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REDOX REACTIONS

Objectives

After studying this unit you will be
able to

identify redox reactions as a class
of reactions in which oxidation
and reduction reactions occur
simultaneously;

define the terms oxidation,
reduction, oxidant (oxidising
agent) and reductant (reducing
agent);

explain mechanism of redox
reactions by electron transfer
process;

use the concept of oxidation
number to identify oxidant and
reductant in a reaction;

classify redox reaction into
combination (synthesis),
decomposition, displacement
and disproportionation
reactions;

suggest a comparative order
among various reductants and
oxidants;

balance chemical equations
using (i) oxidation number
(ii) half reaction method;

learn the concept of redox
reactions in terms of electrode
processes.

Where there is oxidation, there is always reduction -
Chemistry is essentially a study of redox systems.

Chemistry deals with varieties of matter and change of one
kind of matter into the other. Transformation of matter from
one kind into another occurs through the various types of
reactions. One important category of such reactions is
Redox Reactions. A number of phenomena, both physical
as well as biological, are concerned with redox reactions.
These reactions find extensive use in pharmaceutical,
biological, industrial, metallurgical and agricultural areas.
The importance of these reactions is apparent from the fact
that burning of different types of fuels for obtaining energy
for domestic, transport and other commercial purposes,
electrochemical processes for extraction of highly reactive
metals and non-metals, manufacturing of chemical
compounds like caustic soda, operation of dry and wet
batteries and corrosion of metals fall within the purview of
redox processes. Of late, environmental issues like
Hydrogen Economy (use of liquid hydrogen as fuel) and
development of ‘Ozone Hole’ have started figuring under
redox phenomenon.

8.1 CLASSICAL IDEA OF REDOX REACTIONS -
OXIDATION AND REDUCTION REACTIONS

Originally, the term oxidation was used to describe the
addition of oxygen to an element or a compound. Because
of the presence of dioxygen in the atmosphere (~20%),
many elements combine with it and this is the principal
reason why they commonly occur on the earth in the
form of their oxides. The following reactions represent
oxidation processes according to the limited definition of
oxidation:

2Mg(s) + O,(g) > 2 MgO (s)

S(s)+0, (g — SO, (g

(8.1)
(8.2)
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In reactions (8.1) and (8.2), the elements
magnesium and sulphur are oxidised on
account of addition of oxygen to them.
Similarly, methane is oxidised owing to the
addition of oxygen to it.

CH, (g) + 20, (g) — CO, (g) + 2H,0 (1) (8.3)

A careful examination of reaction (8.3) in
which hydrogen has been replaced by oxygen
prompted chemists to reinterpret oxidation in
terms of removal of hydrogen from it and,
therefore, the scope of term oxidation was
broadened to include the removal of hydrogen
from a substance. The following illustration is
another reaction where removal of hydrogen
can also be cited as an oxidation reaction.

2 H,S(g) + 0, (g) >2S(s)+2H,0 ()  (8.4)

As knowledge of chemists grew, it was
natural to extend the term oxidation for
reactions similar to (8.1 to 8.4), which do not
involve oxygen but other electronegative
elements. The oxidation of magnesium with
fluorine, chlorine and sulphur etc. occurs
according to the following reactions :

Mg (s) + F, (g) — MgF, (s) (8.5)
Mg (s) + Cl, (g) - MgCl, (s) (8.6)
Mg (s) + S (s) » MgS (s) (8.7)

Incorporating the reactions (8.5 to 8.7)
within the fold of oxidation reactions
encouraged chemists to consider not only the
removal of hydrogen as oxidation, but also the
removal of electropositive elements as
oxidation. Thus the reaction :

2K, [Fe(CN)¢l(ag) + H,O, (aq) »2K;[Fe(CN)gl(aq)
+ 2 KOH (aq)

is interpreted as oxidation due to the removal
of electropositive element potassium from
potassium ferrocyanide before it changes to
potassium ferricyanide. To summarise, the
term “oxidation” is defined as the addition
of oxygen/electronegative element to a
substance or removal of hydrogen/
electropositive element from a substance.

In the beginning, reduction was
considered as removal of oxygen from a
compound. However, the term reduction has
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been broadened these days to include removal
of oxygen/electronegative element from a
substance or addition of hydrogen/
electropositive element to a substance.

According to the definition given above, the
following are the examples of reduction
processes:

2 HgO (s) A5 2Hg (1) + O, (g)

(removal of oxygen from mercuric oxide )

2 FeCl; (aq) + H, (g) —2 FeCl, (aq) + 2 HCl(aq)
(8.9)

(removal of electronegative element, chlorine

from ferric chloride)

(8.8)

CH,=CH, (g) + H, (g) > H;C - CH; (g) (8.10)

(addition of hydrogen)

2HgCl, (aq) + SnCl, (aq) - Hg,Cl, (s)+SnCl, (aq)
(8.11)

(addition of mercury to mercuric chloride)

In reaction (8.11) simultaneous oxidation
of stannous chloride to stannic chloride is also
occurring because of the addition of
electronegative element chlorine to it. It was
soon realised that oxidation and reduction
always occur simultaneously (as will be
apparent by re-examining all the equations
given above), hence, the word “redox” was
coined for this class of chemical reactions.

Problem 8.1

In the reactions given below, identify the
species undergoing oxidation and
reduction:

(i) HyS(g) +Cly (g > 2 HCL(g) +S (s)
(ii) 3Fe;0, (s) + 8 Al (s) — 9 Fe (s)

+ 4AL,0; (s)
(iii) 2 Na (s) + H, (g) —» 2 NaH (s)

Solution

(i) Hy,S is oxidised because a more
electronegative element, chlorine is added
to hydrogen (or a more electropositive
element, hydrogen has been removed
from S). Chlorine is reduced due to
addition of hydrogen to it.

(ii) Aluminium is oxidised because
oxygen is added to it. Ferrous ferric oxide
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(Fe;O,) is reduced because oxygen has
been removed from it.

(iij) With the careful application of the
concept of electronegativity only we may
infer that sodium is oxidised and
hydrogen is reduced.

Reaction (iii) chosen here prompts us to

think in terms of another way to define
redox reactions.

8.2 REDOX REACTIONS IN TERMS OF
ELECTRON TRANSFER REACTIONS

We have already learnt that the reactions

2Na(s) + Cly(g) — 2NaCl (s) (8.12)
4Na(s) + O,(g) — 2Na,O(s) (8.13)
2Na(s) + S(s) — Na,S(s) (8.14)

are redox reactions because in each of these
reactions sodium is oxidised due to the
addition of either oxygen or more
electronegative element to sodium.
Simultaneously, chlorine, oxygen and sulphur
are reduced because to each of these, the
electropositive element sodium has been
added. From our knowledge of chemical
bonding we also know that sodium chloride,
sodium oxide and sodium sulphide are ionic
compounds and perhaps better written as
Na'Cl™ (s), (Na"),0°(s), and (Na), S*(s).
Development of charges on the species
produced suggests us to rewrite the reactions
(8.12 to 8.14) in the following manner :
loss of 2e”
| v
2Na(s) + Cly(g) — 2N4d Cl (s)
I A

gain of 2e

v

2Na(s) + O, (g) — (Na'), 0’ (s)

loss of 2e”

gain of 2e

loss of 2e”

2Na(s) + S(s) — (Na'),S” (s)
I A

gain of 2e”
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For convenience, each of the above
processes can be considered as two separate
steps, one involving the loss of electrons and
the other the gain of electrons. As an
illustration, we may further elaborate one of
these, say, the formation of sodium chloride.

2 Na(s) » 2 Na'(g) + 2e

Cly(g) +2¢ - 2 CI(g)

Each of the above steps is called a half
reaction, which explicitly shows involvement
of electrons. Sum of the half reactions gives
the overall reaction :

2 Na(s) + Cl, (g) — 2 Na" CI (s) or 2 NaCl (s)

Reactions 8.12 to 8.14 suggest that half
reactions that involve loss of electrons are
called oxidation reactions. Similarly, the
half reactions that involve gain of electrons
are called reduction reactions. It may not
be out of context to mention here that the new
way of defining oxidation and reduction has
been achieved only by establishing a
correlation between the behaviour of species
as per the classical idea and their interplay in
electron-transfer change. In reactions (8.12 to
8.14) sodium, which is oxidised, acts as
areducing agent because it donates electron
to each of the elements interacting with it and
thus helps in reducing them. Chlorine, oxygen
and sulphur are reduced and act as oxidising
agents because these accept electrons from
sodium. To summarise, we may mention that

Oxidation : Loss of electron(s) by any species.
Reduction: Gain of electron(s) by any species.
Oxidising agent : Acceptor of electron(s).
Reducing agent : Donor of electron(s).

Problem 8.2 Justify that the reaction :

2 Na(s) + Hy(g) —» 2 NaH (s) is a redox
change.

Solution

Since in the above reaction the compound
formed is an ionic compound, which may
also be represented as Na'H (s), this
suggests that one half reaction in this
process is :

2Na(s) - 2Na'(g) + 2¢
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and the other half reaction is:

H, (g) + 2¢ —> 2 H (g)

This splitting of the reaction under
examination into two half reactions
automatically reveals that here sodium is
oxidised and hydrogen is reduced,
therefore, the complete reaction is a redox
change.

8.2.1 Competitive Electron Transfer
Reactions

Place a strip of metallic zinc in an aqueous
solution of copper nitrate as shown in Fig. 8.1,
for about one hour. You may notice that the
strip becomes coated with reddish metallic
copper and the blue colour of the solution
disappears. Formation of Zn*" ions among the
products can easily be judged when the blue
colour of the solution due to Cu®>’ has
disappeared. If hydrogen sulphide gas is
passed through the colourless solution
containing Zn”" ions, appearance of white zinc
sulphide, ZnS can be seen on making the
solution alkaline with ammonia.

The reaction between metallic zinc and the
aqueous solution of copper nitrate is :
Zn(s) + Cu® (aq) + Cu(s) (8.15)

In reaction (8.15), zinc has lost electrons
to form Zn”* and, therefore, zinc is oxidised.
Evidently, now if zinc is oxidised, releasing
electrons, something must be reduced,
accepting the electrons lost by zinc. Copper
ion is reduced by gaining electrons from the zinc.

(aq) —» Zn>"

Reaction (8.15) may be rewritten as :

l— release of 2e” _l

Zn(s) + Cu*(aqg) — Zn”(aq) +Cul(s)

CHEMISTRY

At this stage we may investigate the state
of equilibrium for the reaction represented by
equation (8.15). For this purpose, let us place
a strip of metallic copper in a zinc sulphate
solution. No visible reaction is noticed and
attempt to detect the presence of Cu®" ions by
passing H,S gas through the solution to
produce the black colour of cupric sulphide,
CuS, does not succeed. Cupric sulphide has
such a low solubility that this is an extremely
sensitive test; yet the amount of Cu®** formed
cannot be detected. We thus conclude that the
state of equilibrium for the reaction (8.15)
greatly favours the products over the reactants.

Let us extend electron transfer reaction now
to copper metal and silver nitrate solution in
water and arrange a set-up as shown in
Fig. 8.2. The solution develops blue colour due
to the formation of Cu® ions on account of the
reaction:

l— release of 2e”

Cu(s) + 2Ag (aq) —— Cu’'(aq) + 2Ag(s)

I_gain of 2e _4T

(8.16)

Here, Cu(s) is oxidised to Cu2+(aq) and
Ag'(aq) is reduced to Ag(s). Equilibrium greatly
favours the products Ccu® (aq) and Ag(s).

By way of contrast, let us also compare the
reaction of metallic cobalt placed in nickel
sulphate solution. The reaction that occurs
here is :

l— release of 2e” —¢

Co(s) + Ni*'(ag) ——> Co**(aq) + Ni(s)

\_ gain of 2e’4T

\_ gain of 2e (8.17)
Intensity of
blue colour Finally cu’'is
Zn rod placed 11 IS reduced dep051ted as Cu
in copper
nitrate solution
Cu deposited
on Zn

Initial stage

Intermediate stage

Final stage

Fig. 8.1 Redox reaction between zinc and aqueous solution of copper nitrate occurring in a bealker.
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Blue colour
starts

Copper rod developlng

dipped in
silver nitrate
solution

Initial stage

Intermediate stage
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Intensity of blue
colour increases

 ——

Silver deposits
on the rod

Final stage

Fig. 8.2 Redox reaction between copper and aqueous solution of silver nitrate occurring in a bealker.

At equilibrium, chemical tests reveal that both
Ni*’(aq) and Co®*(aq) are present at moderate
concentrations. In this case, neither the
reactants [Co(s) and N12+(aq)] nor the products
[CoQ+(aq) and Ni (s)] are greatly favoured.

This competition for release of electrons
incidently reminds us of the competition for
release of protons among acids. The similarity
suggests that we might develop a table in
which metals and their ions are listed on the
basis of their tendency to release electrons just
as we do in the case of acids to indicate the
strength of the acids. As a matter of fact we
have already made certain comparisons. By
comparison we have come to know that zinc
releases electrons to copper and copper
releases electrons to silver and, therefore, the
electron releasing tendency of the metals is in
the order: Zn>Cu>Ag. We would love to make
our list more vast and design a metal activity
series or electrochemical series. The
competition for electrons between various
metals helps us to design a class of cells,
named as Galvanic cells in which the chemical
reactions become the source of electrical
energy. We would study more about these cells
in Class XII.

8.3 OXIDATION NUMBER

A less obvious example of electron transfer is
realised when hydrogen combines with oxygen
to form water by the reaction:

2H,(g) + O, (g) - 2H,O (1) (8.18)

Though not simple in its approach, yet we
can visualise the H atom as going from a
neutral (zero) state in H, to a positive state in
H,O, the O atom goes from a zero state in O,
to a dinegative state in H,O. It is assumed that
there is an electron transfer from H to O and
consequently H, is oxidised and O, is reduced.

However, as we shall see later, the charge
transfer is only partial and is perhaps better
described as an electron shift rather than a
complete loss of electron by H and gain by O.
What has been said here with respect to
equation (8.18) may be true for a good number
of other reactions involving covalent
compounds. Two such examples of this class
of the reactions are:

Hy(s) + Cly(g) — 2HCI(g)
and,
CH ,(g) + 4Cly(g) — CCl,(1) +4HCl(g) (8.20)

In order to keep track of electron shifts in
chemical reactions involving formation of
covalent compounds, a more practical method
of using oxidation number has been
developed. In this method, it is always
assumed that there is a complete transfer of
electron from a less electronegative atom to a
more electonegative atom. For example, we
rewrite equations (8.18 to 8.20) to show
charge on each of the atoms forming part of
the reaction :

(8.19)

0 (0] +1 -2
2H,(g) + O,(g) —» 2H,0 () (8.21)
(0] 0 +1 -1
H, (s) + Cly(g) — 2HCI(g) (8.22)
-4+1 (0] +4 -1 +1 -1
CH,(g) + 4Cly(g) » CCL(l) +4HCl(g) (8.23)

It may be emphasised that the assumption
of electron transfer is made for book-keeping
purpose only and it will become obvious at a
later stage in this unit that it leads to the simple
description of redox reactions.

Oxidation number denotes the
oxidation state of an element in a
compound ascertained according to a set
of rules formulated on the basis that
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electron pair in a covalent bond belongs
entirely to more electronegative element.

It is not always possible to remember or
make out easily in a compound/ion, which
element is more electronegative than the other.
Therefore, a set of rules has been formulated
to determine the oxidation number of an
element in a compound/ion. If two or more
than two atoms of an element are present in
the molecule/ion such as Na,S,05/ CrQOi_, the
oxidation number of the atom of that element
will then be the average of the oxidation
number of all the atoms of that element. We
may at this stage, state the rules for the
calculation of oxidation number. These rules are:

1. Inelements, in the free or the uncombined
state, each atom bears an oxidation
number of zero. Evidently each atom in H,,
O,, Cl,, O3, Py, Sg, Na, Mg, Al has the
oxidation number zero.

2. For ions composed of only one atom, the
oxidation number is equal to the charge
on the ion. Thus Na" ion has an oxidation
number of +1, Mg”" ion, +2, Fe*"ion, +3,
CI ion, -1, O* ion, -2; and so on. In their
compounds all alkali metals have
oxidation number of +1, and all alkaline
earth metals have an oxidation number of
+2. Aluminium is regarded to have an
oxidation number of +3 in all its
compounds.

