium are now used extensively in semi-conductors: for this
purpose, extreme initial purity is needed. since the desired semi-conducting properties
are conferred by the introduction of only a few parts per million of either a Group I11
element (for example indium). giving rise to a “deficiency” of clectrons in the silicon
or germanium crystal, or a Group V element (for example arsenic) giving a “surplus’
of electrons.
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silicon. crystallises with a diamond structure. the mean thermo-
chemical bond strength being Ge—Ge, 188 kJ mol !.

TIN

The common ore of tin is tinstone or cassiterite. SnQ,, found in
Cornwall and in Germany and other countries. The price of tin has
risen so sharply in recent years that previously disregarded deposits
in Cornwall are now being re-examined. Tin is obtained from the
tin dioxide, SnO,, by reducing it with coal in a reverbatory furnace:

SnO, + 2C — 2CO1

Before this treatment, the cassiterite content of the ore is increased
by removing impurities such as clay, by washing and by roasting
which drives off oxides of arsenic and sulphur. The crude tin obtained
is often contaminated with iron and other metals. It is, therefore,
remelted on an inclined hearth; the easily fusible tin melts away,
leaving behind the less fusible impurities. The molten tin is finally
stirred to bring it into intimate contact with air. Any remaining
metal impurities are thereby oxidised to form a scum (‘tin dross’) on
the surface and this can be skimmed off. Very pure tin can be
obtained by zone refining.

Tin exists in three different forms (allotropes). ‘Grey tin” has a
diamond structure, a density of 5.75gcm™* and is stable below
286 K. “White tin’ exists as tetragonal crystals, has a density of
731 gcm™? and is stable between 286 and 434 K. Between 434 K
and the melting point of tin, 505 K, tin has a rhombic structure,

hence the name ‘rhombic tin’, and a density of 6.56 g cm ™3,

LEAD

The principal ore of lead is galena, PbS. Although there are some
galena deposits in Great Britain. much of this country’s requirements
must be imported. In the extraction of lead, the sulphide ore is first
roasted together with quartz in a current of air:

2PbS + 30, — 2PbO + 2SO0,

Any lead(II) sulphate formed in this process is converted to lead(1I)
silicate by reaction with the quartz. The oxide produced is then
mixed with limestone and coke and heated in a blast furnace. The
following reactions occur :
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PbO + C > Pb + CO1
PbO + CO - Pb + CO,1
PbSiO; + CaO + CO — Pb + CaSiO; + CO,1

The last equation explains the function of the limestone. An older
process, in which the ore was partially roasted, the air shut off and
the temperature raised so that excess sulphide reacted with the oxide
produced to give lead, is now obsolete.

Crude lead contains traces of a number of metals. The desilvering
of lead is considered later under silver (Chapter 14). Other metallic
impurities are removed by remelting under controlled conditions
when arsenic and antimony form a scum of lead(II) arsenate and
antimonate on the surface while copper forms an infusible alloy
which also takes up any sulphur, and also appears on the surface.
The removal of bismuth, a valuable by-product, from lead is
accomplished by making the crude lead the anode in an electrolytic
bath consisting of a solution of lead in fluorosilicic acid. Gelatin is
added so that a smooth coherent deposit of lead is obtained on the
pure lead cathode when the current is passed. The impurities here
(i.e. all other metals) form a sludge in the electrolytic bath and are
not deposited on the cathode.

Lead has only one form, a cubic metallic lattice. Thus we can see
the change from non-metal to metal in the physical structure of
these elements, occurring with increasing atomic weight of the ele-
ments carbon, silicon, germanium, tin and lead.

TYPICAL REACTIONS OF THE ELEMENTS
1. THE REACTIONS WITH ACIDS
Carbon

Dilute acids have no effect on any form of carbon, and diamond is
resistant to attack by concentrated acids at room temperature, but
is oxidised by both concentrated sulphuric and concentrated nitric
acid at about 500 K, when an additional oxidising agent is present.
Carbon dioxide is produced and the acids are reduced to gaseous
oxides:

C + 4HNO, - CO, + 2H,0 + 4NO,
C + 2stO4 - C02 —+ 2H20 + 2802

Graphite reacts rather differently with mixtures of oxidising agents
and concentrated oxoacids. A ‘graphite oxide’is formed ; the graphite
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swells because oxygen atoms become attached to some of the carbon
atoms in the rings and distend the layer structure. ‘Graphite oxide’
is rather indefinite in composition. With concentrated sulphuric acid
and an oxidising agent a blue solution called "graphite hydrogen
sulphate’ is formed; this has an approximate formula (C,) *HSO, .
2H,SO,*

Amorphous carbon, having a far greater effective surface area
than either diamond or graphite, is the most reactive form of carbon.
It reacts with both hot concentrated sulphuric and hot concentrated
nitric acids in the absence of additional oxidising agents but is not
attacked by hydrochloric acid.

Silicon

Silicon, like carbon, is unaffected by dilute acids. Powdered silicon
dissolves incompletely in concentrated nitric acid to give insoluble
silicon dioxide, Si0,:

3Si + 4HNO, - 3Si0, + 4NO + 2H,0

Germanium

The gradual increase in electropositive character down the group
is clearly shown in that, unlike both carbon and silicon, germanium
very readily dissolves in both concentrated nitric and sulphuric
acids; the hydrated germanium(IV) oxide is produced:

3Ge + 4HNO,; — 3GeO, + 4NO + 2H,0

Germanium, however, does not react with either dilute sulphuric or
dilute hydrochloric acid, unlike tin, the next element in the group.

Tin

Tin slowly dissolves in dilute hydrochloric, nitric and sulphuric
acids, and is in fact the only Group IV element to do so. The reac-
tions with more concentrated acid are rapid. With hydrochloric acid.

* Graphite reacts with alkali metals, for example potassium, to form compounds
which are non-stoichiometric but which all have limiting compositions (for example
K,O); in these, the alkali metal atoms are intercalated between the layers of carbon
atoms. In the preparation of fluorine by electrolysis of a molten fluoride with graphite
electrodes the solid compound (CF),, polycarbon fluoride is formed, with fluorine on
each carbon atom. causing puckering of the rings.
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tin gives a solution of tin(II) chloride, there being no further oxida-
tion to the + 4 oxidation state:

Sn 4+ 2HCl—- SnCl, + H,T

Concentrated nitric acid, however, is an oxidising agent and tin
reacts to give hydrated tin(IV) oxide in a partly precipitated, partly
colloidal form, together with a small amount of tin(II) nitrate,
Sn(NO,;),:

Sn + 4HNO, - SnO,| + 4NO, + 2H,0

A similar oxidation reaction occurs with concentrated sulphuric
acid but in this case hydrated tin{IV) ions remain in solution:

Sn + 4H,S0, — Sn(SO,), + 4H,0 + 250,1

Lead

Lead reacts only briefly with dilute hydrochloric and sulphuric acids
for both lead(Il) chloride and lead(Il) sulphate are insoluble and
form a film on the lead which effectively prevents further attack.
Lead, however, does slowly dissolve in both concentrated sulphuric
and hydrochloric acids. The sulphuric acid is reduced to sulphur
dioxide :

Pb + 2H,SO, - PbSO, + 2H,0 + SO,1

Lead reacts slowly with hot concentrated hydrochloric acid since
the lead(IT) chloride dissolves in an excess of the hot hydrochloric
acid to form the acid H,[Pb"Cl,]:

Pb + 4HCl - H,[PbCl,] + H,1

Again, nitric acid readily dissolves lead but is unable to oxidise lead
beyond the oxidation state + 2. The reduction products of the nitric
acid vary with the concentration of acid used, and a number of
nitrogen oxides are usually obtained. Warm dilute nitric acid gives
mainly nitrogen oxide, NO.