3. The oxidation number of oxygen in most
compounds is —2. However, we come across
two kinds of exceptions here. One arises
in the case of peroxides and superoxides,
the compounds of oxygen in which oxygen
atoms are directly linked to each other.
While in peroxides (e.g., H,O,, Na,0,), each
oxygen atom is assigned an oxidation
number of —1, in superoxides (e.g., KO,,
RbO,) each oxygen atom is assigned an
oxidation number of —(¥2). The second
exception appears rarely, i.e. when oxygen
is bonded to fluorine. In such compounds
e.g., oxygen difluoride (OF,) and dioxygen
difluoride (O,F,), the oxygen is assigned
an oxidation number of +2 and +1,
respectively. The number assigned to
oxygen will depend upon the bonding state

CHEMISTRY

of oxygen but this number would now be

a positive figure only.

4. The oxidation number of hydrogen is +1,
except when it is bonded to metals in binary
compounds (that is compounds containing
two elements). For example, in LiH, NaH,
and CaH,, its oxidation number is —-1.

5. In all its compounds, fluorine has an
oxidation number of —1. Other halogens (Cl,
Br, and I) also have an oxidation number
of -1, when they occur as halide ions in
their compounds. Chlorine, bromine and
iodine when combined with oxygen, for
example in oxoacids and oxoanions, have
positive oxidation numbers.

6. The algebraic sum of the oxidation number
of all the atoms in a compound must be
zero. In polyatomic ion, the algebraic sum
of all the oxidation numbers of atoms of
the ion must equal the charge on the ion.
Thus, the sum of oxidation number of three
oxygen atoms and one carbon atom in the
carbonate ion, (COS)Q’ must equal -2.

By the application of above rules, we can
find out the oxidation number of the desired
element in a molecule or in an ion. It is clear
that the metallic elements have positive
oxidation number and nonmetallic elements
have positive or negative oxidation number.
The atoms of transition elements usually
display several positive oxidation states. The
highest oxidation number of a representative
element is the group number for the first two
groups and the group number minus 10
(following the long form of periodic table) for
the other groups. Thus, it implies that the
highest value of oxidation number exhibited
by an atom of an element generally increases
across the period in the periodic table. In the
third period, the highest value of oxidation
number changes from 1 to 7 as indicated below
in the compounds of the elements.

A term that is often used interchangeably
with the oxidation number is the oxidation
state. Thus in CO,, the oxidation state of
carbon is +4, that is also its oxidation number
and similarly the oxidation state as well as
oxidation number of oxygen is — 2. This implies
that the oxidation number denotes the
oxidation state of an element in a compound.
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Group 1 2 13 14 15 16 17
Element Na Mg Al Si P S Cl
Compound NacCl MgSO, AlF SiCl, PO, SF HCIO,
Highest oxidation +1 +2 +3 +4 +5 +6 +7
number state of
the group element

The oxidation number/state of a metal in a
compound is sometimes presented according
to the notation given by German chemist,
Alfred Stock. It is popularly known as Stock
notation. According to this, the oxidation
number is expressed by putting a Roman
numeral representing the oxidation number
in parenthesis after the symbol of the metal in
the molecular formula. Thus aurous chloride
and auric chloride are written as Au(I)Cl and
Au(IIl)Cl;. Similarly, stannous chloride and
stannic chloride are written as Sn(II)Cl, and
Sn(IV)Cl,. This change in oxidation number
implies change in oxidation state, which in
turn helps to identify whether the species is
present in oxidised form or reduced form.
Thus, Hg,(I)Cl, is the reduced form of Hg(II) CL,.
Problem 8.3
Using Stock notation, represent the
following compounds :HAuCl,, T1,0, FeO,
Fe,O5, Cul, CuO, MnO and MnO,.

Solution

By applying various rules of calculating
the oxidation number of the desired
element in a compound, the oxidation
number of each metallic element in its
compound is as follows:

HAuCl, — Auhas 3
T1,0 — Tlhas 1
FeO —  Fehas2
Fe,O4 — Fehas3
Cul — Cuhas1
CuO — Cuhas?2
MnO —  Mnhas 2
MnO, —  Mnhas 4

Therefore, these compounds may be
represented as:

HAu(IIT)Cl,, Tl,(O, Fe(I)O, Fe,(II)Os,
Cu(DI, Cu(I)O, Mn(I)O, Mn(IV)O,

The idea of oxidation number has been
invariably applied to define oxidation,
reduction, oxidising agent (oxidant), reducing
agent (reductant) and the redox reaction. To
summarise, we may say that:

Oxidation: An increase in the oxidation
number of the element in the given substance.

Reduction: A decrease in the oxidation
number of the element in the given substance.

Oxidising agent: A reagent which can
increase the oxidation number of an element
in a given substance. These reagents are called
as oxidants also.

Reducing agent: A reagent which lowers the
oxidation number of an element in a given
substance. These reagents are also called as
reductants.

Redox reactions: Reactions which involve
change in oxidation number of the interacting
species.

Problem 8.4

Justify that the reaction:

2Cu,0(s) + CuyS(s) — 6Cu(s) + SO,(g)
is a redox reaction. Identify the species

oxidised /reduced, which acts as an
oxidant and which acts as a reductant.

Solution

Let us assign oxidation number to each
of the species in the reaction under
examination. This results into:

+1 -2 +1 -2 0 +4 -2
2Cu,0(s) + Cu,S(s) — 6Cu(s) + SO,

We therefore, conclude that in this
reaction copper is reduced from +1 state
to zero oxidation state and sulphur is
oxidised from -2 state to +4 state. The
above reaction is thus a redox reaction.
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Further, Cu,O helps sulphur in Cu,S to
increase its oxidation number, therefore,
Cu(]) is an oxidant; and sulphur of Cu,S
helps copper both in Cu,S itself and Cu,O
to decrease its oxidation number;
therefore, sulphur of Cu,S is reductant.

8.3.1 Types of Redox Reactions

1. Combination reactions

A combination reaction may be denoted in the
manner:
A+B = C

Either A and B or both A and B must be in the
elemental form for such a reaction to be a redox
reaction. All combustion reactions, which
make use of elemental dioxygen, as well as
other reactions involving elements other than
dioxygen, are redox reactions. Some important
examples of this category are:

0 0 +4 -2

Cls) + O,(8 25 CO,(g (8.24)
0 0 +2 -3

3Mg(s) + Ny(g) 25 Mg,N,(s) (8.25)

-4+1 0 +4 -2 +1 -2

CH4(g) + 20,(g) 25 CO.g + 2H,0()

2. Decomposition reactions

Decomposition reactions are the opposite of
combination reactions. Precisely, a
decomposition reaction leads to the breakdown
of a compound into two or more components
at least one of which must be in the elemental
state. Examples of this class of reactions are:

+1 -2 0 0

2H,0 () 25 2H, (g) + O,(g) (8.26)
+1 -1 0 0

2NaH (s) 23 2Na (s) + H,(g) (8.27)
+1 +5 -2 +1 -1 0

2KClO; (s) A3 2KCI (s) + 30,(g) (8.28)

It may carefully be noted that there is no
change in the oxidation number of hydrogen
in methane under combination reactions and
that of potassium in potassium chlorate in
reaction (8.28). This may also be noted here
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that all decomposition reactions are not redox
reactions. For example, decomposition of
calcium carbonate is not a redox reaction.

+2 +4 -2 +2 -2 +4 -2
CaCO; (s) &5 CaO(s) + CO,lg)
3. Displacement reactions
In a displacement reaction, an ion (or an atom)
in a compound is replaced by an ion (or an
atom) of another element. It may be denoted
as:

X +YZ - XZ +Y

Displacement reactions fit into two categories:
metal displacement and non-metal
displacement.

(a) Metal displacement: A metal in a
compound can be displaced by another metal
in the uncombined state. We have already
discussed about this class of the reactions
under section 8.2.1. Metal displacement
reactions find many applications in
metallurgical processes in which pure metals
are obtained from their compounds in ores. A
few such examples are:

+2 +6 -2 [0} 0 +2 +6 -2
CuSOy,(aq) + Zn (s) - Cu(s) + ZnSO, (aq)
(8.29)
+5 -2 0 0 +2 -2
V,05 (s) + 5Ca (s) &5 2V (s) + 5CaO (s)
(8.30)
+4 -1 0 0 +2 -1
TiCl, (1) + 2Mg (s) 25 Ti (s) + 2 MgCl, (s)
(8.31)
+3 -2 0 +3 -2 0
Cr,0; (s) + 2 Al (s) 25 ALO; (s) + 2Cr(s)
(8.32)

In each case, the reducing metal is a better
reducing agent than the one that is being
reduced which evidently shows more capability
to lose electrons as compared to the one that
is reduced.

(b) Non-metal displacement: The non-metal
displacement redox reactions include
hydrogen displacement and a rarely occurring
reaction involving oxygen displacement.
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All alkali metals and some alkaline earth
metals (Ca, Sr, and Ba) which are very good
reductants, will displace hydrogen from cold
water.

0 +1 -2 +1 -2 +1 0
2Na(s) + 2H,0(1) — 2NaOH(aq) + H,(g)
(8.33)
0 +1 -2 +2 -2 +1 0
Ca(s) + 2H,0(1) — Ca(OH), (aq) + Hy(g)
(8.34)

Less active metals such as magnesium and
iron react with steam to produce dihydrogen gas:

0 +1 -2 +2 -2 +1 0
Mg(s) + 2H,0() 25 Mg(OH),(s) + Hy(g)
(8.35)
0 +1 -2 +3 -2 0

2Fe(s) + 3H,O(l) A5 Fe,04(s) + 3H,(g) (8.36)

Many metals, including those which do not
react with cold water, are capable of displacing
hydrogen from acids. Dihydrogen from acids
may even be produced by such metals which
do not react with steam. Cadmium and tin are
the examples of such metals. A few examples
for the displacement of hydrogen from acids
are:

0 +1 -1 +2 -1 0
Zn(s) + 2HCl(aq) — ZnCl, (aq) + H, (g)
(8.37)
0 +1-1 +2 -1 0
Mg (s) + 2HCI (aq) — MgCl, (aq) + H, (g)
(8.38)
0 +1 -1 +2 -1 0
Fe(s) + 2HCl(aq) — FeCl,(aq) + Hy(g)
(8.39)

Reactions (8.37 to 8.39) are used to
prepare dihydrogen gas in the laboratory.
Here, the reactivity of metals is reflected in the
rate of hydrogen gas evolution, which is the
slowest for the least active metal Fe, and the
fastest for the most reactive metal, Mg. Very
less active metals, which may occur in the
native state such as silver (Ag), and gold (Au)
do not react even with hydrochloric acid.

In section (8.2.1) we have already
discussed that the metals — zinc (Zn), copper
(Cu) and silver (Ag) through tendency to lose
electrons show their reducing activity in the
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order Zn> Cu>Ag. Like metals, activity series
also exists for the halogens. The power of these
elements as oxidising agents decreases as we
move down from fluorine to iodine in group
17 of the periodic table. This implies that
fluorine is so reactive that it can replace
chloride, bromide and iodide ions in solution.
In fact, fluorine is so reactive that it attacks
water and displaces the oxygen of water :
+1 -2 0 +1 -1 0
2H,0 () + 2F, (g) — 4HF(aq) + O,(g) (8.40)
It is for this reason that the displacement
reactions of chlorine, bromine and iodine
using fluorine are not generally carried out in
aqueous solution. On the other hand, chlorine
can displace bromide and iodide ions in an
aqueous solution as shown below:

0 +1 -1 +1 -1 0
Cl, (g) + 2KBr (aq) — 2 KCl (aq) + Br, (1)
(8.41)
0 +1-1 +1 -1 0
Cl, (g) + 2KI (aq) —» 2 KCl (aq) + I, (s)
(8.42)

As Br, and I, are coloured and dissolve in CCL,,
can easily be identified from the colour of the
solution. The above reactions can be written
in ionic form as:

0 -1 -1 0
Cl, (g) + 2Br (aq) — 2CI (aq) + Br, (1) (8.41a)
0 -1 -1 0

Cl, (g) +2I (aq) — 2CI (aq) + 1, (s) (8.42b)
Reactions (8.41) and (8.42) form the basis
of identifying Br  and I" in the laboratory
through the test popularly known as ‘Layer
Test’. It may not be out of place to mention
here that bromine likewise can displace iodide
ion in solution:
0 -1 -1 0
Br, () +2I (aq) —» 2Br (aq) +1, (s) (8.43)
The halogen displacement reactions have
a direct industrial application. The recovery
of halogens from their halides requires an
oxidation process, which is represented by:

2XT - X, + 2e (8.44)
here X denotes a halogen element. Whereas

chemical means are available to oxidise Cl°,
Br and I, as fluorine is the strongest oxidising
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agent; there is no way to convert F ions to F,
by chemical means. The only way to achieve
F, from F is to oxidise electrolytically, the
details of which you will study at a later stage.

4. Disproportionation reactions

Disproportionation reactions are a special type
of redox reactions. In a disproportionation
reaction an element in one oxidation state is
simultaneously oxidised and reduced. One of
the reacting substances in a
disproportionation reaction always contains
an element that can exist in at least three
oxidation states. The element in the form of
reacting substance is in the intermediate
oxidation state; and both higher and lower
oxidation states of that element are formed in
the reaction. The decomposition of hydrogen
peroxide is a familiar example of the reaction,
where oxygen experiences disproportionation.

+1 -1 +1 2 0
2H,0, (aq) — 2H,0() + O,(g) (8.45)
Here the oxygen of peroxide, which is present
in -1 state, is converted to zero oxidation state
in O, and decreases to -2 oxidation state in
H,O.

Phosphorous, sulphur and chlorine

undergo disproportionation in the alkaline
medium as shown below :

[0} -3 +1
P,(s) + 30OH (aq)+ 3H,0(l) — PH,(g) + 3H,PO,
(aq)
(8.46)
[0} -2 +2
Sgls) + 12 OH (aq) —» 4S™ (aq) + 25,05 (aq)
+6H,0(1)
(8.47)
[0} +1 -1
Cl,(g) +20H (aq) —» ClO (aq) +CIl (aq) +
H,O (1)
(8.48)

The reaction (8.48) describes the formation
of household bleaching agents. The
hypochlorite ion (C107) formed in the reaction
oxidises the colour-bearing stains of the
substances to colourless compounds.

Itis of interest to mention here that whereas
bromine and iodine follow the same trend as
exhibited by chlorine in reaction (8.48),
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fluorine shows deviation from this behaviour
when it reacts with alkali. The reaction that
takes place in the case of fluorine is as follows:

2 F,(g) + 20H (aq) — 2 F (aq) + OF,(g) + H,O()

(8.49)
(It is to be noted with care that fluorine in
reaction (8.49) will undoubtedly attack water
to produce some oxygen also). This departure
shown by fluorine is not surprising for us as
we know the limitation of fluorine that, being
the most electronegative element, it cannot
exhibit any positive oxidation state. This
means that among halogens, fluorine does not
show a disproportionation tendency.

Problem 8.5

Which of the following species, do not
show disproportionation reaction and
why ?

ClO, ClO,, ClO, and CIO,

Also write reaction for each of the species
that disproportionates.

Solution

Among the oxoanions of chlorine listed
above, ClO, does not disproportionate
because in this oxoanion chlorine is
present in its highest oxidation state that
is, +7. The disproportionation reactions
for the other three oxoanions of chlorine
are as follows:

+1 -1 +5
3CI0 — 2Cl +ClO,4
3 +5 -1
6 Cl10, hv, 4ClO; + 2Cl
+5 = +7
4Cl10; —» Cl + 3ClO,
Problem 8.6

Suggest a scheme of classification of the
following redox reactions

(@) N, (g) + O, (g) — 2 NO (g)
(b) 2Pb(NOs),(s) — 2PbO(s) + 4 NO, (g) +
0, (g
(c) NaH(s) + H,O(l) -» NaOH(aq) + H, (g)
(d) 2NO,(g) + 20H (aq) - NO,(aq) +
NO; (aq)+H,O(l)
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Solution (c), hydrogen of water has been displaced
In reaction (a), the compound nitric oxide by hydride ion into dihydrogen gas.
is formed by the combination of the Therefore, this may be called as
elemental substances, nitrogen and displacement redox reaction. The reaction
oxygen; therefore, this is an example of (d) involves disproportionation of NO,
combination redox reactions. The (+4 state) into NO, (+3 state) and NO;

reaction (b) involves the breaking down
of lead nitrate into three components;
therefore, this is categorised under
decomposition redox reaction. In reaction

(+5 state). Therefore reaction (d) is an
example of disproportionation redox
reaction.

The Paradox of Fractional Oxidation Number

Sometimes, we come across with certain compounds in which the oxidation number of a
particular element in the compound is in fraction. Examples are:

C;0, [where oxidation number of carbon is (4/3)],
Br;O4 [Where oxidation number of bromine is (16/3)]
and Na,S,04 (Where oxidation number of sulphur is 2.5).