3Pb + 8HNO; - 3Pb(NO;), + 4H,0 + 2NO1
whilst cold concentrated acid gives mainly nitrogen dioxide, NO,:

Pb + 4HNO, — Pb(NO,), + 2H,0 + 2NO,1
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2. THE REACTIONS WITH ALKALIS

Carbon

Carbon does not react, even with molten alkali.

Silicon and germanium

Silicon and germanium readily react with even very dilute solutions
of caustic alkali. Silicon is so sensitive to attack that it will dissolve
when boiled with water which has been in contact with glass*:

Si + 20H™ + H,0 - Si0?™ + 2H,1
Ge + 20H™ + H,0 - GeO?%™ + 2H,?

Tin
Tin dissolves slowly in hot concentrated alkali forming a hexa-
hydroxostannate(IV):

Sn + 4H,0 + 20H™ - [Sn(OH)¢]*~ + 2H,t

Lead

Lead dissolves only very slowly in hot concentrated sodium
hydroxide and forms hexahydroxoplumbate(II):

Pb + 4OH™ + 2H,0 - [Pb(OH)¢]*~ + H,1

Notice, again, that the lower oxidation state of lead is formed.

3. THE REACTIONS WITH OXYGEN
Carbon

All forms of carbon, if heated to a sufficiently high temperature, give
carbon dioxide in a plentiful supply of air, and carbon monoxide if
the supply is limited (p. 178):

C+0,-CO,:AH = — 394kJmol™!
C+30,-CO:AH = — 111 kJ mol™!

* The equations are simplified. the oxosilicates and germanates actually formed
are complex.
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Silicon
Silicon burns when heated in air to red heat giving silicon dioxide,
SiO,. Several crystalline forms of SiO, are known.
Si + O, - Si0,: AH = — 910 kJ mol ™! (approximate)

Note the much larger enthalpy of formation of silicon dioxide as
compared with carbon dioxide ; this arises in part because of greater
strength in the Si—O bonds and also because the Si—Si bond in
silicon is much weaker than the C—C bond (p. 162).

Tin

Ordinary white tin is not attacked by air at ordinary temperatures
but on heating in air it forms tin(IV) oxide, SnO,.

Sn + 02 hd Sn02

Lead

Finely divided lead, when heated in air, forms first the lead(1I) oxide,
‘litharge’, PbO, and then on further heating in an ample supply of
air, dilead(II) lead(IV) oxide, ‘red lead’, Pb;O,. Lead, in a very finely
divided state, when allowed to fall through air, ignites and a shower
of sparks is produced. Such finely divided powder is said to be
‘pyrophoric’. It can be prepared by carefully heating lead tartrate.

COMPOUNDS OF GROUP IV ELEMENTS
HYDRIDES

Carbon hydrides are commonly called hydrocarbons. They are very
numerous and the study of these compounds is outside the scope of
this book. Reference will therefore be made only to the main groups.

Alkanes

Methane, CH,, is the first member of this series, all of which have the
general formula C,H,,, ,. Every carbon atom in any alkane mole-
cule has a tetrahedral configuration and is joined to four other
atoms. Alkanes are resistant to attack, at room temperature, by
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common acids, alkalis, oxidising and reducing agents. However, all
hydrocarbons burn in oxygen, the ultimate products being carbon
dioxide and water; this reaction can be used to determine the em-
pirical formula of hydrocarbons. For example,

C4H10 + 6%’02 g 4C02 + 5H20

Alkanes also react with halogens to form substitution products.

Alkenes

Every member of this series must contain at least one double bond.
The two carbon atoms making up the double bond are joined to
only three other atoms and they are therefore said to be unsaturated.

H H
\C— C/ e
—_— I
v T
ethene (ethylene) planar

The carbon atoms of the double bond have a trigonal planar
configuration and free rotation about the C—C bond is prevented
by the n bond. The inability to rotate means that geometrical
isomers can be produced, with substituents a and b, thus:

a a a
N / ™~ e
Cc=C c=C
/ L / ™~
b a b b
the trans isomer the cis isomer

The region of high electron density between the doubly bonded
carbon atoms gives alkenes an additional reactivity and in addition
to burning and reacting with halogens, alkenes will add on other
molecules; for example:

H,C=CH, + HBr - CH,CH,Br

and will polymerise in the presence of a suitable catalyst:
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rrr
I
. |
nH,C=CH, ' _¢c_c—Cc—C—
I
H H H H
Ethene can add on to certain metal salts; it is believed that the extra
electrons of the double bond can be donated to some extent; an
example is the compound PtCl,.C,H, formed with platinumy(Il)
chloride which has the structure

H H
N
Cl
| /
“’P‘\
Cl
VAN
H H

Alkynes

The essential feature of this series of hydrocarbons is the presence
of a triple bond between two carbon atoms, one ¢ and two m:

rvx

L—x Section XX

Acetylene (ethyne)— linear

This gives a linear arrangement of bonds, and alkynes, like alkenes,
are unsaturated. As might be expected, alkynes are very reactive
although certain addition reactions are unexpectedly difficult,
Terminal alkynes (ones in which the triple bond is at the end of a
carbon chain) have slightly acidic properties. Acetylene or ethyne,
C,H,, for example, reacts with an ammoniacal solution of copper(I)
chloride to give a red solid, copper(I) dicarbide, Cu,C,, which is
explosive when dry. Similarly. ammoniacal silver nitrate gives a
white solid. silver dicarbide, Ag,C,. These two compounds contain
the dicarbide ion [C=C]*" as does calcium ‘carbide’ CaC,. which
should really be called calcium dicarbide. All dicarbides give ethyne
when treated with a dilute acid.
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Cyclic hydrocarbons

Carbon also forms numerous cyclic hydrides of which benzene,
C(H,.is a well-known example. This has a planar, regular hexagonal

Figure 8.3

structure often represented as a resonance hybrid between the struc-
tures in Figure 8.3(a). Overlaps of the p orbitals (b) gives the structure
shown in (c¢). All the C—C bond lengths are equal, as are all the
C—H bond lengths, and the double bonds are ‘delocalised’.

Silicon

Silicon, unlike carbon, does notform a very large number of hydrides.
A series of covalently bonded volatile hydrides called silanes analog-
ous to the alkane hydrocarbons is known, with the general formula
Si,H,,, ;. but less than ten members of the series have so far been
prepared. Mono- and disilanes are more readily prepared by the
reaction of the corresponding silicon chloride with lithium aluminium
hydride in ether:

SiCl, + LiAlH, — SiH,T + LiCl| + AICI,
and
28i,Clg + 3LiAIH, — 2Si,H,T + 3LiCl| + 3AICl,

The Si—Si bond is weaker than the C—C bond (mean thermo-
chemical bond energies are C-—C in diamond, 356 kJ mol !, Si—Si
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in silicon, 226 kJ mol ) and catenation (the phenomenon of self-
linkage between atoms of the same element) is consequently less
marked with silicon than with carbon ; the higher silanes decompose
slowly even at room temperature. Silanes are far more sensitive to
oxygen than alkanes and all the silanes are spontaneously inflam-
mable in air. for example

SiH, + 20, - SiO, + 2H,0

This greater reactivity of the silanes may be due to several factors,
for example, the easier approach of an oxygen molecule (which may
attach initially to the silane by use of the vacant silicon d orbitals)
and the formation of strong Si—O bonds (stronger than C—O).

Halogen derivatives of silanes can be obtained but direct halogena-
tion often occurs with explosive violence; the halogen derivatives
are usually prepared by reacting the silane at low temperature with
a carbon compound such as tetrachloromethane, in the presence of
the corresponding aluminium halide which acts as a catalyst.

Silanes are very sensitive to attack by alkalis and will even react
with water made alkaline by contact with glass; this reaction is in
marked contrast to the reactions shown by alkanes. Unlike alkanes,
silanes are found to have marked reducing properties and will reduce,
for example, potassium manganate(VII) to manganese(IV) oxide,
and iron(III) to iron(II).

In addition to the volatile silanes, silicon also forms non-volatile
hydrides with formulae (SiH,), but little is known about their struc-
ture. Silicon, however, does not form unsaturated hydrides corre-
sponding to the simple alkenes.

Germanium

Germanium forms a series of hydrides of general formula Ge H,,, ,
which are quite similar to the corresponding silanes. Only a small
number of germanes have so far been prepared. Germanes are not
as inflammable as the corresponding silanes (the Ge—O bond is
not as strong as the Si—O bond) and they are also less reactive to-
wards alkalis. monogermane being resistant to quite concentrated
alkali.

Tin

The greater metallic nature of tin is clearly indicated here for tin
forms only one hydride, stannane, SnH,. It is best prepared by the
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reaction of lithium aluminium hydride and tin(1V) chloride in ether :
LiAlH, + SnCl, - SnH, 1 + LiCl| + AICl,

It is a colourless gas which decomposes on heating above 420 K to
give metallic tin, often deposited as a mirror, and hydrogen. It is a
reducing agent and will reduce silver ions to silver and mercury(II)
ions to mercury. SnSn bonding is unknown in hydrides but does
exist in alkyl and aryl compounds, for example (CH,),Sn—-Sn(CH,),.

Lead

Lead, like tin, forms only one hydride, plumbane. This hydride is
verv unstable, dissociating into lead and hydrogen with great
rapidity. It has not been possible to analyse it rigorously or determine
any of its physical properties, but it is probably PbH,. Although this
hydride is unstable, some of its derivatives are stable; thus, for
example, tetraethyllead, Pb(C,H,),, is one of the most stable
compounds with lead in a formal oxidation state of +4. It is used
as an ‘antiknock’ in petrol.

OXIDES OF GROUP 1V ELEMENTS

All Group 1V elements form both a monoxide, MO, and a dioxide,
MO,. The stability of the monoxide increases with atomic weight
of the Group IV elements from silicon to lead, and lead(II) oxide,
PbO, is the most stable oxide of lead. The monoxide becomes more
basic as the atomic mass of the Group IV elements increases, but
no oxide in this Group is truly basic and even lead(Il) oxide is
amphoteric. Carbon monoxide has unusual properties and empha-
sises the different properties of the group head element and its
compounds.

The dioxides are all predominantly acidic but again acidity
decreases with increasing atomic mass of the Group IV element
and lead(IV) oxide, PbO,, is amphoteric. The stability of the dioxides
decreases with increasing atomic mass of the Group IV elements
and although tin(IV) oxide, SnO,, is the most stable oxide of tin,
lead(IV) oxide is less stable than lead(Il) oxide.

Oxides of carbon

Carbon monoxide, CO. Carbon monoxide is a colourless, odourless
gas. It is extremely poisonous, since the haemoglobin of the blood
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(p. 398) reacts with carbon monoxide in preference to oxygen so
preventing the haemoglobin from acting in its normal capacity as
an oxygen carrier.

Carbon monoxide is formed by the incomplete combustion of
carbon. It is prepared in the laboratory by dropping methanoic
(formic) acid into warm concentrated sulphuric acid; the latter
dehydrates the methanoic acid :

HCOOH "22COt + H,0
The gas i1s passed through caustic soda solution to remove any
sulphur dioxide or carbon dioxide produced in side reactions.
Carbon monogxide is also obtained when an ethanedioate (oxalate)
is heated with concentrated sulphuric acid :

C,0% + H,S0, » COt + CO,1 + H,0 + SOZ-

The carbon dioxide is removed by passage of the gas through a
mixture of sodium and calcium hydroxides. Very pure carbon
monoxide is produced by heating nickel tetracarbonyl (see p. 179):

Ni(CO), — Ni + 4CO?

The commercial production of carbon monoxide in the form of
water gas is now largely obsolete. The production by the reaction
between steam and hydrocarbons is considered later (p. 180).

The structure of carbon monoxide can be represented as a reson-
ance hybrid between two structures

C=0 and C=0
ie. $Ci0t and :CIO:
(a) . (b)

In structure (a) each atom has a complete octet; in the actual
molecule, the carbon-oxygen bond length is greater than would be
expected for a triple bond, and the molecule has a much smaller
dipole moment than would be expected if the oxygen was donating
electrons to the carbon as in (a); hence structure (b) must contribute
to the actual structure. A simplified orbital picture of structure is
shown at the top of the next page, where n, is formed by sharing
electrons from both carbon and oxygen and =, is formed by electrons
donated from oxygen only.

This structure indicates that carbon monoxide should have donor
properties, the carbon atom having a lone pair of electrons. Carbon
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Full sp carbon
hybrid orbital \

_Singly-filled p
orbitals on oxygen
~

Singly-filled p >
orbital on carbon

/
Empty p orbital on carbon Full p orbital on oxygen

monoxide is in fact found to have donor properties and forms donor
compounds, for example with diborane (p. 145} it splits the molecule
by donating to the borane, BH;.

2CO + B,H, = 20C—BH,

It also forms compounds known as carbonyls with many metals.
The best known is nickel tetracarbonyl, Ni(CO),, a volatile liquid,
cléarly covalent. Here, donation of two electrons by each carbon
atom brings the nickel valency shellup to that ofkrypton (28 + 4 x 2);
the structure may be written Ni( « C=0),. (The actual structure is
more accurately represented as a resonance hybrid of Ni( «+ C=0),
and Ni(=C=0), with the valency shell of nickel further expanded.)
Nickel tetracarbonyl has a tetrahedral configuration,

0
C
|

- Ni~.

oc- / cO

C
(0]

Other examples are iron pentacarbonyl, Fe(CO)s, and chromium
hexacarbonyl, Cr(CO),, which have trigonal bipyramidal and octa-
hedral configurations respectively.

Carbon monoxide burns with a characteristic blue flame in air
or oxygen. The reaction

2CO + 0, - 2CO,: AH = — 283 kJ mol ™!

is very exothermic and as expected, therefore, carbon monoxide
reacts with heated oxides of a number of metals, for example copper,
lead, iron, reducing them to the metal. For example :

PbO + CO = Pb + CO,1

Carbon monoxide forms addition compounds. With chlorine in
sunlight or in the presence of charcoal in the dark, carbonyl chloride
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iphosgene). COCI.. is formed :

CO + Cl, - COCl,

With ammoniacal or hydrochloric acid solution of copper(I)
chloride, carbon monoxide forms the addition compound CuCl.CO.
2H,0. This reaction can be used to quantitatively remove carbon
monoxide from gaseous mixtures.

Although carbon monoxide appears to be the anhydride of
methanoic acid it does not react with water to give the acid; how-
ever, it will react with sodium hydroxide solution above 450 K,
under pressure, to give sodium methanoate :

CO + NaOH - HCOO Na*

Carbon dioxide, CO,. Carbon dioxide is present in air and escapes
from fissures in the earth in volcanic regions and where ‘mineral
springs’ occur. It may be prepared by :

(1) the action of dilute acid on any metal carbonate or hydrogen-
carbonate, for example

CaCO; + 2HCI - CaCl, + CO,1 + H,O
2) the action of heat on a hydrogencarbonate,
2HCO; - H,0 + CO,t + CO3~

(3) the action of heat on a metal carbonate. other than those of the
alkali metals or barium (see later, p. 185). Industriallv. carbon
dioxide is obtained in large quantities by heating limestone:

CaCO; — CaO + CO,1

It is obtained as a by-product in the fermentation of sugars to give
alcohols :

C¢H,,0, 272 2C,H;O0H + 2CO,

6 (.ildl\Sl

Appreciable quantities are also obtained as a by-product in the
manufacture of hydrogen from naphtha-gaseous hydrocarbons. In
this process the gaseous hydrocarbon and superheated steam under
a pressure of about 10 atmospheres and at a temperature of 1000 K
are passed over a nickel-chromium catalyst. Carbon monoxide and
hydrogen are produced:

CH, + nH,0 - nCO+

The hydrocarbons used depend on availability. Natural gas is now
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being used by some large industrial organisations but others use
petroleum from a refinery. The second stage in the process is the
so-called ‘water-gas shift’ reaction ; this reaction was originally used
with ‘water-gas’—a mixture of CO and H, obtained by passing
superheated steam through white hot coke. The gaseous mixture
containing an excess of steam still at 10 atmospheres pressure, is
passed at 700 K over an iron catalyst when the carbon monoxide
reacts with the steam to form carbon dioxide and hydrogen :

CO + H,0 — CO, + H,

In one process the carbon dioxide is removed using potassium
carbonate solution, potassium hydrogencarbonate being produced :

K2C03 + H20 + COZ 4 2KHCO3

This reaction can be reversed by heat and the potassium carbonate
and carbon dioxide recovered. (Other compounds which absorb
carbon dioxide and evolve it again at a lower temperature are also
in common usage®).