We know that the idea of fractional oxidation number is unconvincing to us, because
electrons are never shared/transferred in fraction. Actually this fractional oxidation state is
the average oxidation state of the element under examination and the structural parameters
reveal that the element for whom fractional oxidation state is reahsed is present in different
oxidation states. Structure of the species C;0,, Br;Og and S406 reveal the following bonding
situations:

+2 0 +2
= C JC*=C' =@
Structure of C;0,

O\ (ﬁ //O (carbon suboxide) (||)+5 o o (”)+5
+6 +4 +6 = 5 o
O=/Br6—lir*—Br=O S s— Bl
7 N
(@) 0O O () (0]
Structure of Br;Og (tribromooctaoxide) Structure of S,0; (tetrathionate ion)

The element marked with asterisk in each species is exhibiting the different oxidation
state (oxidation number) from rest of the atoms of the same element in each of the species.
This reveals that in C;0,, two carbon atoms are present in +2 oxidation state each, whereas
the third one is present in zero oxidation state and the average is 4/3. However, the realistic
picture is +2 for two terminal carbons and zero for the middle carbon. Likewise in Br;Og, each
of the two terminal bromine atoms are present in +6 oxidation state and the middle bromine
is present in +4 oxidation state. Once again the average, that is different from reality, is
16/3. In the same fashion, in the species S406, each of the two extreme sulphurs exhibits
oxidation state of +5 and the two middle sulphurs as zero. The average of four oxidation
numbers of sulphurs of the S,04> is 2.5, whereas the reality being + 5,0,0 and +5 oxidation
number respectively for each sulphur.

We may thus, in general, conclude that the idea of fractional oxidation state should be
taken with care and the reality is revealed by the structures only. Further, whenever we come
across with fractional oxidation state of any particular element in any species, we must
understand that this is the average oxidation number only. In reality (revealed by structures
only), the element in that particular species is present in more than one whole number oxidation
states. Fe;O,, Mn;0,, Pb;O, are some of the other examples of the compounds, which are
mixed oxides, where we come across with fractional oxidation states of the metal atom. However,
the oxidation states may be in fraction as in O, and O, where it is +% and -% respectively.
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Problem 8.7

Why do the following reactions proceed
differently ?
Pb;O0, + 8HCI — 3PbCl, + Cl, + 4H,0
and
Pb,0, + 4HNO; — 2Pb(NO,), + PbO, +
2H,0
Solution
Pb;0O, is actually a stoichiometric
mixture of 2 mol of PbO and 1 mol of
PbO,. In PbO,, lead is present in +4
oxidation state, whereas the stable
oxidation state of lead in PbO is +2. PbO,
thus can act as an oxidant (oxidising
agent) and, therefore, can oxidise Cl” ion
of HCl into chlorine. We may also keep in
mind that PbO is a basic oxide. Therefore,
the reaction

Pb,0, + 8HCI — 3PbCl, + Cl, + 4H,0

can be splitted into two reactions namely:

2PbO + 4HCI — 2PbCl, + 2H,0
(acid-base reaction)

+4 1 +2 0
PbO, + 4HCI —» PbCl, + Cl, +2H,0
(redox reaction)

Since HNOj itself is an oxidising agent
therefore, it is unlikely that the reaction
may occur between PbO, and HNOs;.
However, the acid-base reaction occurs
between PbO and HNO; as:

2PbO + 4HNO, — 2Pb(NO,), + 2H,0

It is the passive nature of PbO, against
HNO, that makes the reaction different
from the one that follows with HCI.

8.3.2 Balancing of Redox Reactions

Two methods are used to balance chemical
equations for redox processes. One of these
methods is based on the change in the
oxidation number of reducing agent and the
oxidising agent and the other method is based
on splitting the redox reaction into two half
reactions — one involving oxidation and the
other involving reduction. Both these methods
are in use and the choice of their use rests with
the individual using them.

CHEMISTRY

(a) Oxidation Number Method: In writing
equations for oxidation-reduction reactions,
just as for other reactions, the compositions
and formulas must be known for the
substances that react and for the products that
are formed. The oxidation number method is
now best illustrated in the following steps:

Step 1: Write the correct formula for each
reactant and product.

Step 2: Identify atoms which undergo change
in oxidation number in the reaction by
assigning the oxidation number to all elements
in the reaction.

Step 3: Calculate the increase or decrease in
the oxidation number per atom and for the
entire molecule/ion in which it occurs. If these
are not equal then multiply by suitable
number so that these become equal. (If you
realise that two substances are reduced and
nothing is oxidised or vice-versa, something
is wrong. Either the formulas of reactants or
products are wrong or the oxidation numbers
have not been assigned properly).

Step 4: Ascertain the involvement of ions if
the reaction is taking place in water, add H" or
OH ions to the expression on the appropriate
side so that the total ionic charges of reactants
and products are equal. If the reaction is
carried out in acidic solution, use H" ions in
the equation; if in basic solution, use OH" ions.

Step 5: Make the numbers of hydrogen atoms
in the expression on the two sides equal by
adding water (H,O) molecules to the reactants
or products. Now, also check the number of
oxygen atoms. If there are the same number
of oxygen atoms in the reactants and
products, the equation then represents the
balanced redox reaction.

Let us now explain the steps involved in
the method with the help of a few problems
given below:

Problem 8.8

Write the net ionic equation for the
reaction of potassium dichromate(VI),
K,Cr,0; with sodium sulphite, Na,SO,,
in an acid solution to give chromium(III)
ion and the sulphate ion.
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Solution
Step 1: The skeletal ionic equation is:
Cr,0, (ag) + SO, (aq) — Cr’"(aq)

+S0; (aq)
Step 2: Assign oxidation numbers for Cr
and S
+6 -2 +4 -2 +3 +6 -2
Cr,02 (aq) + SO. (aq) — Cr(aq)+SO. (aq)
This indicates that the dichromate ion is

the oxidant and the sulphite ion is the
reductant.

Step 3: Calculate the increase and
decrease of oxidation number, and make
them equal: from step-2 we can notice that
there is change in oxidation state of
chromium and sulphur. Oxidation state
of chromium changes form +6 to +3. There
is decrease of +3 in oxidation state of
chromium on right hand side of the
equation. Oxidation state of sulphur
changes from +4 to +6. There is an increase
of +2 in the oxidation state of sulphur on
right hand side. To make the increase and
decrease of oxidation state equal, place
numeral 2 before cromium ion on right
hand side and numeral 3 before sulphate
ion on right hand side and balance the
chromium and sulphur atoms on both the
sides of the equation. Thus we get

+6 -2 +4 -2 +3
Cr,0,” (aq) + 3802 (aq) — 2Cr*" (aq) +
+6 -2
380;" (aq)

Step 4: As the reaction occurs in the
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Problem 8.9

Permanganate ion reacts with bromide ion
in basic medium to give manganese
dioxide and bromate ion. Write the
balanced ionic equation for the reaction.

Solution
Step 1: The skeletal ionic equation is :
MnO,(aq) + Br (aq) = MnO,(s) + BrO, (aq)

Step 2: Assign oxidation numbers for Mn
and Br

+7 -1 +4 +5
MnO,(aq) + Br (aq) -MnO, (s) + BrO; (aq)
this indicates that permanganate ion is
the oxidant and bromide ion is the
reductant.

Step 3: Calculate the increase and
decrease of oxidation number, and make
the increase equal to the decrease.

+7 =l +4 +5
2MnO,(aq)+Br (aq) — 2MnO,(s)+BrO(aq)
Step 4: As the reaction occurs in the basic
medium, and the ionic charges are not
equal on both sides, add 2 OH™ ions on
the right to make ionic charges equal.

2MnO, (aq) + Br (aq) — 2MnO,(s) +
BrO;(aq) + 20H (aq)
Step 5: Finally, count the hydrogen atoms
and add appropriate number of water
molecules (i.e. one H,O molecule) on the
left side to achieve balanced redox change.
2MnO,(aq) + Br (aq) + H,O(l) » 2MnO,(s)
+ BrO; (aq) + 20H (aq)

(b) Half Reaction Method: In this method,
the two half equations are balanced separately
and then added together to give balanced
equation.

acidic medium, and further the ionic
charges are not equal on both the sides,
add 8H" on the left to make ionic charges
equal
Cr,0. (aq) + 350 (ag)+ 8H — 2Crz+(aq)
+3S0, (aq)
Step 5: Finally, count the hydrogen
atoms, and add appropriate number of
water molecules (i.e., 4H,0) on the right
to achieve balanced redox change.

Cr,0. (aq) + 350, (aq)+ 8H' (aq) —
2Cr’ (aq) + 350, (aq) +4H,0 (I

Suppose we are to balance the equation
showing the oxidation of Fe®" ions to Fe® ions
by dichromate ions (Cr207)2’ in acidic medium,
wherein, Cr,O; ions are reduced to Cr*" ions.
The following steps are involved in this task.

Step 1: Produce unbalanced equation for the
reaction in ionic form :

F eQ+(aq) + CrQO? (aq) » F e (aq) + Cr3+(aq]
(8.50)
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Step 2: Separate the equation into half-
reactions:

+2 +3
Oxidation half : Fe®" (aq) » Fe*(aq)  (8.51)
+6 -2 +3
Reduction half : CrQOi_(aq) - Cr3+(aq]
(8.52)

Step 3: Balance the atoms other than O and
H in each half reaction individually. Here the
oxidation half reaction is already balanced with
respect to Fe atoms. For the reduction half
reaction, we multiply the Cr’* by 2 to balance
Cr atoms.

Cr,02 (aq) — 2 Cr’(aq) (8.53)
Step 4: For reactions occurring in acidic
medium, add H,O to balance O atoms and H"
to balance H atoms.
Thus, we get :
Cr,07 (aq) + 14H" (aq) - 2 Cr’'(aq) + 7H,0 (I
(8.54)
Step 5: Add electrons to one side of the half
reaction to balance the charges. If need be,
make the number of electrons equal in the two
half reactions by multiplying one or both half
reactions by appropriate number.

The oxidation half reaction is thus rewritten
to balance the charge:
Fe* (aqg) — Fe® (aq) +e (8.55)

Now in the reduction half reaction there are
net twelve positive charges on the left hand side
and only six positive charges on the right hand
side. Therefore, we add six electrons on the left
side.

Cr203_ (aq) + 14H" (aq) + 6e — 2Cr3+(aq) +
7H,0 (D) (8.56)
To equalise the number of electrons in both
the half reactions, we multiply the oxidation
half reaction by 6 and write as :
6Fe”" (aq) — 6Fe’’(aq) + 6e (8.57)
Step 6: We add the two half reactions to
achieve the overall reaction and cancel the
electrons on each side. This gives the net ionic
equation as:
6Fe”"(aq) + Cr,0; (aq) + 14H (aq) > 6 Fe’'(aq) +
2Cr “(aq) + 7H,0(1) (8.58)
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Step 7: Verify that the equation contains the
same type and number of atoms and the same
charges on both sides of the equation. This last
check reveals that the equation is fully
balanced with respect to number of atoms and
the charges.

For the reaction in a basic medium, first
balance the atoms as is done in acidic medium.
Then for each H" ion, add an equal number of
OH ions to both sides of the equation. Where
H" and OH appear on the same side of the
equation, combine these to give H,O.

Problem 8.10

Permanganate(VII) ion, MnO, in basic
solution oxidises iodide ion, I" to produce
molecular iodine (I,) and manganese (IV)
oxide (MnO,). Write a balanced ionic
equation to represent this redox reaction.

Solution

Step 1: First we write the skeletal ionic
equation, which is

MnO, (ag) + I" (aq) - MnO,(s) + L,(s)

Step 2: The two half-reactions are:
-1 0
Oxidation half: I'(aq) — I, (s)
+7 +4
Reduction half: MnO,(aq) —» MnO,(s)
Step 3: To balance the I atoms in the
oxidation half reaction, we rewrite it as:
21 (aq) — L, (s)

Step 4: To balance the O atoms in the
reduction half reaction, we add two water
molecules on the right:
MnO; (aq) - MnO, (s) + 2 H,O (1)
To balance the H atoms, we add four H"
ions on the left:
MnO,(aq) + 4 H' (aq) — MnO,(s) + 2H,0 (1)
As the reaction takes place in a basic
solution, therefore, for four H' ions, we
add four OH ions to both sides of the
equation:
MnO, (aq) + 4H" (aq) + 40H (aq) —

MnO, (s) + 2 H,O(l) + 40H (aq)
Replacing the H" and OH™ ions with water,
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the resultant equation is:

MnO; (aq) + 2H,0 () - MnO, (s) + 4 OH (aq)

Step 5 : In this step we balance the charges

of the two half-reactions in the manner

depicted as:

21 (aq) = I, (s) + 2e

MnO,(aq) + 2H,O(l) + 3e” — MnO,(s)
+40H (aq)

Now to equalise the number of electrons,

we multiply the oxidation half-reaction by

3 and the reduction half-reaction by 2.

6l (aq) — 3L, (s) + 6e

2 MnO, (aq) + 4H,0 () +6e — 2MnO,(s)
+ 80OH (aq)

Step 6: Add two half-reactions to obtain

the net reactions after cancelling electrons

on both sides.

6l (aq) + 2MnO,(aq) + 4H,0O(1) — 3I,(s) +

2MnO,(s) +8 OH (aq)
Step 7: A final verification shows that the
equation is balanced in respect of the

number of atoms and charges on both
sides.

8.3.3 Redox Reactions as the Basis for
Titrations

In acid-base systems we come across with a
titration method for finding out the strength of
one solution against the other using a pH
sensitive indicator. Similarly, in redox systems,
the titration method can be adopted to
determine the strength of a reductant/oxidant
using a redox sensitive indicator. The usage of
indicators in redox titration is illustrated below:

() In one situation, the reagent itself is
intensely coloured, e.g., permanganate ion,
MnO,. Here MnO, acts as the self indicator.
The visible end point in this case is
achieved after the last of the reductant (Fe**
or C,0,%) is oxidised and the first lasting
tinge of pink colour appears at MnO,"
concentration as low as 10° mol dm™
(10_6 mol L‘l). This ensures a minimal
‘overshoot’ in colour beyond the
equivalence point, the point where the
reductant and the oxidant are equal in
terms of their mole stoichiometry.
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(i) Ifthere is no dramatic auto-colour change
(as with MnO, titration), there are
indicators which are oxidised immediately
after the last bit of the reactant is
consumed, producing a dramatic colour
change. The best example is afforded by
CrQOi_, which is not a self-indicator, but
oxidises the indicator substance
diphenylamine just after the equivalence
point to produce an intense blue colour,
thus signalling the end point.

(iii) There is yet another method which is
interesting and quite common. Its use is
restricted to those reagents which are able
to oxidise I ions, say, for example, Cu(ll):
2Cu*'(aq) + 41 (aq) — Cu,ly(s) + L(aq) (8.59)
This method relies on the facts that iodine

itself gives an intense blue colour with starch

and has a very specific reaction with
thiosulphate ions (S,0,>), which too is a redox
reaction:

L(aq) + 2 S,04 (agq)—2I (aq) + S,0,7 (aq) (8.60)

I,, though insoluble in water, remains in
solution containing KI as Kl.

On addition of starch after the liberation of
iodine from the reaction of Cu”* ions on iodide
ions, an intense blue colour appears. This
colour disappears as soon as the iodine is
consumed by the thiosulphate ions. Thus, the
end-point can easily be tracked and the rest
is the stoichiometric calculation only.

8.3.4 Limitations of Concept of Oxidation
Number

As you have observed in the above discussion,
the concept of redox processes has been
evolving with time. This process of evolution
is continuing. In fact, in recent past the
oxidation process is visualised as a decrease
in electron density and reduction process as
an increase in electron density around the
atom(s) involved in the reaction.

8.4 REDOX REACTIONS AND ELECTRODE
PROCESSES

The experiment corresponding to reaction
(8.15), can also be observed if zinc rod is
dipped in copper sulphate solution. The redox
reaction takes place and during the reaction,
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zinc is oxidised to zinc ions and copper ions
are reduced to metallic copper due to direct
transfer of electrons from zinc to copper ion.
During this reaction heat is also evolved. Now
we modify the experiment in such a manner
that for the same redox reaction transfer of
electrons takes place indirectly. This
necessitates the separation of zinc metal from
copper sulphate solution. We take copper
sulphate solution in a beaker and put a
copper strip or rod in it. We also take zinc
sulphate solution in another beaker and put
a zinc rod or strip in it. Now reaction takes
place in either of the beakers and at the
interface of the metal and its salt solution in
each beaker both the reduced and oxidized
forms of the same species are present. These
represent the species in the reduction and
oxidation half reactions. A redox couple is
defined as having together the oxidised and
reduced forms of a substance taking part in
an oxidation or reduction half reaction.