STRUCTURE

Carbon dioxide has a linear structure. The simple double-bonded
formula, however, does not fully explain the structure since the
measured carbon-oxygen bond lengths are equal but intermediate
between those expected for a double and a triple bond. A more
accurate representation is, therefore, obtained by considering carbon
dioxide as a resonance hybrid of the three structures given below :

+ - - +
O0=C—-0 & 0=C=0 o 0-C=0
(a) (b) ()

PROPERTIES

Carbon dioxide is a colourless gas which is virtually odourless and
tasteless. Its density, relative to air, is 1.53; hence it accumulates at

* Some of the carbon monoxide and hydrogen produced in the steam-naphtha
reforming process react to form methane:

CO + 3H, 2CH, + H,0

This reaction is an undesirable side reaction in the manufacture of hydrogen but
utilised as a means of removing traces ol carbon monoxide left at the end of the
second stage reaction. The gases are passed over a nickel catalyst at 450 K when
traces of carbon monoxide form methane. (Methane does not poison the catalyst in
the Haber process -carbon monoxide docs.)
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the bottom of towers or wells in which it 1s being prepared. and may
reach dangerous concentrations there. (Carbon dioxide does not
support respiration. but it is not toxic.) Its critical point is 304 K.
i.e. it may be compressed to a liquid below this temperature. How-
ever. if carbon dioxide is cooled rapidly (for example by allowing
compressed gas to escape through a valve) solid carbon dioxide is
formed. This sublimes at 195 K and atmospheric pressure; it is a
white solid, now much used as a refrigerant (known as "dry ice’ or
‘Drikold’), since it leaves no residue after sublimation.

Chemically, carbon dioxide is not very reactive, and it is often used
as an inactive gas to replace air when the latter might interact with
a substance, for example in the preparation of chromium(1l) salts
(p. 383). Very reactive metals, for example the alkali metals and
magnesium can, however, continue to burn in carbon dioxide if
heated sufficiently, for example

4K + 3CO, - 2K,CO5 + C

Carbon dioxide reacts with a solution of a metal hydroxide giving
the carbonate, which may be precipitated, for example

Ca’* + 20H™ + CO, - CaCO;| + H,0

This reaction is used as a test for carbon dioxide. Passage of an excess
of carbon dioxide produces the soluble hydrogencarbonate :

CaCO; + CO, + H,0 - Ca?* + 2HCOj;

The hydrogencarbonate ion, produced in nature by this reaction, is
one of the main causes of temporary hardness in water. Carbon
dioxide is fairly soluble in water, 1 cm? dissolving 1.7 cm® of the gas
at stp. The variation of solubility with pressure does not obey
Henry’s law, since the reaction

CO, + H,0 — H,CO,

takes place to a small extent, forming carbonic acid (see below).

USES

Carbon dioxide is used in the manufacture of sodium carbonate by
the ammonia-soda process, urea, salicyclic acid (for aspirin), fire
extinguishers and aerated water. Lesser amounts are used to transfer
heat generated by an atomic reactor to water and so produce steam
and electric power. whilst solid carbon dioxide is used as a refrigerant,
a mixture of solid carbon dioxide and alcohol providing a good
low-temperature bath (195 K) in which reactions can be carried out
in the laboratory.
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CARBONIC ACID AND CARBONATES

The following equilibria apply to a solution of carbon dioxide in
water:
CO; + H,0 = H,CO,=H" + HCO; =2H* + CO%"
carbonic
acid

The amount of carbonic acid present, undissociated or dissociated.
is onlv about 1°; of the total concentration of dissolved carbon
dioxide. Carbonic acid. in respect of its dissociation into hydrogen
and hydrogencarbonate ions, is actually a stronger acid than acetic
acid ; the dissociation constant is:

_ [H7][HCO4]

RGN =5x10"*moll™!
2 3

K

(cf. K, = 1.8 x 1077 mol 1~ ! for acetic acid)

But a solution of carbon dioxide in water behaves as a very weak
acid since the effective dissociation constant K’ is given by :

[H"][HCO;]

= =4 x 107" mol 17!
[CO,; + H,CO;] * me

Since carbonic acid is a weak acid, its salts are hydrolysed in
aqueous solution:

CO%" + H,0 — OH™ + HCO;
HCO; + H,O = OH~ + H,CO,

Although both these reactions lie largely to the left, soluble carbon-
ates (i.e. those of the atkali metals) are alkaline in aqueous solution,
and the hydrogencarbonates are very feebly alkaline. The equilibria
are displaced to the right on addition of an acid and soluble car-
bonates can therefore be titrated with acids and indeed sodium
carbonate is used as a standard base. The titration curve is given
below for 0.1 M hydrochloric acid being added to 100 c¢m? of 0.1 M
alkali metal carbonate (Figure 8.4). At A all the CO%~ has been
converted to HCOj3 and at B all the HCOj has been converted to
COj3 . Phenolphthalein changes colour between pH 8.3 and pH
10.0 and can be used to indicate point A whilst methyl orange.
changing colour between pH 3.1 and pH 4.4. indicates point B.
Most metal carbonates are insoluble and they are precipitated
either as the simple carbonate or as the basic carbonate when
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COZ +H' - HCO3
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Figure 8 4. Titration of a soluble carbonate with hydrochloric acid

carbonate ions, as sodium carbonate solution, are added to a
solution containing the metal ions.

Hydrogencarbonates of sodium, potassium and ammonium are
known in the solid state and show hydrogen bonding in the crystal:

Na* Na* Na*
0] 6] O 6] 6]
| > 7 !
H C H C H C H C
N | - N
O O O O O (0] O (0]
Na” Na

The broken lines indicate hydrogen bonds. The full lines are to
show the structure, they do not simply represent single covalent
bonds.

Magnesium and calcium hydrogencarbonates are known in
solution and are responsible for temporary hardness in water.

STRUCTURE OF THE CARBONATE ION

The carbonate ion is planar and can be regarded as a resonance
structure between the three forms given below (see also p. 44):
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All the carbon-oxygen bonds are found to be of equal length and
intermediate between carbon-oxygen single and double bond length.

STABILITY OF CARBONATES AND HYDROGENCARBONATES TO HEAT

The stability to heat of metal carbonates is related to the size and
charge of the cation present. Carbonates formed by metal ions with
large radius :charge ratios, for example, Na*, K* Ba’", are stable
to heat at high temperatures whilst those ions with low radius :charge
ratios, for example, Li*, Zn2*, Cu?* form carbonates which are
relatively easily decomposed by heat, the effect being so marked with
Fe3* and A1*" that neither of these ions is able to form a carbonate
stable at room temperature. These changes in stability have been
attributed to the amount of distortion of the carbonate ion that
the metal ion causes; the greater this distortion the lower the stability
of the carbonate. The hydrogencarbonate ion is unstable and decom-
poses on heating in either solid or solution thus:

2HCO; - H,0 + CO,?t + CO%~

(If the hydrogencarbonate is in solution and the cation is Ca2* or
Mg?* . the insoluble carbonate is precipitated ; this reaction may be
used, therefore, to remove hardness in water by precipitation of
Ca?* or Mg?* ions.) The ease of decomposition of hydrogencar-
bonates affords a test to distinguish between a hydrogencarbonate
and a carbonate ; carbon dioxide is evolved by a hydrogencarbonate,
but not by a carbonate, if it is heated, either as the solid or in solution,
on a boiling water bath.

Other oxides of carbon

Carbon forms a number of oxides in addition to carbon monoxide
and dioxide but they are beyond the scope of this book.

Oxides of silicon
SILICON MONOXIDE, Si0

When silica (silicon dioxide) and silicon are heated in vacuo to 1700 K,
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there is evidence for SiO in the gaseous state. On cooling, a brown
powder is obtained which rapidly disproportionates:

28i0 - Si + SiO,.

SILICON DIOXIDE, SiO,

Silica is found naturally in several crystalline forms (e.g. quartz.
tridyntite. cristobalite) and as kieselguhr. a hydrated amorphous
solid possessing great absorptive powers. It is not appropriate to
refer to this oxide of silicon as a dioxide, since, in its crystalline forms,
it forms "giant molecules’ in which each silicon atom is linked tetra-
hedrally to four oxygen atoms: the structure can be represented
diagrammatically thus, the linkages extending three-dimensionally :

—Si0--Si--0 Si -

| | |
o

I

O O O

I | i I
/O’/Sll\O\ &SI*O—S|I*O-S|1—

(|) O O O

~8i -0—Si—-0—Si -

Pure silica may be obtained by hydrolysing silicon tetrafluoride
or the tetrachloride (see the reactions above). When so prepared.
silica is hydrated : it appears in fact as a gel. i.e. a colloidal system
in which a liquid is dispersed in a solid. This gel when filtered off
and dried. loses much of its water, and on heating can be made
anhydrous; but formation of a solid gel takes place again when the
anhydrous solid is exposed to & moist atmosphere, ie. the solid
absorbs water. Hence silica gel is a most useful drying agent, for
it has a high capacity for absorbing water and it is also chemically
inactive. Silica is attacked only by hydrofluoric acid, and by alkali
to give silicates:

Si0, + 20H = Si03~ + H,0

When silica is fused. silica glass is formed. This has advantages

over ordinary glass in that it is much less easily fused (it softens

at about 1800 K). and has a very low coefficient of expansion. It is.
therefore. used for crucibles and other articles required to be infusible
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and to resist chemical attack. It is also used for certain optical plates
and lenses. since it transmits ultra-violet light better than ordinary
glass.

‘SILICIC ACID’ AND THE SILICATES

When acid is added to any soluble silicate, the following reaction
occurs:

Si02~(aq) + 2H* = H,SiO, (aq) — Si0,.xH,0
3

and the ‘silicic acid’ is converted to insoluble, hydrated silica similar
to that already described.

A soluble silicate—a trioxosilicate—is obtained when silica is
fused with sodium carbonate:

SiO, + Na,CO, - Na,SiO; + CO,1

This is an acid-base reaction, in which the base is the oxide ion 02~
(p. 89); the acidic oxide SiO, displaces the weaker acidic oxide
CO, in the fused mixture. But in aqueous solution, where the O?~
ion cannot function as a strong base (p. 89).carbon dioxide displaces
silica, which, therefore, precipitates when the gas is passed through
the aqueous silicate solution. In a fused mixture of silica and a
nitrate or phosphate, the silica again displaces the weaker acidic
oxides N,O; and P,O,,:

AKNO, + 2Si0, — 2K,8i0; + 2N,0,
2N205 d 4N02 + 02
2Ca4(PO,), + 6Si0, — 6CaSiO; + P,0,,

This latter reaction is used in the extraction of phosphorus (p. 208).

The product of the fusion of silica with sodium carbonate, sodium
silicate (strictly called sodium polytrioxosilicate but usually meta-
silicate). dissolves in water to give a clear. viscous solution known as
‘waterglass’. Tt hvdrolyses slowly and silica is precipitated. Besides
the metasilicate, other silicates of sodium are known. e.g. the poly-
tetroxosilicate (orthosilicate). Na,SiO,. Only the silicates of the
alkali metals are soluble in water. Other silicates, many of which
occur naturally. are insoluble. and in these substances the poly-
silicate anions can have highly complicated structures, all of which
are constructed from a unit of one silicon and four oxygen atoms
arranged tetrahedrally (cf the structure of silica). Some of these
contain aluminium (the aluminatesilicates) and some have import-
ant properties and uses.
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The zeolites are aluminatesilicates, having large, open-structured
anions and balancing cations. Because of the open structure,
zeolites can take up water molecules reversibly into the interstices
of their structures. More importantly, they may be able to act as
molecular sieves, by taking up from a gas mixture only molecules
in a certain size range; the zeolite can then be taken out of the gas
and the absorbed species pumped off. Thus the zeolite mordenite
will occlude small molecules, e.g. nitrogen, argon*, but not, for
example, methane or ethane. Synthetic zeolites possess the property
of ion-exchange. The cations in a zeolite may move freely through
the open structure, and hence replacement of one cation by another
can occur without affecting the rest of the lattice. Many artificial
ion-exchange zeolites have been made, and used to remove cations
from water, e.g. the ‘permutits’, and more recently, ion-exchange
materials with a framework of an organic polymer have been made
and used extensively (e.g. in the purification of water, p. 275).

Clay and kaolin describe groups of substances with compositions
which are similar chemically (they contain aluminium, silicon,
oxygen and water) but with many different kinds of structure, the
nature of which has been established by X-ray diffraction studies.
The clays all possess a layer-like structure. When water is added to
clay it enters between the layers and the clay swells and acquires
plasticity thus enabling it to be moulded into bricks, pottery, and so
on. On ignition or ‘firing’, these lose plasticity permanently acquiring
thereby a fixed shape, hardness and strength. Kaolin is rather less
‘plastic’ than clay but can be moulded and then fired to give
porcelain or “china’.

Glass is the name given to any amorphous solid produced when a
liquid solidifies. Glasses are non-crystalline and isotropic, i.e. their
physical properties are independent of the direction in which they
are measured. When a glass is heated, it does not melt at a fixed
temperature but gradually softens until a liquid is obtained.

The word ‘glass’ commonly means the transparent substance
obtained when white sand is fused with metal oxides or carbonates
to give a mixture of silicates. Ordinary or ‘soda-glass’ has the
approximate composition Na,O .CaO.6Si0,. (This is the com-
position obtained by analysis: it does not represent the compounds
present.) If sodium is replaced by potassium the melting point is

* Traces of oxygen can be removed from argon (required for an inert atmosphere
in certain metallurgical processes). Oxygen molecules can pass through the spaces or
windows ‘end-ways' while the larger argon atoms are kept out.
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raised (Jena glass) and the use of lithium gives added strength;
replacement of calcium by lead gives a higher refracting power (flint
glass), and the SiO, may be partly replaced by ‘P,0O;’ (crown glass).
Addition of aluminium and boron oxides gives a glass with a low
coefficient of expansion suitable for vessels which are to be heated,
e.g. ‘Pyrex’. Coloured glass is made by adding an oxide of a metal
which gives a coloured silicate, e.g. cobalt (blue), iron(IT) (green),
copper(]) (red).