This is represented by separating the
oxidised form from the reduced form by a
vertical line or a slash representing an
interface (e.g. solid/solution). For example
in this experiment the two redox couples are

Current flow S S
Electron flow  ——> Svyitch
Anode ’_Ll iCathode
- +
3\ 3\
Salt
bridge
\_ J g J
Oxidation Reduction
Zn—>7Zn*"+ 2¢” cu’" +2e"—> Cu

Fig.8.3 The set-up for Daniell cell. Electrons
produced at the anode due to oxidation
of Zn travel through the external circuit
to the cathode where these reduce the
copper ions. The circuit is completed
inside the cell by the migration of ions
through the salt bridge. It may be noted
that the direction of current is opposite
to the direction of electron flow.
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represented as Zn>*/Zn and Cu®*/Cu. In both
cases, oxidised form is put before the reduced
form. Now we put the beaker containing
copper sulphate solution and the beaker
containing zinc sulphate solution side by side
(Fig. 8.3). We connect solutions in two
beakers by a salt bridge (a U-tube containing
a solution of potassium chloride or
ammonium nitrate usually solidified by
boiling with agar agar and later cooling to a
jelly like substance). This provides an electric
contact between the two solutions without
allowing them to mix with each other. The
zinc and copper rods are connected by a metallic
wire with a provision for an ammeter and a
switch. The set-up as shown in Fig.8.3 is known
as Daniell cell. When the switch is in the off
position, no reaction takes place in either of
the beakers and no current flows through the
metallic wire. As soon as the switch is in the
on position, we make the following
observations:

1. The transfer of electrons now does not take
place directly from Zn to Cu®* but through
the metallic wire connecting the two rods
as is apparent from the arrow which
indicates the flow of current.

2. The electricity from solution in one beaker
to solution in the other beaker flows by the
migration of ions through the salt bridge.
We know that the flow of current is possible
only if there is a potential difference
between the copper and zinc rods known
as electrodes here.

The potential associated with each
electrode is known as electrode potential. If
the concentration of each species taking part
in the electrode reaction is unity (if any gas
appears in the electrode reaction, it is confined
to 1 atmospheric pressure) and further the
reaction is carried out at 298K, then the
potential of each electrode is said to be the
Standard Electrode Potential. By
convention, the standard electrode potential
(E°) of hydrogen electrode is 0.00 volts. The
electrode potential value for each electrode
process is a measure of the relative tendency
of the active species in the process to remain
in the oxidised/reduced form. A negative E°
means that the redox couple is a stronger
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reducing agent than the H'/H, couple. A
positive E° means that the redox couple is a
weaker reducing agent than the H'/H, couple.
The standard electrode potentials are very
important and we can get a lot of other useful
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information from them. The values of standard
electrode potentials for some selected electrode
processes (reduction reactions) are given in
Table 8.1. You will learn more about electrode
reactions and cells in Class XII.

Table 8.1 The Standard Electrode Potentials at 298 K
Ions are present as aqueous species and H,O as liquid; gases and
solids are shown by g and s respectively.

Reaction (Oxidised form + ne” — Reduced form) E° /V
A F,(g) + 2e — 2F 2.87
Co" + e — Co?" 1.81
H,0, + 2H* + 2e" — 2H,0 1.78
MnO,” + 8H* + 5e- — Mn? + 4H,0 1.51
Au®t + 3e- — Au(s) 1.40
Cly(g) + 2e — 2CI- 1.36
Cr,0,> + 14H" + 6e” — 2Cr®* + 7H,O 1.33
O,(g) + 4H* + 4e” — 2H,0 1.23
MnO,(s) + 4H* + 2e — Mn?* + 2H,0 1.23
= Br, + 2e- — 2Br 5 1.09
g NO, + 4H* + 3e- — NO(g) + 2H,0 %‘3) 0.97
;“;} 2Hg?" + 2¢ — Hg,?" b 0.92
5 Ag + e — Agls) £ 0.80
fg Fe®" + e — Fe?* —§ 0.77
: O,(g) + 2H* + 2¢° — H,0, : 0.68
c L(s) + 2e — oI - 0.54
&, Cu* + e — Cu(s) ‘go 0.52
E Cu? + 2¢ — Culs) 2 0.34
2 AgCl(s) + e —> Ag(s) + CI- o 0.22
g AgBr(s) + e —> Ag(s) + Br- % 0.10
g 2H* + 2e — H,(g) g 0.00
g Pb* + 2e- — Pb(s) £ -0.13
Sn?t + 2e” — Sn(s) -0.14
Ni?* + 2e- — Ni(s) -0.25
Fe?* + 2e — Fe(s) -0.44
Cr3*g+ 3e- — Cr(s) -0.74
Zn?*" + 2e” — Zn(s) -0.76
2H,0 + 2e” — H,(g) + 20H -0.83
A" + 3e” — Al(s) -1.66
Mg + 2e- — Mg(s) -2.36
Na* + e — Na(s) -2.71
Ca?" + 2e” — Ca(s) -2.87
K"+ e — K(s) -2.93
Li* + e — Li(s) 7 -3.05

1. A negative E° means that the redox couple is a stronger reducing agent than the H'/H, couple.
2. A positive E° means that the redox couple is a weaker reducing agent than the H'/H, couple.
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SUMMARY

Redox reactions form an important class of reactions in which oxidation and reduction
occur simultaneously. Three tier conceptualisation viz, classical, electronic and oxidation
number, which is usually available in the texts, has been presented in detail. Oxidation,
reduction, oxidising agent (oxidant) and reducing agent (reductant) have been viewed
according to each conceptualisation. Oxidation numbers are assigned in accordance
with a consistent set of rules. Oxidation number and ion-electron method both are
useful means in writing equations for the redox reactions. Redox reactions are classified
into four categories: combination, decomposition displacement and disproportionation
reactions. The concept of redox couple and electrode processes is introduced here.
The redox reactions find wide applications in the study of electrode processes and cells.

8.1

8.2

8.3

8.4

8.5

8.6

8.7

8.8

8.9

EXERCISES

Assign oxidation number to the underlined elements in each of the following
species:

(a) NaH,PO, (b) NaHSO, (c) H,P,0O, (d) K,MnO,

(e) CaQ, (f) NaBH, (g) H,S,0, (h) KAI(SO,)),.12 H,O

What are the oxidation number of the underlined elements in each of the
following and how do you rationalise your results ?

(@) KI, (b) H,8,0, (c) Fe,0, (d) CH,CH,OH (e) CH,COOH
Justify that the following reactions are redox reactions:

(a) CuO(s) + H,(g) — Cul(s) + H,0O(g)

(b) Fe,O,(s) + 3CO(g) — 2Fe(s) + 3CO,(g)

(c) 4BCl,(g) + 3LiAlH,(s) — 2B,H(g) + 3LiCl(s) + 3 AICI, (s)
(d) 2K(s) + F,g — 2K'F (s)

(e) 4 NH,(g) + 5 O,(g) — 4NO(g) + 6H,0(g)

Fluorine reacts with ice and results in the change:

H,0(s) + F,( — HF(g +HOF(g)

Justify that this reaction is a redox reaction.

Calculate the oxidation number of sulphur, chromium and nitrogen in H,SO,,
Cr2072 ~and NO,. Suggest structure of these compounds. Count for the fallacy.

Write formulas for the following compounds:

(a) Mercury(Il) chloride (b) Nickel(Il) sulphate
(c) Tin(IV) oxide (d) Thallium(I) sulphate
(e) Iron(Ill) sulphate () Chromium(IIl) oxide

Suggest a list of the substances where carbon can exhibit oxidation states from
-4 to +4 and nitrogen from -3 to +5.

While sulphur dioxide and hydrogen peroxide can act as oxidising as well as
reducing agents in their reactions, ozone and nitric acid act only as oxidants.
Why ?

Consider the reactions:

(a) 6 CO,(g +6H,00) — C,H,Olaq) + 60,(g)
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8.10

8.11

8.12

8.13

8.14

8.15

8.16

8.17

(b) O,(g) + H,0,(1) — H,0() +20,(g)

Why it is more appropriate to write these reactions as :
(a) 6CO,(g) + 12H,0() — C,H,, Oylaq) + 6H,0() + 60,(g)
(b) O,lg + H,0,() — H,0() + O,(g) + O,(g)

Also suggest a technique to investigate the path of the above (a) and (b) redox
reactions.

The compound AgF, is unstable compound. However, if formed, the compound
acts as a very strong oxidising agent. Why ?

Whenever a reaction between an oxidising agent and a reducing agent is carried
out, a compound of lower oxidation state is formed if the reducing agent is in
excess and a compound of higher oxidation state is formed if the oxidising agent
is in excess. Justify this statement giving three illustrations.

How do you count for the following observations ?

(a) Though alkaline potassium permanganate and acidic potassium
permanganate both are used as oxidants, yet in the manufacture of benzoic
acid from toluene we use alcoholic potassium permanganate as an oxidant.
Why ? Write a balanced redox equation for the reaction.

(b) When concentrated sulphuric acid is added to an inorganic mixture
containing chloride, we get colourless pungent smelling gas HCI, but if the
mixture contains bromide then we get red vapour of bromine. Why ?

Identify the substance oxidised reduced, oxidising agent and reducing agent for
each of the following reactions:

(a) 2AgBr (s) + C,H,O,(aq) — 2Ag(s) + 2HBr (aq) + C;H,0,(aq)
(b) HCHO(]) + 2[Ag (NH,),] (aq) + 30H (aq) — 2Ag(s) + HCOO (aq) + 4NH,(aq)
+ 2H,0(1)
() HCHO (1) + 2 Cu*'(aq) + 5 OH (aq) — Cu,O(s) + HCOO (aq) + 3H,0(])
(d) N,H, (1) + 2H,0,(1) — N,(g) + 4H,0()
(€) Pb(s) + PbO,(s) + 2H,S0,(aq) — 2PbSO,(s) + 2H,0(])
Consider the reactions :
25,02 (ag) + I(s) = S,0, (aq) + 2I (aq)
S,0.(aq) + 2Br,(l) + 5 H,0() — 2S0; (aq) + 4Br (aq) + 10H (aq)

Why does the same reductant, thiosulphate react differently with iodine and
bromine ?

Justify giving reactions that among halogens, fluorine is the best oxidant and
among hydrohalic compounds, hydroiodic acid is the best reductant.

Why does the following reaction occur ?
Xeog_ (aq) + 2F (aq) + 6H+(aq) — XeO,(g)+ F,(g) + 3H,0()

What conclusion about the compound Na,XeO, (of which XeOf; is a part) can be
drawn from the reaction.

Consider the reactions:
(a) H,PO,(aq) + 4 AgNO,(aq) + 2 H,0() — H,PO,(aq) + 4Ag(s) + 4HNO,(aq)
(b) H,PO,(aq) + 2CuSO,(aq) + 2 H,0() —» H,PO,(aq) + 2Cu(s) + H,SO, (aq)
() C,H,CHO() + 2[Ag [NH3)2]+(aq] + 30H (aq) —» C,H,COO (aq) + 2Ag(s) +
4NH, (aq) + 2 H,0(l)
(d) C,H,CHO() + 2Cu2+(aq] + 50H (aq) — No change observed.
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8.19

8.20

8.21

8.22

8.23

8.24

8.25

8.26

CHEMISTRY

What inference do you draw about the behaviour of Ag” and Ccu” from these
reactions ?

Balance the following redox reactions by ion — electron method :

(a) MnO, (aq) +I (aq) = MnO, (s) + L(s) (in basic medium)

(b) MnO, (aq) + SO, (g) — Mn”" (ag) + HSO, (aq) (in acidic solution)
() H,O, (aq) + Fe”' (aq) — Fe”* (ag) + H,O () (in acidic solution)

(d) Cr2072_+ SO,(g) — cr’” (aq) + 5042_ (aq) (in acidic solution)

Balance the following equations in basic medium by ion-electron method and
oxidation number methods and identify the oxidising agent and the reducing
agent.

(a) P,(s) + OH (aq) — PH,(g) + HPO, (aq)
(b) N,H,() + ClO,(aq) — NO(g) + CI(g)

(c) CLO,(g) + H,O,(aqg) = ClO,(aq) + O,(g) + H

What sorts of informations can you draw from the following reaction ?

(CN),(g) + 20H (aq) — CN (aq) + CNO (ag) + H,0())

The Mn”" ion is unstable in solution and undergoes disproportionation to give
Mn”", MnO,, and H' ion. Write a balanced ionic equation for the reaction.
Consider the elements :

Cs, Ne, I and F

(a) Identify the element that exhibits only negative oxidation state.
(b) Identify the element that exhibits only postive oxidation state.
(c) Identify the element that exhibits both positive and negative oxidation states.

(d) Identify the element which exhibits neither the negative nor does the positive
oxidation state.

Chlorine is used to purify drinking water. Excess of chlorine is harmful. The

excess of chlorine is removed by treating with sulphur dioxide. Present a balanced

equation for this redox change taking place in water.

Refer to the periodic table given in your book and now answer the following
questions:

(a) Select the possible non metals that can show disproportionation reaction.
(b) Select three metals that can show disproportionation reaction.

In Ostwald’s process for the manufacture of nitric acid, the first step involves
the oxidation of ammonia gas by oxygen gas to give nitric oxide gas and steam.
What is the maximum weight of nitric oxide that can be obtained starting only
with 10.00 g. of ammonia and 20.00 g of oxygen ?

Using the standard electrode potentials given in the Table 8.1, predict if the
reaction between the following is feasible:

(a) Fe3+(aq] and I (aq)
(b) Ag'(aq) and Cu(s)
(c) Fe” (aq) and Cu(s)
(d) Ag(s) and Fe*'(aq)
(e) Br,(aq) and Fe2+(aq).
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8.27

8.28

8.29

8.30

Predict the products of electrolysis in each of the following:
(i) An aqueous solution of AgNO, with silver electrodes

(ii) An aqueous solution AgNO, with platinum electrodes
(iii) A dilute solution of H,SO, with platinum electrodes

(iv) An aqueous solution of CuCl, with platinum electrodes.

Arrange the following metals in the order in which they displace each other
from the solution of their salts.

Al, Cu, Fe, Mg and Zn.

Given the standard electrode potentials,

K'/K = -2.93V, Ag'/Ag = 0.80V,

Hg”"/Hg = 0.79V

Mg”" /Mg = —2.37V. Cr’'/Cr = -0.74V

arrange these metals in their increasing order of reducing power.

Depict the galvanic cell in which the reaction Zn(s) + 2Ag+(aq] — Zn2+(aq] +2Ag(s)
takes place, Further show:

(i) which of the electrode is negatively charged,
(ii) the carriers of the current in the cell, and
(iii) individual reaction at each electrode.
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Objectives

After studying this unit, you will be
able to

present informed opinions on the
position of hydrogen in the
periodic table;

identify the modes of occurrence
and preparation of dihydrogen on
a small and commercial scale;
describe isotopes of hydrogen;
explain how different elements
combine with hydrogen to form
ionic, molecular and non-
stoichiometric compounds;
describe how an understanding of
its properties can lead to the
production of useful substances,
and new technologies;
understand the structure of water
and use the knowledge for
explaining physical and chemical
properties;

explain how environmental water
quality depends on a variety of
dissolved substances; difference
between hard' and 'soft' water and
learn about water softening;
acquire the knowledge about
heavy water and its importance;
understand the structure of
hydrogen peroxide, learn its
preparatory methods and
properties leading to the
manufacture of useful chemicals
and cleaning of environment;
understand and use certain terms
e.g., electron-deficient, electron-
precise, electron-rich, hydrogen
economy, hydrogenation etc.

UNIT 9

11083CHO9

Hydrogen, the most abundant element in the universe and the
third most abundant on the surface of the globe, is being
visualised as the major future source of energy.

Hydrogen has the simplest atomic structure among all the
elements around us in Nature. In atomic form it consists
of only one proton and one electron. However, in elemental
form it exists as a diatomic (H,) molecule and is called
dihydrogen. It forms more compounds than any other
element. Do you know that the global concern related to
energy can be overcome to a great extent by the use of
hydrogen as a source of energy? In fact, hydrogen is of
great industrial importance as you will learn in this unit.

9.1 POSITION OF HYDROGEN IN THE PERIODIC
TABLE

Hydrogen is the first element in the periodic table.
However, its placement in the periodic table has been a
subject of discussion in the past. As you know by now
that the elements in the periodic table are arranged
according to their electronic configurations.