The brittle character of glass is an obvious disadvantage, and it is
not easy to mould glass into curved shapes without loss of trans-
parency. Hence glass has, in recent years, been replaced by trans-
parent plastics; or the latter have been used to give glass resistance
to breakage by bonding together layers of glass and plastic (safety
glass). A plastic is usually composed of molecules of very high
molecular weight (‘high polymers”) and the name plastic is given
because many polymeric solids soften on heating (these are said to
be thermoplastic) like glass. Most polymers are composed of long
chains of carbon atoms (but see below) to which other groups may
be attached along the chain; according to the nature of these
groups, the chains may be rigid rods, kinked rods, or flexible, and
able to form coils. Moreover, during the formation of a polymer,
branching may occur, and cross-linking between the chains gives a
three-dimensional structure. Usually, extensive cross-linking leads
to hardness and complete insolubility. Polymers with little or no
cross-linking will dissolve in some organic solvents; the polymer
solid first swells in the solvent and on addition of more solvent forms
a viscous solution. The higher the molecular weight of the polymer
the greater is the viscosity. To give an otherwise hard and brittle
polymer the properties of flexibility and resistance to shrinking, a
very small amount of non-volatile solvent known as a plasticiser
may be left with the solid polymer. Alternatively. two different kinds
of chain molecules may be co-polymerised (giving something
analogous to an alloy of two different metals) to give properties
which are desirable.

Most high polymeric substances are composed of carbon chains,
but a few contain other elements, and one very important class will
now be considered.

THE SILICONES

In silicon tetrachloride, SiCl,, chlorine atoms can be replaced by
methyl or other alkyl groups to give, for example, CH,SiCl; and
(CH,),SiCl,. These two compounds are obtained when methyl
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chloride is passed over a copper-silicon mixture at about 600 K, but
they can be prepared by other methods. Hydrolysis then gives, for
example :

(CH,),SiCl, + 2H,0 - (CH;),Si(OH), + 2HCI
The resultant compound then polymerises by losing water thus:
CH, CH,

[
HO—Si-{OH + H,O Si—OH

CH, CH,
CH, CH, CH, CH,

l !
- HO—Si—O—S8i—0—Si---0—S8i—OH

CH, CH, CH, CH,

Note that in the compound (CH,),Si(OH), the silicon atom can
hold two OH groups, unlike carbon. It is this property that makes
the existence of silicones possible. By variation of the compounds
and conditions of hydrolysis, straight chains, rings and cross-linked
polymers are obtained, for example :

0

R R
| I 1
~Si—0 Si—O0—Si—- - - -
| l
R R
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(
~~?rﬁo i—O—Si-—
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R 0 R

These are the silicones. According to the degree of cross-linking
and length of the chain, they can be obtained in the form of oils or
rubber-like solids. The silicone oils are not volatile on heating and
can be heated to high temperatures without decomposition (and so
are useful for high vacuum pumps and high-temperature oil baths)
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and can be cooled without becoming too viscous (hydrocarbon oils
become viscous on cooling); hence silicone oils are used for low-
temperature lubrication. Moreover, silicones are water-repellant,
and have high dielectric constants so that they are useful for electrical
condensers.

Solid, rubbery silicones likewise retain their plasticity at low
temperatures and are resistant to many forms of chemical attack ;
they are now incorporated in paints for resisting damp and for
waterproofing. Silicones are also used in moulds to avoid sticking
of the casting to the mould.

Oxides of germanium
GERMANIUM(11) OXIDE, GeO

The existence of germanium(II) oxide is well established. It is a solid
which can be made, for example, by the action of water on ger-
manium dichloride, GeCl, :

GeCl, + H,0 — GeO + 2HCI

The product is a solid yellow hydrated oxide. If prepared by a
method in the absence of water, a black anhydrous product is
obtained. Germanium(II) oxide is stable in air at room temperature
but is readily oxidised when heated in air or when treated at room
temperature with, for example, nitric acid, hydrogen peroxide, or
potassium manganate(VII). When heated in the absence of air it
disproportionates at 800 K :

2GeO — Ge + GeO,

The yellow hydrated oxide is slightly acidic and forms germanates(II)
(germanites). The increased stability of germanium(II) oxide com-
pared to silicon(II) oxide clearly indicates the more metallic nature
of germanium.

GERMANIUM(IV) OXIDE

Germanium(IV) oxide occurs in two forms; one has a rutile lattice
and melts at 1359 K whilst the other has a quartz lattice and a
melting point of 1389 K. It can be prepared by oxidation of ger-
manium using, for example, concentrated nitric acid, or by the
hydrolysis of germanium tetrachloride :

Ge + 4HNO; — GeO,| + 4NO,T + 2H,0
GeCl, + 2H,0 - GeO, + 4HCI



192  GROUP IV

The anhydrous oxide is obtained by ignition of the hydrated oxide
produced.

Germanium(I'V) oxide is less acidic than silicon(IV) oxide but
reacts readily with alkali forming germanates(IV), the greater
reactivity of the germanium(IV) oxide being attributable to the
slight solubility of the quartz form of GeQO, in water. Germanium
forms a few salts containing the ion [Ge(OH), ]*~ e.g. Fe[ Ge(OH),].

Oxides of tin
TIN(11) OXIDE

If a solution of a tin(II) salt is treated with a small amount of an
alkali, tin(IT) hydroxide is precipitated, the reaction being repre-
sented by the equation:

Sn?* + 20H™ - Sn(OH),|

The precipitate obtained is in fact colloidal and has no definite
composition. Careful drying of the precipitate gives the anhydrous
oxide, SnO, which may also be prepared by heating tin(II) ethane-
dioate (oxalate) :

SnC,0, - SnO + COt + CO,t

Tin(Il) oxide is a dark-coloured powder which oxidises spon-
taneously in air with the evolution of heat to give tin(IV) oxide, SnO, :

28n0 + O, - SnO,

It is amphoteric; it gives tin(Il) salts with dilute acids and hydroxo-
stannates(IT) with alkalis. for example :

SnO + 2HCI- SnCl, + H,0
SnO + H,0 + OH™ = [Sn(OH);]~

Stannate(II) ions are powerful reducing agents. Since, for tin, the
stability of oxidation state +4 is greater than that of oxidation
state +2, tin(I) always has reducing properties, but these are
greater in alkaline conditions than in acid (an example of the effect
of pH on the redox potential, p. 10]).

TIN(1v) OXIDE, SnO,

Tin(1V) oxide occurs naturally, clearly indicating its high stability.
It can be prepared either by heating tin in oxygen or by heating the
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hydrated oxide obtained when metallic tin reacts with concentrated
nitric acid:

Sn + 4HNO; — SnO,] + 4NO,T + 2H,0

Tin(IV) oxide is insoluble in water, but if fused with sodium hy-
droxide and the mass extracted with water, sodium hexahydroxo-
stannate(IV) is formed in solution :

SnO, + 2NaOH + 2H,0 — Na,[Sn(OH)]

If a dilute acid is added to this solution, a white gelatinous precipitate
of the hydrated tin(IV) oxide is obtained. It was once thought that
this was an acid and several formulae were suggested. However, it
now seems likely that all these are different forms of the hydrated
oxide, the differences arising from differences in particle size and
degree of hydration. When some varieties of the hydrated tin(IV)
oxide ‘dissolve’ in hydrochloric acid, this is really a breaking up of
the particles to form a colloidal solution—a phenomenon known
as peptisation.

Oxides of lead
LEAD(11) OXIDE, PbO

Lead(II) oxide is the most stable oxide of lead; it exists in two
crystalline forms. One form is reddish yellow in colour, with a
tetragonal lattice, and is called litharge. The other form, yellow in
colour, has a rather greater density and a rhombic lattice ; it is called
massicot. Litharge is obtained when molten lead is oxidised by a
blast of air. By more careful heating, or by heating lead carbonate
or lead nitrate, massicot is obtained. Litharge is the stable form at
room temperature, but massicot changes only very slowly to
litharge under ordinary conditions.

Lead(II) oxide is the most basic oxide formed by a Group IV
element. It dissolves easily in acids to give lead(I]) salts but it also
dissolves slowly in alkalis to give hydroxoplumbates(I1) and must,
therefore, be classed as an amphoteric oxide, for example :

PbO + 2H* - Pb%* + H,0
PbO + 40H~ + H,O — [PbOH)e]*"

Lead(I]) oxide is easily reduced to the metal when heated with a
reducing agent such as hydrogen, carbon or carbon monoxide, for
example :

PbO + H, - Pb + H,0
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LEAD(IV) OXIDE, PbO,

Lead(IV) oxide can be prepared by the action of an alkaline
chlorate(I) solution on a solution of a lead(II) salt. The reaction can
be considered in two stages:

(1 Pb?* + 20H™ — Pb(OH),/

white

The white precipitate of lead hydroxide (or hydrated lead(Il) oxide)
is then oxidised by the chlorate(l) to the brown dioxide :
2) Pb(OH), + CIO™ - PbO,| + C1~ + H,O
brown

Lead(IV) oxide is also obtained when ‘red lead’, Pb,O, (see below),
is treated with dilute nitric acid:

Pb,0O, + 4HNO, - 2Pb(NO,), + 2H,0 + PbO,|

When heated above 600 K lead(IV) oxide decomposes into the more
stable lead(IT) oxide and oxygen:

2PbO, - 2PbO + 0,1

Lead(IV) oxide is found to have a considerable oxidising power.
again indicating that the oxidation state +2 is generally more
stable for lead than oxidation state +4. Concentrated hydrochloric
acid, for example, reacts with PbO, at room temperature to form
lead(IT) chloride and chlorine :

PbO, + 4HCI - PbCl, + Cl,1 + 2H,O

If this reaction is carried out at 273 K some unstable lead(IV)
chloride is initially formed (p. 200). Other oxidising reactions of
lead(IV) oxide include the evolution of oxygen when heated with
concentrated sulphuric acid :

2PbO, + 2H,SO, — 2PbSO, + 2H,0 + O,1

and the oxidation of sulphur to sulphur dioxide which then reacts
with more lead(I1V) oxide to form lead(Il) sulphate:

PbO, + S - Pb + SO,
PbO, + SO, - PbSO,

Lead dioxide is slightly soluble in concentrated nitric acid and
concentrated sulphuric acid, and it dissolves in fused alkalis. It
therefore has amphoteric properties. although these are not well
characterised since it is relatively inert,
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DILEAD(11) LEAD(IV) OXIDE, 'RED LEAD', Pb;0,

Red lead is a brilliant red powder obtained by heating lead mon-
oxide in air to about 800 K. This reaction is reversible, for if heated,
red lead evolves oxygen at temperatures above 850 K.

6PbO + O, = 2Pb,0,

Red lead is insoluble in water. Like lead(IT) oxide it can readily be
reduced to lead. The structure of the solid, as the systematic name
suggests, consists of two interpenetrating oxide structures, in which
each Pb'Y atom is surrounded octahedrally by six oxygen atoms,
and each Pb" by three (pyramidal) oxygen atoms, the oxygen atoms
being shared between these two units of structure. With dilute nitric
acid the lead(II) part dissolves, and the lead(IV) part precipitates as
lead(1V) oxide :

Pb,[PbO,] + 4HNO, - 2Pb(NO,), + PbO,| + 2H,O0

Red lead is a useful ingredient of anti-rusting paints, in which it is
mixed with linseed oil. If glycerol is added to this mixture, a cement
suitable for luting (i.e. making airtight or watertight) joints in iron
pipes or vessels is obtained.

CHLORIDES AND OTHER IMPORTANT HALIDES OF
GROUP IV ELEMENTS

All Group IV elements form tetrachlorides, MX,. which are pre-
dominantly tetrahedral and covalent. Germanium, tin and lead also
form dichlorides, these becoming increasingly ionic in character as
the atomic weight of the Group IV element increases and the
element becomes more metallic. Carbon and silicon form catenated
halides which have properties similar to their tetrahalides.

Carbon

When carbon forms four covalent bonds with halogen atoms the
second quantum level on the carbon is completely filled with
electrons. Most of the reactions of the Group IV tetrahalides
require initial donation by a Lewis base (p. 91) (e.g. water, ammonia)
which attaches initially to the tetrahalide by donation of its electron
pair. Hence, although the calculated free energy of a reaction may
indicate that the reaction is energetically favourable. the reaction
may still not proceed. Thus we find that the tetrahalides of carbon
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are chemically (kinetically) inert and, unlike all other Group IV
element tetrahalides, they are not hydrolysed by water. Carbon
tetrafluoride is a gas. b.p. 145 K. and is made by direct combination of
carbon and fluorine; it is also the main product of burning fluorine
in benzene vapour. Carbon tetrachloride (tetrachloromethane) is
a liquid, b.p. 3501, and is prepared by the action of chlorine on
carbon disulphide (p. 201) in the presence of a catalyst, usually
manganese(Il) chloride or iron(I1T) chloride :

CS, + 3C1,2%2X ccl, + S,Cl,

Further reaction then occurs between the disulphur dichloride and
the carbon disulphide :

330K
28,Cl, + CS,——CCl, + 6S

Carbon tetrachloride is an excellent solvent for organic substances.
It has been used in dry-cleaning and in fire-extinguishers, but it has
now largely been replaced because it is highly toxic, causing damage
to liver and kidneys. 1,1,1 trichloroethane is the most commonly
used dry-cleaning solvent and fluorocarbons are used in many fire-
extinguishers.

Silicon
Silicon tetrafluoride is formed when hydrogen fluoride reacts with
silica or a silicate :

4HF + SiO, — SiF,} + 2H,0

The hydrogen fluoride is conveniently produced in situ by the action
of concentrated sulphuric acid on calcium fluoride:

Can ‘+’ H2304 — CaSO4 + 2HF

Silicon tetrafluoride is a colourless gas, b.p. 203 K, the molecule
having, like the tetrahalides of carbon, a tetrahedral covalent
structure. It reacts with water to form hydrated silica (silica gel, see
p. 186) and hexafluorosilicic acid, the latter product being obtained
by a reaction between the hydrogen fluoride produced and excess
silicon tetrafluoride:

SiF, 4+ 2H,0 - SiO,| + 4HF

Silicon tetrachloride is a colourless liquid, b.p. 216.2 K. and again
the molecule has a covalent structure. Silicon tetrachloride is
hydrolysed by water:
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SiCl, + 2H,0 — 4HCl + SiO, |

Silica gel is again obtained but silicon does not form the corres-
ponding hexachlorosilicic acid since the small silicon atom is
unable to coordinate six chlorine atoms.

Silicon difluoride is obtained as a very reactive gas when silicon
tetrafluoride and silicon are heated together. It polymerises rapidly
to give (SiF,),, a solid.

Germanium

Germanium forms divalent compounds with all the halogens.
Germanium(1I) chloride can be prepared by passing the vapour of
germanium(IV) chloride (see below) over heated germanium. The
reaction is reversible and disproportionation of germanium(Il)
chloride is complete at about 720 K at atmospheric pressure :

GeCl, + Ge = 2GeCl,

(Germanium(II) fluoride can be prepared by a similar process using
a slightly lower temperature.)