Hydrogen has electronic configuration 1s'. On one
hand, its electronic conflguratlon is similar to the outer
electronic configuration (ns) of alkali metals , which belong
to the first group of the perlodlc table. On the other hand,
like halogens (with ns” np configuration belonging to the
seventeenth group of the periodic table), it is short by one
electron to the corresponding noble gas configuration,
helium (1s°). Hydrogen, therefore, has resemblance to
alkali metals, which lose one electron to form unipositive
ions, as well as with halogens, which gain one electron to
form uninegative ion. Like alkali metals, hydrogen forms
oxides, halides and sulphides. However, unlike alkali
metals, it has a very high ionization enthalpy and does not
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possess metallic characteristics under normal
conditions. In fact, in terms of ionization
enthalpy, hydrogen resembles more
with halogens A,H of Li is 520 kJ mol ', F 1s
1680 kJ mol™ and that of H is 1312 kJ mol
Like halogens, it forms a diatomic molecule,
combines with elements to form hydrides and
a large number of covalent compounds.
However, in terms of reactivity, it is very low as
compared to halogens.

Inspite of the fact that hydrogen, to a
certain extent resembles both with alkali
metals and halogens, it differs from them as
well. Now the pertinent question arises as
where should it be placed in the periodic table?
Loss of the electron from hydrogen atom
results in nucleus (H ) of ~1.5%X107® pm size.
This is extremely small as compared to normal
atomic and ionic sizes of 50 to 200pm. As a
consequence, H' does not exist freely and is
always associated with other atoms or
molecules. Thus, it is unique in behaviour and
is, therefore, best placed separately in the
periodic table (Unit 3).

9.2 DIHYDROGEN, H
9.2.1 Occurrence

2

Dihydrogen is the most abundant element in
the universe (70% of the total mass of the
universe) and is the principal element in the

285

solar atmosphere. The giant planets Jupiter
and Saturn consist mostly of hydrogen.
However, due to its light nature, it is much less
abundant (0.15% by mass) in the earth’s
atmosphere. Of course, in the combined form
it constitutes 15.4% of the earth's crust and
the oceans. In the combined form besides in
water, it occurs in plant and animal tissues,
carbohydrates, proteins, hydrides including
hydrocarbons and many other compounds.

9.2.2 Isotopes of Hydrogen

Hydrogen has three isotopes: protlum H
deuterium, 2H or D and tritium, H orT. Can
you guess how these isotopes dlffer from each
other ? These isotopes differ from one another
in respect of the presence of neutrons. Ordinary
hydrogen, protium, has no neutrons,
deuterium (also known as heavy hydrogen) has
one and tritium has two neutrons in the
nucleus. In the year 1934, an American
scientist, Harold C. Urey, got Nobel Prize for
separating hydrogen isotope of mass number
2 by physical methods.

The predominant form is protium.
Terrestrial hydrogen contains 0.0156% of
deuterium mostly in the form of HD. The
trltlum concentration is about one atom per
10'° atoms of protium. Of these isotopes, only
tritium is radioactive and emits low energy
B particles (t,,, 12.33 years).

15

Table 9.1 Atomic and Physical Properties of Hydrogen

Property Hydrogen Deuterium Tritium

Relative abundance (%) 99.985 0.0156 10°
Relative atomic mass (g molfl) 1.008 2.014 3.016
Melting point / K 13.96 18.73 20.62
Boiling point/ K 20.39 23.67 25.0
Density / gL 0.09 0.18 0.27
Enthalpy of fusion/kJ mol | 0.117 0.197 -
Enthalpy of vaporization/kJ mol ' 0.904 1.226 =
Enthalpy of bond

dissociation/kJ mol ' at 298.2K 435.88 443.35 -
Internuclear distance/pm 74.14 74.14 =
Ionization enthalpy/kJ mol | 1312 - -
Electron gain enthalpy/kJ mol ' -73 = =
Covalent radius/pm 37 = =
Ionic radius(H )/pm 208
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Since the isotopes have the same electronic
configuration, they have almost the same
chemical properties. The only difference is in
their rates of reactions, mainly due to their
different enthalpy of bond dissociation (Table
9.1). However, in physical properties these
isotopes differ considerably due to their large
mass differences.

9.3 PREPARATION OF DIHYDROGEN, H,

There are a number of methods for preparing
dihydrogen from metals and metal hydrides.

9.3.1 Laboratory Preparation of
Dihydrogen

() It is usually prepared by the reaction of
granulated zinc with dilute hydrochloric
acid.
Zn + 2H — Zn” + H,

(i) It can also be prepared by the reaction of
zinc with aqueous alkali.

Zn + 2NaOH — Na,ZnO, + H,
Sodium zincate

9.3.2 Commercial Production of
Dihydrogen

The commonly used processes are outlined

below:

() Electrolysis of acidified water using
platinum electrodes gives hydrogen.
Electrolysis

2H2O (1) Traces of acid / base 2H2 (g) + 02 (g)
(i) High purity (>99.95%) dihydrogen is
obtained by electrolysing warm aqueous
barium hydroxide solution between nickel
electrodes.

(iii) It is obtained as a byproduct in the
manufacture of sodium hydroxide and
chlorine by the electrolysis of brine
solution. During electrolysis, the reactions
that take place are:

at anode: 2Cl (aq) — CL,(g) + 2e

at cathode: 2H,0 (1) + 2e — H,(g) + 20H (aq)
The overall reaction is

2Na’ (aq) + 2Ci_(aq) +2H,0()

ClL,(g) + H,(g) + 2Na’ (aq) + 20H (aq)
(iv) Reaction of steam on hydrocarbons or coke
at high temperatures in the presence of
catalyst yields hydrogen.

CHEMISTRY

C.H,,,, + nH,0—225>nCO +(2n + 1)H,

e.g.,
1270K

CH, (g) +H,0(g)—=3 —CO(g) + 3H, (g)

The mixture of CO and H,, is called water
gas. As this mixture of CO and H, is used for
the synthesis of methanol and a number of
hydrocarbons, it is also called synthesis gas
or 'syngas'. Nowadays 'syngas' is produced
from sewage, saw-dust, scrap wood,
newspapers etc. The process of producing
'syngas' from coal is called ‘coal gasification'.

C(s)+H,0(g)—"=—CO(g)+H,(g)

The production of dihydrogen can be
increased by reacting carbon monoxide of
syngas mixtures with steam in the presence of
iron chromate as catalyst.

673K

CO(g)+H,0(g)——ma—CO, (g) +H, (g)

catalyst

This is called water-gas shift reaction.
Carbon dioxide is removed by scrubbing with
sodium arsenite solution.

Presently ~77% of the industrial
dihydrogen is produced from petro-chemicals,
18% from coal, 4% from electrolysis of aqueous
solutions and 1% from other sources.

9.4 PROPERTIES OF DIHYDROGEN

9.4.1 Physical Properties

Dihydrogen is a colourless, odourless,
tasteless, combustible gas. It is lighter than
air and insoluble in water. Its other physical
properties alongwith those of deuterium are
given in Table 9.1.

9.4.2 Chemical Properties

The chemical behaviour of dihydrogen (and for
that matter any molecule) is determined, to a
large extent, by bond dissociation enthalpy.
The H-H bond dissociation enthalpy is the
highest for a single bond between two atoms
of any element. What inferences would you
draw from this fact ? It is because of this factor
that the dissociation of dihydrogen into its
atoms is only ~0.081% around 2000K which
increases to 95.5% at 5000K. Also, it is
relatively inert at room temperature due to the
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high H-H bond enthalpy. Thus, the atomic
hydrogen is produced at a high temperature
in an electric arc or under ultraviolet
radiations. Since its orbital is incomplete with
1s' electronic configuration, it does combine
with almost all the elements. It accomplishes
reactions by (i) loss of the only electron to
give H, (i) gain of an electron to form H , and
(iii) sharing electrons to form a single covalent bond.

The chemistry of dihydrogen can be
illustrated by the following reactions:

Reaction with halogens: It reacts with
halogens, X, to give hydrogen halides, HX,
H, (g)+X,(g) > 2HX(g) (X=F,Cl Br,])
While the reaction with fluorine occurs even in
the dark, with iodine it requires a catalyst.

Reaction with dioxygen: It reacts with
dioxygen to form water. The reaction is highly
exothermic.

2H2(g] + 02 (g) catalyst or heating 2H20(1);

AH® = —285.9 kJ mol "

Reaction with dinitrogen: With dinitrogen
it forms ammonia.

3H, (g) + N, (g) —==5==—2NH, (g);
AH® =-92.6 kJ mol™

This is the method for the manufacture of
ammonia by the Haber process.

Reactions with metals: With many metals it
combines at a high temperature to yield the
corresponding hydrides (section 9.5)

H,(g) +2M(g) — 2ZMH(s);
where M is an alkali metal

Reactions with metal ions and metal
oxides: It reduces some metal ions in aqueous
solution and oxides of metals (less active than
iron) into corresponding metals.

H, (g)+Pd* (aq) » Pd(s)+2H" (aq)

yH, () + MO, (s) = xM(s) +yH,O(1)
Reactions with organic compounds: It
reacts with many organic compounds in the
presence of catalysts to give useful

hydrogenated products of commercial
importance. For example :

287

() Hydrogenation of vegetable oils using
nickel as catalyst gives edible fats
(margarine and vanaspati ghee)

(i) Hydroformylation of olefins yields
aldehydes which further undergo
reduction to give alcohols.

H, + CO +RCH = CH, —» RCH,CH,CHO
H, + RCH,CH,CHO — RCH,CH,CH,OH

Problem 9.1

Comment on the reactions of dihydrogen
with (i) chlorine, (ii) sodium, and (iii)
copper(Il) oxide

Solution

(i) Dihydrogen reduces chlorine into
chloride (Cl) ion and itself gets oxidised
to H' ion by chlorine to form hydrogen
chloride. An electron pair is shared
between H and Cl leading to the formation
of a covalent molecule.

(ii) Dihydrogen is reduced by sodium to
form NaH. An electron is transferred from
Na to H leading to the formation of an ionic
compound, Na H .

(iii) Dihydrogen reduces copper(Il) oxide
to copper in zero oxidation state and itself
gets oxidised to H,O, which is a covalent
molecule.

9.4.3 Uses of Dihydrogen

e The largest single use of dihydrogen is in
the synthesis of ammonia which is used in
the manufacture of nitric acid and
nitrogenous fertilizers.

e Dihydrogen is used in the manufacture of
vanaspati fat by the hydrogenation of
polyunsaturated vegetable oils like
soyabean, cotton seeds etc.

e [t is used in the manufacture of bulk
organic chemicals, particularly methanol.
cobalt

CO(g)+2H, (g)—==t - CH,OH(1)

catalyst
e It is widely used for the manufacture of
metal hydrides (Section 9.5)

e Itis used for the preparation of hydrogen
chloride, a highly useful chemical.
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e In metallurgical processes, it is used to
reduce heavy metal oxides to metals.

e Atomic hydrogen and oxy-hydrogen
torches find use for cutting and welding
purposes. Atomic hydrogen atoms
(produced by dissociation of dihydrogen
with the help of an electric arc) are allowed
to recombine on the surface to be welded
to generate the temperature of 4000 K.

e Itisused as arocket fuel in space research.

e Dihydrogen is used in fuel cells for
generating electrical energy. It has many
advantages over the conventional fossil
fuels and electric power. It does not produce
any pollution and releases greater energy
per unit mass of fuel in comparison to
gasoline and other fuels.

9.5 HYDRIDES

Dihydrogen, under certain reaction conditions,
combines with almost all elements, except
noble gases, to form binary compounds, called
hydrides. If ‘E’ is the symbol of an element then
hydride can be expressed as EH_(e.g., MgH,)
orE H (e.g., B,Hy).

The hydrides are classified into three
categories :

(i) Ionic or saline or saltlike hydrides
(ii) Covalent or molecular hydrides
(iii) Metallic or non-stoichiometric hydrides

9.5.1 Ionic or Saline Hydrides

These are stoichiometric compounds of
dihydrogen formed with most of the s-block
elements which are highly electropositive in
character. However, significant covalent
character is found in the lighter metal hydrides
such as LiH, BeH, and MgH,,. In fact BeH,, and
MgH, are polymeric in structure. The ionic
hydrides are crystalline, non-volatile and non-
conducting in solid state. However, their melts
conduct electricity and on electrolysis liberate
dihydrogen gas at anode, which confirms the
existence of H ion.

anode

2H" (melt)—*“—>H, (g) +2e"

Saline hydrides react violently with water
producing dihydrogen gas.
NaH(s)+H,0(aq) » NaOH(aq)+H, (g)

CHEMISTRY

Lithium hydride is rather unreactive at
moderate temperatures with O, or Cl,. It is,
therefore, used in the synthesis of other useful
hydrides, e.g.,

8LiH + AlL,Cl;, — 2LiAlH, + 6LiCl

2LiH + B,H, — 2LiBH,

9.5.2 Covalent or Molecular Hydride

Dihydrogen forms molecular compounds with
most of the p-block elements. Most familiar
examples are CH,, NH;, H,O and HF. For
convenience hydrogen compounds of non-
metals have also been considered as hydrides.
Being covalent, they are volatile compounds.

Molecular hydrides are further classified
according to the relative numbers of electrons
and bonds in their Lewis structure into :

(i) electron-deficient, (ii) electron-precise,
and (iii) electron-rich hydrides.

An electron-deficient hydride, as the name
suggests, has too few electrons for writing its
conventional Lewis structure. Diborane (B,Hy)
is an example. In fact all elements of group 13
will form electron-deficient compounds. What
do you expect from their behaviour? They act
as Lewis acids i.e., electron acceptors.

Electron-precise compounds have the
required number of electrons to write their
conventional Lewis structures. All elements of
group 14 form such compounds (e.g., CH,)
which are tetrahedral in geometry.

Electron-rich hydrides have excess
electrons which are present as lone pairs.
Elements of group 15-17 form such
compounds. (NH; has 1- lone pair, H,O - 2
and HF -3 lone pairs). What do you expect from
the behaviour of such compounds ? They will
behave as Lewis bases i.e., electron donors. The
presence of lone pairs on highly electronegative
atoms like N, O and F in hydrides results in
hydrogen bond formation between the
molecules. This leads to the association of
molecules.

Problem 9.2

Would you expect the hydrides of N, O
and F to have lower boiling points than
the hydrides of their subsequent group
members ? Give reasons.
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Solution

On the basis of molecular masses of NH,,
H,O0 and HF, their boiling points are
expected to be lower than those of the
subsequent group member hydrides.
However, due to higher electronegativity
of N, O and F, the magnitude of hydrogen
bonding in their hydrides will be quite
appreciable. Hence, the boiling points
NH,, H,O and HF will be higher than the
hydrides of their subsequent group
members.

9.5.3 Metallic or Non-stoichiometric
(or Interstitial ) Hydrides

These are formed by many d-block and f~block
elements. However, the metals of group 7, 8
and 9 do not form hydride. Even from group
6, only chromium forms CrH. These hydrides
conduct heat and electricity though not as
efficiently as their parent metals do. Unlike
saline hydrides, they are almost always non-
stoichiometric, being deficient in hydrogen. For
example, LaH2.87’ YbH2.55’ TiHl.S—l.S’ ZrH1.3—1.75’
VH, ;s NiH,4,,. PdH,, ,, etc. In such
hydrides, the law of constant composition does
not hold good.

Earlier it was thought that in these
hydrides, hydrogen occupies interstices in the
metal lattice producing distortion without any
change in its type. Consequently, they were
termed as interstitial hydrides. However, recent
studies have shown that except for hydrides
of Ni, Pd, Ce and Ac, other hydrides of this class
have lattice different from that of the parent
metal. The property of absorption of hydrogen
on transition metals is widely used in catalytic
reduction / hydrogenation reactions for the
preparation of large number of compounds.
Some of the metals (e.g., Pd, Pt) can
accommodate a very large volume of hydrogen
and, therefore, can be used as its storage
media. This property has high potential for
hydrogen storage and as a source of energy.

Problem 9.3

Can phosphorus with outer electronic
configuration 3523p3 form PH; ?
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Solution

Although phosphorus exhibits +3 and +5
oxidation states, it cannot form PHj.
Besides some other considerations, high
A H value of dihydrogen and A, H value
of hydrogen do not favour to exhibit the
highest oxidation state of P, and
consequently the formation of PH..

9.6 WATER

A major part of all living organisms is made
up of water. Human body has about 65% and
some plants have as much as 95% water. It is
a crucial compound for the survival of all life
forms. It is a solvent of great importance. The
distribution of water over the earth’s surface
is not uniform. The estimated world water
supply is given in Table 9.2

Table 9.2 Estimated World Water Supply

Source % of Total
Oceans 97.33
Saline lakes and inland seas 0.008
Polar ice and glaciers 2.04
Ground water 0.61
Lakes 0.009
Soil moisture 0.005
Atmospheric water vapour 0.001
Rivers 0.0001

9.6.1 Physical Properties of Water

It is a colourless and tasteless liquid. Its
physical properties are given in Table 9.3 along
with the physical properties of heavy water.

The unusual properties of water in the
condensed phase (liquid and solid states) are
due to the presence of extensive hydrogen
bonding between water molecules. This leads
to high freezing point, high boiling point, high
heat of vaporisation and high heat of fusion in
comparison to H,S and H,Se. In comparison
to other liquids, water has a higher specific
heat, thermal conductivity, surface tension,
dipole moment and dielectric constant, etc.
These properties allow water to play a key role
in the biosphere.
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Table 9.3 Physical Properties of H,O and D,0

Property H,0 D, 0
Molecular mass (g molfl) 18.0151 20.0276
Melting point/K 273.0 276.8
Boiling point/K 373.0 374.4
Enthalpy of formation/kJ mol ' -285.9 -294.6
Enthalpy of vaporisation (373K)/kJ mol 40.66 41.61
Enthalpy of fusion/kJ mol | 6.01 -
Temp of max. density/K 276.98 284.2
Density (298K)/g cm”” 1.0000 1.1059
Viscosity/centipoise 0.8903 1.107
Dielectric constant/CZ/N.m2 78.39 78.06
Electrical conductivity (293K/ ohm™ cmﬁl) 5.7x10° -

The high heat of vaporisation and heat
capacity are responsible for moderation of the
climate and body temperature of living beings.
Itis an excellent solvent for transportation of
ions and molecules required for plant and
animal metabolism. Due to hydrogen bonding
with polar molecules, even covalent
compounds like alcohol and carbohydrates
dissolve in water.

9.6.2 Structure of Water

In the gas phase water is a bent molecule with
a bond angle of 104.5°, and O-H bond length
0f 95.7 pm as shown in Fig 9.1(a). It is a highly

O 95.7 pm O
/1%4;)50\ 5 >
H ' H H H
(a) (b)

H
(c)

H,O molecule

Fig. 9.1 (a) The bent structure of water; (b) the
water molecule as a dipole and
(c) the orbital overlap picture in water
molecule.

polar molecule, (Fig 9.1(b)). Its orbital overlap
picture is shown in Fig. 9.1(c). In the liquid
phase water molecules are associated together
by hydrogen bonds.

The crystalline form of water is ice. At
atmospheric pressure ice crystallises in the
hexagonal form, but at very low temperatures
it condenses to cubic form. Density of ice is
less than that of water. Therefore, an ice cube
floats on water. In winter season ice formed
on the surface of a lake provides thermal
insulation which ensures the survival of the
aquatic life. This fact is of great ecological
significance.

9.6.3 Structure of Ice

Ice has a highly ordered three dimensional
hydrogen bonded structure as shown in
Fig. 9.2. Examination of ice crystals with

Fig. 9.2 The structure of ice
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X-rays shows that each oxygen atom is
surrounded tetrahedrally by four other oxygen
atoms at a distance of 276 pm.

Hydrogen bonding gives ice a rather open
type structure with wide holes. These holes can
hold some other molecules of appropriate size
interstitially.

9.6.4 Chemical Properties of Water

Water reacts with a large number of
substances. Some of the important reactions
are given below.

(1) Amphoteric Nature: It has the ability to
act as an acid as well as a basei.e., it behaves
as an amphoteric substance. In the Bronsted
sense it acts as an acid with NH, and a base
with H,S.

H,O(1)+ NH, (aq) = OH' (aq) +NH, (aq)
H,0(1)+H,S(aq) = H,0" (aq)+ HS™ (aq)

The auto-protolysis (self-ionization) of water
takes place as follows :

H,0(1) + H,0(1) &= H,0"(aq)+ OH (aq)

acid-1 base-2 acid-2 base-1
(acid) (base) (conjugate (conjugate
acid) base)

(2) Redox Reactions Involving Water: Water
can be easily reduced to dihydrogen by highly
electropositive metals.

2H,0(1)+2Na(s) - 2NaOH(aq) +H, (g)
Thus, it is a great source of dihydrogen.
Water is oxidised to O, during photosynthesis.
6CO,(g) + 12H,0(1) — C,H,,04(aq) + 6H,0()

+ 60,(g)
With fluorine also it is oxidised to O,.
2F,(g) + 2H,0() — 4H' (aq) + 4F (aq) + O,(g)
(3) Hydrolysis Reaction: Due to high
dielectric constant, it has a very strong
hydrating tendency. It dissolves many ionic

compounds. However, certain covalent and
some ionic compounds are hydrolysed in water.

P,0,,(s)+6H,0(1) - 4H,PO, (aq)

SiCl, (1) +2H,0(1) — SiO, (s) + 4HCl(aq)
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N* (s)+3H,0(1) - NH, (g) + 30H (aq)

(4) Hydrates Formation: From aqueous
solutions many salts can be crystallised as
hydrated salts. Such an association of water
is of different types viz.,

(i) coordinated water e.g.,

[cr(H,0), ] 3cr

(i) interstitial water e.g., BaCl,.2H,O

(iii) hydrogen-bonded water e.g.,
[cu(H,0), ] SO* H,0in CuS0,.5H,0,

Problem 9.4

How many hydrogen-bonded water
molecule(s) are associated in
CuSO,.5H,0?

Solution

Only one water molecule, which is outside
the brackets (coordination sphere), is
hydrogen-bonded. The other four
molecules of water are coordinated.

9.6.5 Hard and Soft Water

Rain water is almost pure (may contain some
dissolved gases from the atmosphere). Being a
good solvent, when it flows on the surface of
the earth, it dissolves many salts. Presence of
calcium and magnesium salts in the form of
hydrogencarbonate, chloride and sulphate in
water makes water ‘hard’. Hard water does
not give lather with soap. Water free from
soluble salts of calcium and magnesium is
called Soft water. It gives lather with soap
easily.

Hard water forms scum/precipitate with

soap. Soap containing sodium stearate
(C, . H,.COONa) reacts with hard water to

177735

precipitate out Ca/Mg stearate.
2C,,H,,COONa (aq) + M** (aq) —
(C,;H3CO0), M | +2Na* (aq): Mis Ca /Mg

Itis, therefore, unsuitable for laundry. It is
harmful for boilers as well, because of
deposition of salts in the form of scale. This
reduces the efficiency of the boiler. The
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hardness of water is of two types: (i) temporary
hardness, and (ii) permanent hardness.

9.6.6 Temporary Hardness

Temporary hardness is due to the presence of
magnesium and calcium hydrogen-
carbonates. It can be removed by :

(i) Boiling: During boiling, the soluble
Mg(HCO,), is converted into insoluble Mg(OH),
and Ca(HCO,), is changed to insoluble CaCO,.
It is because of high solubility product of
Mg(OH), as compared to that of MgCO,, that
Mg(OH), is precipitated. These precipitates can
be removed by filtration. Filtrate thus obtained
will be soft water.

Heating

Mg (HCO,), —*=®¢ Mg (OH), | + 2CO, T
Ca(HCO,), —=%¢ CaCO, | +H,0+CO, T

(i1) Clark’s method: In this method calculated
amount of lime is added to hard water. It
precipitates out calcium carbonate and
magnesium hydroxide which can be filtered off.

Ca(HCO,), + Ca(OH), — 2CaCO, { +2H,0

Mg(HCO,), +2Ca(OH), —2CaCO, |
+Mg(OH), { +2H,0

9.6.7 Permanent Hardness

It is due to the presence of soluble salts of
magnesium and calcium in the form of
chlorides and sulphates in water. Permanent
hardness is not removed by boiling. It can be
removed by the following methods:

(i) Treatment with washing soda (sodium
carbonate): Washing soda reacts with soluble
calcium and magnesium chlorides and
sulphates in hard water to form insoluble
carbonates.

MCl, + Na,CO, - MCO, | + 2NaCl
(M =Mg, Ca)

MSO, +Na,CO, - MCO, | + Na,SO,

(ii) Calgon’s method: Sodium hexameta-
phosphate (Na,P,O,;), commercially called
‘calgon’, when added to hard water, the
following reactions take place.

CHEMISTRY

Na,P,0,, — 2Na* + Na,P,0?;
(M =Mg, Ca)

M?* +Na,P,0% — [Na,MP,0,,]" +2Na*

The complex anion keeps the Mg2+ and Ca”’
ions in solution.

(iii) Ion-exchange method: This method is
also called zeolite/permutit process. Hydrated
sodium aluminium silicate is zeolite /permutit.
For the sake of simplicity, sodium aluminium
silicate (NaAlSiO,) can be written as NaZ. When
this is added in hard water, exchange reactions
take place.

2NaZ(s)+M?* (aq) - MZ, (s)+2Na" (aq)
(M = Mg, Ca)

Permutit/zeolite is said to be exhausted
when all the sodium in it is used up. It is
regenerated for further use by treating with an
aqueous sodium chloride solution.

MZ, (s)+2NaCl(aq) — 2NaZ(s)+MCl, (aq)

(iv) Synthetic resins method: Nowadays
hard water is softened by using synthetic
cation exchangers. This method is more efficient
than zeolite process. Cation exchange resins
contain large organic molecule with - SO,H
group and are water insoluble. Ion exchange
resin (RSO,H) is changed to RNa by treating it
Wlth NaCl. T he resin exchanges Na' ions with
ca” and Mg ions present in hard water to
make the water soft. Here R is resin anion.

2RNa(s)+M?** (aq) - R,M(s)+2Na* (aq)

The resin can be regenerated by adding
aqueous NaCl solution.

Pure de-mineralised (de-ionized) water free
from all soluble mineral salts is obtained by
passing water successwely through a cation
exchange (in the H form) and an anion-
exchange (in the OH form) resins:

2RH(s)+M?*" (aq) = MR, (s)+2H" (aq)

In thls catlon exchange process, H' exchanges
for Na', Ca” Mg and other cations present
in water. ThlS process results in proton release
and thus makes the water acidic. In the anion
exchange process:
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RNH, (s) + H,0 (1) = RNH;.OH" (s)

RNH;.OH (s)+ X (aq) = RNH;.X" (s)
+OH" (aq)

OH exchanges for anions like Cl , HCO,, SOi_

etc. present in water. OH ions, thus, liberated

neutralise the H' ions set free in the cation
exchange.

H' (aq)+OH (aq) — H,O(1)
The exhausted cation and anion exchange

resin beds are regenerated by treatment with
dilute acid and alkali solutions respectively.

9.7 HYDROGEN PEROXIDE (H,0,)
Hydrogen peroxide is an important chemical
used in pollution control treatment of domestic
and industrial effluents.

9.7.1 Preparation

It can be prepared by the following methods.
(i) Acidifying barium peroxide and removing
excess water by evaporation under reduced
pressure gives hydrogen peroxide.

BaO,.8H,0(s)+H,SO, (aq) » BaSO, (s) +
H;0, (aq) +8H,0(1)

(ii) Peroxodisulphate, obtained by electrolytic
oxidation of acidified sulphate solutions at
high current density, on hydrolysis yields
hydrogen peroxide.

Electrolysis

2HSO; (aq)—2<ms 5 HO,SO0SO,H (aq)
Hydrolysis 2HSO; (aq) +2H (aq) + H202 (aQ)

This method is now used for the laboratory
preparation of D,0,,.

K,S,04 (s)+2D,0(1) - 2KDSO, (aq) + D,0, (1)

(iii) Industrially it is prepared by the auto-
oxidation of 2-alklylanthraquinols.
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2 — ethylanthraquinol # H,O, +

(oxidised product)

In this case 1% H,O, is formed. It is
extracted with water and concentrated to ~30%
(by mass) by distillation under reduced
pressure. It can be further concentrated to
~85% by careful distillation under low
pressure. The remaining water can be frozen
out to obtain pure H,O,.

9.7.2 Physical Properties

In the pure state H,O, is an almost colourless
(very pale blue) liquid. Its important physical
properties are given in Table 9.4.

H,0, is miscible with water in all
proportions and forms a hydrate H,O,.H,O
(mp 221K). A 30% solution of H,O, is marketed
as ‘100 volume’ hydrogen peroxide. It means
that one millilitre of 30% H, O, solution will give
100 mL of oxygen at STP. Commercially
marketed sample is 10 V, which means that
the sample contains 3% H,0,,.

Problem 9.5

Calculate the strength of 10 volume
solution of hydrogen peroxide.

Solution

10 volume solution of H,O, means that
1L of this H,O, solution will give 10 L of
oxygen at STP

2H,0, (1) » 0, (g) + H,0(1)

2x34 g 22.7 L at STP

68 g

On the basis of above equation 22.7 L of
O, is produced from 68 g H,0, at STP
10 L of O, at STP is produced from

68 x10

52,7 g=299¢g = 30gH,0,
Therefore, strength of H,0, in 10 volume
H,0, solution = 30 g/L = 3% H,O,
solution

Table 9.4 Physical Properties of Hydrogen Peroxide

Melting point/K 272.4 Density (liquid at 298 K)/g cm’® 1.44
Boiling point(exrapolated)/K 423 Viscosity (290K)/centipoise 1.25
Vapour pressure(298K)/mmHg 1.9 Dielectric constant (298K) /CZ/N m” 70.7
Density (solid at 268.5K)/g cm 1.64  Electrical conductivity (298K)/Q " ecm = 5.1x10°
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9.7.3 Structure
Hydrogen peroxide has a non-planar

structure. The molecular dimensions in the gas
phase and solid phase are shown in Fig 9.3

T

iH

\95.0 pm
i\ 147.5pm

renO

i \98.8pm
i\ 1458 pm
= 0

(a) Gas phase

(b) Solid phase

Fig. 9.3 (a) H,0, structure in gas phase, dihedral
angleis 111.5°. (b) H,O, structure in solid
phase at 110K, dihedral angle is 90.2°.

9.7.4 Chemical Properties

It acts as an oxidising as well as reducing agent
in both acidic and alkaline media. Simple
reactions are described below.

(i) Oxidising action in acidic medium
2Fe** (aq)+2H" (aq) +H,0, (aq) =
2Fe* (aq)+2H,0(1)

PbS(s)+4H,0, (aq) —» PbSO, (s)+4H,O(1)
(ii) Reducing action in acidic medium
2MnQO, +6H" +5H,0, — 2Mn*" + 8H,0 + 50,
HOCI +H,0, - H,0" +Cl" +O,
(iii) Oxidising action in basic medium

2Fe?" + H,0, — 2Fe® + 20H"

Mn*" + H,0, — Mn*" +20H"
(iv) Reducing action in basic medium
I, +H,0, +20H" = 2I' +2H,0+0,
2MnO, +3H,0, — 2MnO, + 30, +

2H,0+20H"

9.7.5 Storage
H,0, decomposes slowly on exposure to light.

2H,0, (1) -» 2H,0(1)+ O, (g)

In the presence of metal surfaces or traces of
alkali (present in glass containers), the above

CHEMISTRY

reaction is catalysed. It is, therefore, stored in
wax-lined glass or plastic vessels in dark. Urea
can be added as a stabiliser. It is kept away
from dust because dust can induce explosive
decomposition of the compound.

9.7.6 Uses

Its wide scale use has led to tremendous
increase in the industrial production of H,O,.
Some of the uses are listed below:

() In daily life it is used as a hair bleach and
as a mild disinfectant. As an antiseptic it is
sold in the market as perhydrol.

(i) It is used to manufacture chemicals like
sodium perborate and per-carbonate,
which are used in high quality detergents.

(iif) It is used in the synthesis of hydroquinone,
tartaric acid and certain food products and
pharmaceuticals (cephalosporin) etc.

(iv) It is employed in the industries as a
bleaching agent for textiles, paper pulp,
leather, oils, fats, etc.

(v) Nowadays it is also used in Environmental
(Green) Chemistry. For example, in
pollution control treatment of domestic and
industrial effluents, oxidation of cyanides,
restoration of aerobic conditions to sewage
wastes, etc.

9.8 HEAVY WATER, D,O

It is extensively used as a moderator in nuclear
reactors and in exchange reactions for the
study of reaction mechanisms. It can be
prepared by exhaustive electrolysis of water or
as a by-product in some fertilizer industries.
Its physical properties are given in Table 9.3.
It is used for the preparation of other deuterium
compounds, for example:

CaC, +2D,0 — C,D, +Ca(OD),
SO, +D,0 — D,SO,
AlL,C, +12D,0 — 3CD, +4AI1(OD),

9.9 DIHYDROGEN AS A FUEL

Dihydrogen releases large quantities of heat on
combustion. The data on energy released by
combustion of fuels like dihydrogen, methane,
LPG etc. are compared in terms of the same
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amounts in mole, mass and volume, are shown
in Table 9.5.