Germanium(II) chloride is hydrolysed by water; the reaction can
be represented as

GeCl, + 2H,0 - Ge(OH), + 2HCI

but the product Ge(OH), may be a hydrated oxide. With hydrogen
chloride gas. the reaction is an addition:

GeCl, + HCl - GeCl;H [analogous to trichloromethane,
(chloroform) CCl;H]

In concentrated hydrochloric acid solution, the reaction is
GeCl + ClI™ - [GeCl;]~
and salts of this anion are known.
Germanium(1V') chloride can be prepared by passing chlorine over
germanium at a temperature of 370450 K :
Ge + 2C1, - GeCl,

It has a covalently bonded structure and is a colourless liquid at
room temperature; it is hydrolysed reversibly by water, all the
germanium being recoverable by distilling the product with con-
centrated hydrochloric acid : GeCl, + 2H,0 = GeO, + 4HCI
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Tin

TIN(11) CHLORIDE

This chloride is prepared by dissolving tin in concentrated hydro-
chloric acid; on cooling, the solution deposits crystals of hydrated
tin{II) chloride. SnCl, . 2H,O ('tin salt’). The anhvdrous chloride is
prepared by heating tin in a current of hydrogen chloride :

Sn

Sn+2HCl- . - +H,
ca o

The hydrated salt is decomposed by heat :
SnCl, . 2H,0 = Sn(OH)Cl + HCI + H,O

This reaction proceeds slowly in aqueous solution. so that the
basic salt, S(OH)CL is slowly precipitated. Addition of excess
hydrochloric acid gives the acids of formulae HSnCl; and H,SnCl,.
Salts of these acids containing the ions SnCl; and SnCl3~ (chloro-
stannates(Il)) are known.

A solution of tin(II) chloride is a reducing agent. Hence it reduces

Sn**(aq) + 2¢~ — Sn**(aq): E¥ = 0.15V

mercury(11) chloride, first to the white insoluble mercury(I) chloride
and then. if in excess. to mercury:
2HgCl, + SnCl, — SnCl, + Hg.Cl,|

white

Hg,Cl, + SnCl, - 2Hg| + SnCl,
It reduces iron(I1]) to iron(1]) salts:
2Fe’t + Sn?* - Sn*" 4 2Fe?”

This provides a method of estimating an iron(Ill) salt. After
reduction the iron(II) salt is titrated with manganate(VII) solution.

It reduces nitrobenzene (in the presence of hydrochloric acid) to
phenylammonium hydrochloride :

C,H;NO, + 7THCI + 3SnCl, - C,H;NH, .HCI + 2H,O
+ 38SnCl,
It reduces phenyl diazonium chloride to phenylhydrazine hydro-
chloride:

[C.H;s.N,]Cl + 4HCI + 2SnCl, - C,H;NH .NH, . HCI
+ 2SnCl,
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Tin(II) chloride is slowly oxidised in air. but keeping a piece of tin
metal in the solution prevents this.

TIN(IV) CHLORIDE. SnC]

Stannic chloride is prepared by treating metallic tin with chlorine :
Sn + 2C1 - SnCl,

(This reaction has been used to recover tin from scrap tinplate.)
Tin(IV) chloride is a colourless liquid, which fumes in air due to
hydrolysis :
SnCl, + 2H,O =-SnO, + 4HCI
hydrated

It is soluble in organic solvents fa characteristic of a covalent com-
pound). but dissolves in water and can form hydrates (a character-
istic of an ionic compound). Hence the hvdrated Sn** must be
formed in water and undergo hvdrolysis tiws (cf. aluminium):

. snOH ** ... [ snon), ]*-
[Sn.xH,O]* *[(x — I)HZO] +H [u - 2)H10] +2H"

This process goes on until (if alkali is added) the final product is
[Sn(OH),]* . (If alkali is not added, hydrolysis ultimately gives the
hydrated oxide in accordaace with the equation above) The
hydrolysis can be suppressed by addition of h:drochloric acid, and
with excess of this, hexachlorostannic(IV) acid is formed :

SnCl, + 2HCIl - H,Sn'vCl,

Salts of this acid are known and ammonium hexachlorostan-
nate(IV) (NH,)-SnCl,. is used as a mordant.

Lead
LEAD(II) CHLORIDE

The solid is essentially ionic. made up of Pb?* and Cl1~ ions. The
vapour contains bent molecules of PbCl, (cf. SnCl,). Lead chloride
is precipitated when hydrochloric acid (or a solution of a chloride)
is added to a cold solution of a lead(IT) salt. It dissolves in hot water
but on cooling. is slowly precipitated in crystalline form. It dissolves
in excess of concentrated hydrochloric acid to give the acid
H,[Pb'Cl,].
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LEAD(I1) IODIDE

The solid has a layer structure (p. 434). Lead(1]) iodide, like lead(II)
chloride. is soluble in hot water but on cooling, appears in the form
of glistening golden ‘spangles’. This reaction is used as a test for
lead(IT) ions in solution.

LEAD(1V) CHLORIDE

Unlike solid lead(IT) chloride which is ionic and which dissolves in
water to form hydrated Pb?* and CI~ ions, lead(IV) chloride is an
essentially covalent volatile compound which is violently hydrolysed
by water.

Lead(IV) chloride is formed from cold concentrated hydrochloric
acid and lead(IV) oxide as described earlier. 1t readily evolves
chlorine by the reversible reaction :

PbCl, = PbCl, + Cl,1

Hence. if chlorine is passed into a cold suspension (in hydrochloric
acid) of lead(Il) chloride, lead(IV) chloride is formed. Addition of
ammonium chloride gives the complex salt ammonium hexachloro-
plumbate(1V) as a yellow precipitate :

2NH,CI + PbCl, — (NH,),Pb™Cl,|

This is filtered off and cold concentrated sulphuric acid added, when
lead(IV) chloride separates as an oily yellow liquid :

(NH,),PbCl, + H,SO, —(NH,),SO, + PbCl, + 2HCI

OTHER IMPORTANT COMPOUNDS
Carbon
CARBIDES

These can be divided into three groups:

The salt-like carbides: Among these are aluminium tricarbide
(methanide) Al,C; (containing essentially C*~ ions) in the crystal
lattice and the rather more common dicarbides containing the C3~
ion, for example calcium dicarbide CaC,; these carbides are
hydrolysed by water yielding methane and ethyne respectively :

Al,C, + 12H,0 — 4A(OH), + 3CH,1
CaC, + 2H,0 — Ca(OH), + C,H,T
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The covalent carbides : These include boron carbide B,C and silicon
carbide SiC; the latter is made by heating a mixture of silica and
coke in an electric furnace to about 2000 K :

Si0, + 3C — SiC + 2CO1

The process is carried out alongside the similar one for producing
graphite. Silicon carbide when pure is colourless, but technical
silicon carbide (carborundum) is usually grey. These carbides have
a diamond-like structure, ie. covalent bonds extend throughout
their crystals, and they are therefore of high melting point and
chemically inert. Both are used as abrasives, and boron carbide is
used in radiation shielding.

The interstitial carbides: These are formed by the transition metals
{e.g. titanium, iron) and have the general formula M,C. They are
often non-stoichiometric—the carbon atoms can occupy some or
all of the small spaces between the larger metal atoms, the arrange-
ment of which remains essentially the same as in the pure metal (cf.
the interstitial hydrides).

CARBON DISULPHIDE, CS,

This was formerly manufactured by passing sulphur vapour over
white hot coal or charcoal. An equilibrium was established and the
carbon disulphide vapour was condensed, allowing the reaction to
proceed:

C + 28 =CS,

Large quantities are now manufactured by the reaction between
sulphur vapour and methane at a temperature of 900-1000 K in the
presence of a clay catalyst:

CH, + 4S - CS, + 2H,S

The CS, is then removed. after cooling, by a solvent. The molecule
has a covalent linear structure S—=C==S.

Carbon disulphide is a volatile, evil-smelling liquid, although if
carefully purified, the unpleasant smell is removed, as it is due to
impurity. The vapour is inflammable and can form explosive
mixtures in air:

2CS, + 50, - 2CO + 4580,
It is also decomposed by water above 420K :
CS, + 2H,0 - CO, + 2H,S
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Carbon disulphide is an excellent solvent for fats, oils, rubber.
sulphur. bromine and iodine. and is