From this table it is clear that on a mass
for mass basis dihydrogen can release more
energy than petrol (about three times).
Moreover, pollutants in combustion of
dihydrogen will be less than petrol. The only
pollutants will be the oxides of dinitrogen (due
to the presence of dinitrogen as impurity with
dihydrogen). This, of course, can be minimised
by injecting a small amount of water into the
cylinder to lower the temperature so that the
reaction between dinitrogen and dioxygen may
not take place. However, the mass of the
containers in which dihydrogen will be kept
must be taken into consideration. A cylinder
of compressed dihydrogen weighs about 30
times as much as a tank of petrol containing
the same amount of energy. Also, dihydrogen
gas is converted into liquid state by cooling to
20K. This would require expensive insulated
tanks. Tanks of metal alloy like NaNi, Ti-TiH,,
Mg-MgH, etc. are in use for storage of
dihydrogen in small quantities. These
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limitations have prompted researchers to
search for alternative techniques to use
dihydrogen in an efficient way.

In this view Hydrogen Economy is an
alternative. The basic principle of hydrogen
economy is the transportation and storage of
energy in the form of liquid or gaseous
dihydrogen. Advantage of hydrogen economy
is that energy is transmitted in the form of
dihydrogen and not as electric power. It is for
the first time in the history of India that a pilot
project using dihydrogen as fuel was launched
in October 2005 for running automobiles.
Initially 5% dihydrogen has been mixed in
CNG for use in four-wheeler vehicles. The
percentage of dihydrogen would be gradually
increased to reach the optimum level.

Nowadays, it is also used in fuel cells for
generation of electric power. It is expected that
economically viable and safe sources of
dihydrogen will be identified in the years to
come, for its usage as a common source of
energy.

Table 9.5 The Energy Released by Combustion of Various Fuels in Moles, Mass and Volume

Energy released on Dihydrogen Dihydrogen LPG CH, gas Octane

combustion in kJ (in gaseous (in liquid) (in liquid

state) state) state)

per mole 286 285 2220 880 5511

per gram 143 142 50 53 47

per litre 12 9968 25590 35 34005
SUMMARY

Hydrogen is the lightest atom with only one electron. Loss of this electron results in an
elementary particle, the proton. Thus, it is unique in character. It has three isotopes,
namely : protium (iH), deuterium (D or 21H) and tritium (T ore’lH). Amongst these three,
only tritium is radioactive. Inspite of its resemblance both with alkali metals and halogens,
it occupies a separate position in the periodic table because of its unique properties.

Hydrogen is the most abundant element in the universe. In the free state it is almost
not found in the earth’s atmosphere. However, in the combined state, it is the third most
abundant element on the earth’s surface.

Dihydrogen on the industrial scale is prepared by the water-gas shift reaction from
petrochemicals. It is obtained as a byproduct by the electrolysis of brine.
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The H-H bond dissociation enthalpy of dihydrogen (435.88 kJ mol ') is the highest
for a single bond between two atoms of any elements. This property is made use of in the
atomic hydrogen torch which generates a temperature of ~4000K and is ideal for welding
of high melting metals.

Though dihydrogen is rather inactive at room temperature because of very high
negative dissociation enthalpy, it combines with almost all the elements under appropriate
conditions to form hydrides. All the type of hydrides can be classified into three categories:
ionic or saline hydrides, covalent or molecular hydrides and metallic or non-stoichiometric
hydrides. Alkali metal hydrides are good reagents for preparing other hydride compounds.
Molecular hydrides (e.g., B,H,, CH,, NH,, H,0) are of great importance in day-to-day life.
Metallic hydrides are useful for ultrapurification of dihydrogen and as dihydrogen storage
media.

Among the other chemical reactions of dihydrogen, reducing reactions leading to
the formation hydrogen halides, water, ammonia, methanol, vanaspati ghee, etc. are of
great importance. In metallurgical process, it is used to reduce metal oxides. In space
programmes, it is used as a rocket fuel. In fact, it has promising potential for use as a
non-polluting fuel of the near future (Hydrogen Economy).

Water is the most common and abundantly available substance. It is of a great
chemical and biological significance. The ease with which water is transformed from
liquid to solid and to gaseous state allows it to play a vital role in the biosphere. The
water molecule is highly polar in nature due to its bent structure. This property leads to
hydrogen bonding which is the maximum in ice and least in water vapour. The polar
nature of water makes it: (a) a very good solvent for ionic and partially ionic compounds;
(b) to act as an amphoteric (acid as well as base) substance; and (c) to form hydrates of
different types. Its property to dissolve many salts, particularly in large quantity, makes
it hard and hazardous for industrial use. Both temporary and permanent hardness can
be removed by the use of zeolites, and synthetic ion-exchangers.

Heavy water, D,O is another important compound which is manufactured by the
electrolytic enrichment of normal water. It is essentially used as a moderator in nuclear
reactors.

Hydrogen peroxide, H,0, has an interesting non-polar structure and is widely used
as an industrial bleach and in pharmaceutical and pollution control treatment of
industrial and domestic effluents.

EXERCISES
9.1 Justify the position of hydrogen in the periodic table on the basis of its electronic
configuration.
9.2 Write the names of isotopes of hydrogen. What is the mass ratio of these isotopes?
9.3 Why does hydrogen occur in a diatomic form rather than in a monoatomic form
under normal conditions?
9.4 How can the production of dihydrogen, obtained from ‘coal gasification’, be

increased?

9.5 Describe the bulk preparation of dihydrogen by electrolytic method. What is the
role of an electrolyte in this process ?

9.6 Complete the following reactions:

(l) HQ(g)+ IVImOo(S)#>

(i co(g)+ H,(g) —mime

catalyst
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9.7

9.8

9.9

9.17
9.18

9.20

9.21
9.22
9.23

9.24
9.25
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(@)  C,H,(g) + 3H,0(8) —=e—

catalyst

(iv) Zn(s) + NaOH (aq) —<
Discuss the consequences of high enthalpy of H-H bond in terms of chemical
reactivity of dihydrogen.

What do you understand by (i) electron-deficient, (ii) electron-precise, and (iii)
electron-rich compounds of hydrogen? Provide justification with suitable examples.

What characteristics do you expect from an electron-deficient hydride with respect
to its structure and chemical reactions?

Do you expect the carbon hydrides of the type (C H,,,,) to act as ‘Lewis’ acid or
base? Justify your answer.

What do you understand by the term “non-stoichiometric hydrides”? Do you
expect this type of the hydrides to be formed by alkali metals? Justify your answer.

How do you expect the metallic hydrides to be useful for hydrogen storage?
Explain.

How does the atomic hydrogen or oxy-hydrogen torch function for cutting and
welding purposes ? Explain.

Among NH,, H,0 and HF, which would you expect to have highest magnitude of
hydrogen bonding and why?

Saline hydrides are known to react with water violently producing fire. Can CO,,
a well known fire extinguisher, be used in this case? Explain.

Arrange the following

(i) CaH,, BeH, and TiH, in order of increasing electrical conductance.
(ii) LiH, NaH and CsH in order of increasing ionic character.

(iii) H-H, D-D and F-F in order of increasing bond dissociation enthalpy.
(iv) NaH, MgH, and H,O in order of increasing reducing property.
Compare the structures of H,O and H,0,.

What do you understand by the term ’auto-protolysis’ of water? What is its
significance?

Consider the reaction of water with F, and suggest, in terms of oxidation and
reduction, which species are oxidised/reduced.

Complete the following chemical reactions.
() PbS(s) + H,0,(aq) —

(i) MnO;(aq) + H,0,(aq) -
(ili) CaO(s)+ H,0(g) —
() AICL (g) + H,0(1) —

(vi) Ca,N,(s)+ H,0(1) —

Classify the above into (a) hydrolysis, (b) redox and (c) hydration reactions.
Describe the structure of the common form of ice.

What causes the temporary and permanent hardness of water ?

Discuss the principle and method of softening of hard water by synthetic ion-
exchange resins.

Write chemical reactions to show the amphoteric nature of water.

Write chemical reactions to justify that hydrogen peroxide can function as an
oxidising as well as reducing agent.
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What is meant by ‘demineralised’ water and how can it be obtained ?

Is demineralised or distilled water useful for drinking purposes? If not, how can
it be made useful?

Describe the usefulness of water in biosphere and biological systems.

What properties of water make it useful as a solvent? What types of compound
can it (i) dissolve, and (ii) hydrolyse ?

Knowing the properties of H,0 and D,O, do you think that D,O can be used for
drinking purposes?

What is the difference between the terms ‘hydrolysis’ and ‘hydration’ ?
How can saline hydrides remove traces of water from organic compounds?

What do you expect the nature of hydrides is, if formed by elements of atomic
numbers 15, 19, 23 and 44 with dihydrogen? Compare their behaviour towards
water.

Do you expect different products in solution when aluminium(Ill) chloride and
potassium chloride treated separately with (i) normal water (ii) acidified water,
and (iii) alkaline water? Write equations wherever necessary.

How does H,O, behave as a bleaching agent?
What do you understand by the terms:

(i) hydrogen economy (ii) hydrogenation (iii) ‘syngas’ (iv) water-gas shift reaction
(v) fuel-cell ?
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UNIT 10

11083CHI0

THE s-BLOCK ELEMENTS

Objectives

After studying this unit, you will be
able to

® describe the general charact-
eristics of the alkali metals and
their compounds;

® explain the general characteristics
of the alkaline earth metals and
their compounds;

® describe the manufacture,
properties and uses of industrially
important sodium and calcium
compounds including Portland
cement;

® appreciate the Dbiological

significance of sodium,
potassium, magnesium and
calcium.

The first element of alkali and alkaline earth metals differs
in many respects _from the other members of the group

The s-block elements of the Periodic Table are those in
which the last electron enters the outermost s-orbital. As
the s-orbital can accommodate only two electrons, two
groups (1 & 2) belong to the s-block of the Periodic Table.
Group 1 of the Periodic Table consists of the elements:
lithium, sodium, potassium, rubidium, caesium and
francium. They are collectively known as the alkali metals.
These are so called because they form hydroxides on
reaction with water which are strongly alkaline in nature.
The elements of Group 2 include beryllium, magnesium,
calcium, strontium, barium and radium. These elements
with the exception of beryllium are commonly known as
the alkaline earth metals. These are so called because their
oxides and hydroxides are alkaline in nature and these
metal oxides are found in the earth’s crust®.

Among the alkali metals sodium and potassium are
abundant and lithium, rubidium and caesium have much
lower abundances (Table 10.1). Francium is highly
radioactive; its longest-lived isotope **’Fr has a half-life of
only 21 minutes. Of the alkaline earth metals calcium and
magnesium rank fifth and sixth in abundance respectively
in the earth’s crust. Strontium and barium have much
lower abundances. Beryllium is rare and radium is the
rarest of all comprising only 10°'° per cent of igneous
rocksT (Table 10.2, page 299).

The general electronic configuration of s-block elements
is [noble gas]ns1 for alkali metals and [noble gas] ns’ for
alkaline earth metals.

* The thin, rocky outer layer of the Earth is crust. 1 A type of rock formed
Jfrom magma (molten rock) that has cooled and hardened.
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Lithium and beryllium, the first elements
of Group 1 and Group 2 respectively exhibit
some properties which are different from those
of the other members of the respective group.
In these anomalous properties they resemble
the second element of the following group.
Thus, lithium shows similarities to magnesium
and beryllium to aluminium in many of their
properties. This type of diagonal similarity is
commonly referred to as diagonal relationship
in the periodic table. The diagonal relationship
is due to the similarity in ionic sizes and /or
charge/radius ratio of the elements.
Monovalent sodium and potassium ions and
divalent magnesium and calcium ions are
found in large proportions in biological fluids.
These ions perform important biological
functions such as maintenance of ion balance
and nerve impulse conduction.

10.1 GROUP 1 ELEMENTS: ALKALI
METALS

The alkali metals show regular trends in their
physical and chemical properties with the
increasing atomic number. The atomic,
physical and chemical properties of alkali
metals are discussed below.

10.1.1 Electronic Configuration

All the alkali metals have one valence electron,
ns' (Table 10.1) outside the noble gas core.
The loosely held s-electron in the outermost
valence shell of these elements makes them the
most electropositive metals. They readily lose
electron to give monovalent M" ions. Hence they
are never found in free state in nature.

Element |Symbol | Electronic configuration

Lithium Li 1s22s!

Sodium Na 1s?2s22pf3s!

Potassium K 152252253523 pf4s!

Rubidium Rb 15252253523 p°3d!°4 5?4 ps5s!

Caesium Cs 15%?2522pf3s23pf3d!°4 s
4p54d'°5s%5pb6stor [Xe] 6s!

Francium Fr [Rn]7s!

10.1.2 Atomic and Ionic Radii

The alkali metal atoms have the largest sizes
in a particular period of the periodic table. With
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increase in atomic number, the atom becomes
larger. The monovalent ions (M+) are smaller
than the parent atom. The atomic and ionic
radii of alkali metals increase on moving down
the group i.e., they increase in size while going
from Li to Cs.

10.1.3 Ionization Enthalpy

The ionization enthalpies of the alkali metals
are considerably low and decrease down the
group from Li to Cs. This is because the effect
of increasing size outweighs the increasing
nuclear charge, and the outermost electron is
very well screened from the nuclear charge.

10.1.4 Hydration Enthalpy

The hydration enthalpies of alkali metal ions
decrease with increase in ionic sizes.

Li'>Na'>K >Rb" >Cs’
Li" has maximum degree of hydration and

for this reason lithium salts are mostly
hydrated, e.g., LiCl- 2H,0

10.1.5 Physical Properties

All the alkali metals are silvery white, soft and
light metals. Because of the large size, these
elements have low density which increases down
the group from Li to Cs. However, potassium is
lighter than sodium. The melting and boiling
points of the alkali metals are low indicating
weak metallic bonding due to the presence of
only a single valence electron in them. The alkali
metals and their salts impart characteristic
colour to an oxidizing flame. This is because the
heat from the flame excites the outermost orbital
electron to a higher energy level. When the excited
electron comes back to the ground state, there
is emission of radiation in the visible region of
the spectrum as given below:

Metal Li Na K Rb Cs
Colour | Crimson | Yellow | Violet [ Red Blue
red violet
A/nm | 670.8 589.2 | 766.5|780.0 | 455.5

Alkali metals can therefore, be detected by
the respective flame tests and can be
determined by flame photometry or atomic
absorption spectroscopy. These elements when
irradiated with light, the light energy absorbed
may be sufficient to make an atom lose electron.
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Table 10.1 Atomic and Physical Properties of the Alkali Metals
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Property Lithium | Sodium | Potassium | Rubidium |Caesium | Francium
Li Na K Rb Cs Fr

Atomic number 3 11 19 37 55 87

Atomic mass (g mol_l) 6.94 22.99 39.10 85.47 132.91 (223)

Electronic [He] 2s' | [Ne] 3s' [Ar] 4s' [Kr] 5s' | [Xel 6s' | [Rn] 7s'

configuration

Ionization 520 496 419 403 376 ~375

enthalpy / kJ mol '

Hydration -506 -406 -330 -310 -276 =

enthalpy/kJ mol

Metallic 152 186 227 248 265 -

radius / pm

Ionic radius 76 102 138 152 167 (180)

M" / pm

m.p. / K 454 371 336 32 302 -

b.p /K 1615 1156 1032 961 944 -

Density / g cm® 0.53 0.97 0.86 1.53 1.90 -

Standard potentials | -3.04 -2.714 -2.925 -2.930 -2.927 =

E°/ Vior M" / M)

Occurrence in 18* 2.97** 1.84% 78-12* 2-6* ~107°"

lithosphere7L

*ppm (part per million), ** percentage by weight; t Lithosphere: The Earth’s outer layer: its crust

and part of the upper mantle

This property makes caesium and potassium
useful as electrodes in photoelectric cells.

10.1.6 Chemical Properties

The alkali metals are highly reactive due to
their large size and low ionization enthalpy. The
reactivity of these metals increases down the
group.

(i) Reactivity towards air: The alkali metals
tarnish in dry air due to the formation of
their oxides which in turn react with
moisture to form hydroxides. They burn
vigorously in oxygen forming oxides.
Lithium forms monoxide, sodium forms
peroxide, the other metals form
superoxides. The superoxide O, ion is
stable only in the presence of large cations
such as K, Rb, Cs.

4Li +0, —»2Li,0 (oxide)

2Na+0, —Na, O, (peroxide)

M+0, - MO, (superoxide)
(M=K, Rb, Cs)

In all these oxides the oxidation state of the
alkali metal is +1. Lithium shows exceptional
behaviour in reacting directly with nitrogen of
air to form the nitride, Li,N as well. Because of
their high reactivity towards air and water,
alkali metals are normally kept in kerosene oil.

Problem 10.1
What is the oxidation state of K in KO,?

Solution

The superoxide species is represented as
O,; since the compound is neutral,
therefore, the oxidation state of potassium
is+1.
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(ii) Reactivity towards water: The alkali
metals react with water to form hydroxide
and dihydrogen.
2M + 2H,0 -2M" + 20H + H,

(M = an alkali metal)

It may be noted that although lithium has
most negative E° value (Table 10.1), its
reaction with water is less vigorous than
that of sodium which has the least negative
E° value among the alkali metals. This
behaviour of lithium is attributed to its
small size and very high hydration energy.
Other metals of the group react explosively
with water.

They also react with proton donors such
as alcohol, gaseous ammonia and alkynes.
(iii) Reactivity towards dihydrogen: The
alkali metals react with dihydrogen at
about 673K (lithium at 1073K) to form
hydrides. All the alkali metal hydrides are
ionic solids with high melting points.

2M+H, » 2M*H"

(iv) Reactivity towards halogens : The alkali
metals readily react vigorously with
halogens to form ionic halides, M'X .
However, lithium halides are somewhat
covalent. It is because of the high
polarisation capability of lithium ion (The
distortion of electron cloud of the anion by
the cation is called polarisation). The Li" ion
is very small in size and has high tendency
to distort electron cloud around the
negative halide ion. Since anion with large
size can be easily distorted, among halides,
lithium iodide is the most covalent in
nature.

(v) Reducing nature: The alkali metals are
strong reducing agents, lithium being the
most and sodium the least powerful
(Table 10.1). The standard electrode
potential (E°) which measures the reducing
power represents the overall change :

M(s)—>M(g)
M(g)—>M" (g)+e”

M' (g)+H,0—M" (aq) hydration enthalpy
With the small size of its ion, lithium has

sublimation enthalpy
ionization enthalpy
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the highest hydration enthalpy which
accounts for its high negative E° value and
its high reducing power.

Problem 10.2

The E° for Cl,/Cl is +1.36, for L,/ is
+0.53, for Ag' /Agis +0.79, Na' /Na is
—2.71 and for Li" /Li is — 3.04. Arrange
the following ionic species in decreasing
order of reducing strength:

I', Ag, CI', Li, Na

Solution

The orderis Li > Na >1 > Ag >CIl

(vi) Solutions in liquid ammonia: The alkali
metals dissolve in liquid ammonia giving
deep blue solutions which are conducting
in nature.

M+(x +y)NH; —»[M(NH;), I" +[e(NH;), I
The blue colour of the solution is due to
the ammoniated electron which absorbs
energy in the visible region of light and thus
imparts blue colour to the solution. The
solutions are paramagnetic and on
standing slowly liberate hydrogen resulting
in the formation of amide.

M+(am) + e” +NH; (1) > MNH,,,,,,, + ¥2H, (g)
(where ‘am’ denotes solution in ammonia.)

In concentrated solution, the blue colour
changes to bronze colour and becomes
diamagnetic.

10.1.7 Uses

Lithium metal is used to make useful alloys,
for example with lead to make ‘white metal’
bearings for motor engines, with aluminium
to make aircraft parts, and with magnesium
to make armour plates. It is used in
thermonuclear reactions. Lithium is also used
to make electrochemical cells. Sodium is used
to make a Na/Pb alloy needed to make PbEt,
and PbMe,. These organolead compounds were
earlier used as anti-knock additives to petrol,
but nowadays vehicles use lead-free petrol.
Liquid sodium metal is used as a coolant in
fast breeder nuclear reactors. Potassium has
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a vital role in biological systems. Potassium
chloride is used as a fertilizer. Potassium
hydroxide is used in the manufacture of soft
soap. Itis also used as an excellent absorbent
of carbon dioxide. Caesium is used in devising
photoelectric cells.

10.2 GENERAL CHARACTERISTICS OF
THE COMPOUNDS OF THE ALKALI
METALS

All the common compounds of the alkali metals
are generally ionic in nature. General
characteristics of some of their compounds are
discussed here.

10.2.1 Oxides and Hydroxides

On combustion in excess of air, lithium forms
mainly the oxide, Li,O (plus some peroxide
Li,O,), sodium forms the peroxide, Na,O, (and
some superoxide NaO,) whilst potassium,
rubidium and caesium form the superoxides,
MO,. Under appropriate conditions pure
compounds M,0, M,0, and MO, may be
prepared. The increasing stability of the
peroxide or superoxide, as the size of the metal
ion increases, is due to the stabilisation of large
anions by larger cations through lattice energy
effects. These oxides are easily hydrolysed by
water to form the hydroxides according to the
following reactions :

M,O + H,0 — 2M* +20H"
M,0, +2H,0 — 2M* +20H" +H,0,
2MO, +2H,0 — 2M*+20H™ +H,0, + 0,

The oxides and the peroxides are colourless
when pure, but the superoxides are yellow or
orange in colour. The superoxides are also
paramagnetic. Sodium peroxide is widely used
as an oxidising agent in inorganic chemistry.

Problem 10.3
Why is KO, paramagnetic ?
Solution

The superoxide O, is paramagnetic
because of one unpaired electron in ©*2p
molecular orbital.
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The hydroxides which are obtained by the
reaction of the oxides with water are all white
crystalline solids. The alkali metal hydroxides
are the strongest of all bases and dissolve freely
in water with evolution of much heat on
account of intense hydration.

10.2.2 Halides

The alkali metal halides, MX, (X=F,Cl,Br,I) are
all high melting, colourless crystalline solids.
They can be prepared by the reaction of the
appropriate oxide, hydroxide or carbonate with
aqueous hydrohalic acid (HX). All of these
halides have high negative enthalpies of
formation; the A, H° values for fluorides
become less negative as we go down the group,
whilst the reverse is true for A.H ®for chlorides,
bromides and iodides. For a given metal
A, H® always becomes less negative from
fluoride to iodide.

The melting and boiling points always
follow the trend: fluoride > chloride > bromide
> jodide. All these halides are soluble in water.
The low solubility of LiF in water is due to its
high lattice enthalpy whereas the low solubility
of Csl is due to smaller hydration enthalpy of
its two ions. Other halides of lithium are soluble
in ethanol, acetone and ethylacetate; LiCl is
soluble in pyridine also.

10.2.3 Salts of Oxo-Acids

Oxo-acids are those in which the acidic proton
is on a hydroxyl group with an oxo group
attached to the same atom e.g., carbonic acid,
H,CO, (OC(OH),; sulphuric acid, H,SO,
(O,S(OH),). The alkali metals form salts with
all the oxo-acids. They are generally soluble
in water and thermally stable. Their
carbonates (M,CO,) and in most cases the
hydrogencarbonates (MHCO,) also are highly
stable to heat. As the electropositive character
increases down the group, the stability of the
carbonates and hydorgencarbonates increases.
Lithium carbonate is not so stable to heat;
lithium being very small in size polarises a
large CO? ion leading to the formation of more
stable Li,O and CO,. Its hydrogencarbonate
does not exist as a solid.
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10.3 ANOMALOUS PROPERTIES OF
LITHIUM

The anomalous behaviour of lithium is due to
the : (i) exceptionally small size of its atom and
ion, and (ii) high polarising power (i.e., charge/
radius ratio). As a result, there is increased
covalent character of lithium compounds which
is responsible for their solubility in organic
solvents. Further, lithium shows diagonal
relationship to magnesium which has been
discussed subsequently.

10.3.1 Points of Difference between
Lithium and other Alkali Metals

() Lithium is much harder. Its m.p. and b.p.
are higher than the other alkali metals.

(i) Lithium is least reactive but the strongest
reducing agent among all the alkali metals.
On combustion in air it forms mainly
monoxide, Li,O and the nitride, Li,N unlike
other alkali metals.

(iii) LiCl is deliquescent and crystallises as a
hydrate, LiCl.2H,O whereas other alkali
metal chlorides do not form hydrates.

(iv) Lithium hydrogencarbonate is not
obtained in the solid form while all other
elements form solid hydrogencarbonates.

(v) Lithium unlike other alkali metals forms
no ethynide on reaction with ethyne.

(vi) Lithium nitrate when heated gives lithium
oxide, Li,O, whereas other alkali metal
nitrates decompose to give the
corresponding nitrite.

4LINO, — 2Li,0 + 4NO, + O,
2NaNO, — 2NaNO, + O,

(vii) LiF and Li,O are comparatively much less
soluble in water than the corresponding
compounds of other alkali metals.

10.3.2 Points of Similarities between
Lithium and Magnesium

The similarity between lithium and magnesium
is particularly striking and arises because of
their similar sizes : atomic radii, Li = 152 pm,
Mg = 160 pm; ionic radii : Li" = 76 pm,
Mg2 "= 72 pm. The main points of similarity are:
(i) Both lithium and magnesium are harder
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and lighter than other elements in the
respective groups.

(ii) Lithium and magnesium react slowly with
water. Their oxides and hydroxides are
much less soluble and their hydroxides
decompose on heating. Both form a nitride,
Li,N and Mg,N,, by direct combination
with nitrogen.

(iif) The oxides, Li,O and MgO do not combine
with excess oxygen to give any superoxide.

(iv) The carbonates of lithium and magnesium
decompose easily on heating to
form the oxides and CO,. Solid
hydrogencarbonates are not formed by
lithium and magnesium.

(v) Both LiCl and MgCl, are soluble in ethanol.

(vi) Both LiCl and MgCl, are deliquescent and

crystallise from aqueous solution as
hydrates, LiCl-2H,0 and MgCl,-8H,0.

10.4 SOME IMPORTANT COMPOUNDS OF
SODIUM

Industrially important compounds of sodium
include sodium carbonate, sodium hydroxide,
sodium chloride and sodium bicarbonate. The
large scale production of these compounds
and their uses are described below:

Sodium Carbonate (Washing Soda),
Na,CO,-10H,0

Sodium carbonate is generally prepared by
Solvay Process. In this process, advantage is
taken of the low solubility of sodium
hydrogencarbonate whereby it gets
precipitated in the reaction of sodium chloride
with ammonium hydrogencarbonate. The
latter is prepared by passing CO, to a
concentrated solution of sodium chloride
saturated with ammonia, where ammonium
carbonate followed by ammonium
hydrogencarbonate are formed. The equations
for the complete process may be written as :

2NH, +H,0 +CO, — (NH,), CO,
(NH, ), CO, +H,0 +CO, — 2NH,HCO,

NH,HCO, + NaCl — NH,Cl + NaHCO,

Sodium hydrogencarbonate crystal
separates. These are heated to give sodium
carbonate.
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2 NaHCO, — Na,CO, + CO, + H,0

In this process NH, is recovered when the
solution containing NH,Cl is treated with
Ca(OH),. Calcium chloride is obtained as a

by-product.

2NH,Cl + Ca(OH), — 2NH, + CaCl, + H,0

It may be mentioned here that Solvay
process cannot be extended to the
manufacture of potassium carbonate because
potassium hydrogencarbonate is too soluble
to be precipitated by the addition of
ammonium hydrogencarbonate to a saturated
solution of potassium chloride.

Properties : Sodium carbonate is a white
crystalline solid which exists as a decahydrate,
Na,CO,-10H,0. This is also called washing
soda. It is readily soluble in water. On heating,
the decahydrate loses its water of crystallisation
to form monohydrate. Above 373K, the
monohydrate becomes completely anhydrous
and changes to a white powder called soda ash.

Na,CO, «10H,0—2Z%  Na,CO, «H,0+9H,0

>373K

Na,CO;-H,0 ———Na,CO, + H,O
Carbonate part of sodium carbonate gets

hydrolysed by water to form an alkaline
solution.

COZ +H,0 — HCOj + OH™
Uses:

() It is used in water softening, laundering
and cleaning.

(i) It is used in the manufacture of glass,
soap, borax and caustic soda.

(iii) It is used in paper, paints and textile
industries.

(iv) Itis animportant laboratory reagent both
in qualitative and quantitative analysis.

Sodium Chloride, NaCl

The most abundant source of sodium chloride
is sea water which contains 2.7 to 2.9% by
mass of the salt. In tropical countries like India,
common salt is generally obtained by
evaporation of sea water. Approximately 50
lakh tons of salt are produced annually in
India by solar evaporation. Crude sodium
chloride, generally obtained by crystallisation
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of brine solution, contains sodium sulphate,
calcium sulphate, calcium chloride and
magnesium chloride as impurities. Calcium
chloride, CaCl,, and magnesium chloride,
MgCl, are impurities because they are
deliquescent (absorb moisture easily from the
atmosphere). To obtain pure sodium chloride,
the crude salt is dissolved in minimum amount
of water and filtered to remove insoluble
impurities. The solution is then saturated with
hydrogen chloride gas. Crystals of pure
sodium chloride separate out. Calcium and
magnesium chloride, being more soluble than
sodium chloride, remain in solution.

Sodium chloride melts at 1081K. It has a
solubility of 36.0 g in 100 g of water at 273 K.
The solubility does not increase appreciably
with increase in temperature.

Uses :

(i) Itisused asacommon salt or table salt for
domestic purpose.

(ii) It is used for the preparation of Na,O,,
NaOH and Na,CO,.

Sodium Hydroxide (Caustic Soda), NaOH

Sodium hydroxide is generally prepared
commercially by the electrolysis of sodium
chloride in Castner-Kellner cell. A brine
solution is electrolysed using a mercury
cathode and a carbon anode. Sodium metal
discharged at the cathode combines with
mercury to form sodium amalgam. Chlorine
gas is evolved at the anode.

Cathode: Na® + e —™—Na - amalgam

Anode : CI" — %Cl2 +e”

The amalgam is treated with water to give
sodium hydroxide and hydrogen gas.
2Na-amalgam + 2H,0->2NaOH+ 2Hg +H,,

Sodium hydroxide is a white, translucent
solid. It melts at 591 K. It is readily soluble in
water to give a strong alkaline solution.
Crystals of sodium hydroxide are deliquescent.
The sodium hydroxide solution at the surface
reacts with the CO, in the atmosphere to form
Na,CO,.
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Uses: It is used in (i) the manufacture of soap,
paper, artificial silk and a number of chemicals,
(i) in petroleum refining, (iii) in the purification
of bauxite, (iv) in the textile industries for
mercerising cotton fabrics, (v) for the
preparation of pure fats and oils, and (vi) as a
laboratory reagent.

Sodium Hydrogencarbonate (Baking
Soda), NaHCO,

Sodium hydrogencarbonate is known as
baking soda because it decomposes on heating
to generate bubbles of carbon dioxide (leaving
holes in cakes or pastries and making them
light and fluffy).

Sodium hydrogencarbonate is made by
saturating a solution of sodium carbonate with
carbon dioxide. The white crystalline powder
of sodium hydrogencarbonate, being less
soluble, gets separated out.

Na,CO, + H,0 + CO, — 2NaHCO,

Sodium hydrogencarbonate is a mild
antiseptic for skin infections. It is used in fire
extinguishers.

10.5 BIOLOGICAL IMPORTANCE OF
SODIUM AND POTASSIUM

A typical 70 kg man contains about 90 g of Na
and 170 g of K compared with only 5 g of iron
and 0.06 g of copper.

Sodium ions are found primarily on the
outside of cells, being located in blood plasma
and in the interstitial fluid which surrounds
the cells. These ions participate in the
transmission of nerve signals, in regulating the
flow of water across cell membranes and in the
transport of sugars and amino acids into cells.
Sodium and potassium, although so similar
chemically, differ quantitatively in their ability
to penetrate cell membranes, in their transport
mechanisms and in their efficiency to activate
enzymes. Thus, potassium ions are the most
abundant cations within cell fluids, where they
activate many enzymes, participate in the
oxidation of glucose to produce ATP and, with
sodium, are responsible for the transmission
of nerve signals.

There is a very considerable variation in the
concentration of sodium and potassium ions
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found on the opposite sides of cell membranes.
As a typical example, in blood plasma, sodium
is present to the extent of 143 mmolL ™,
whereas the potassium level is only
5 mmolL "' within the red blood cells. These
concentrations change to 10 mmolL" (N a+) and
105 mmolL™’ (K"). These ionic gradients
demonstrate that a discriminatory mechanism,
called the sodium-potassium pump, operates
across the cell membranes which consumes
more than one-third of the ATP used by a
resting animal and about 15 kg per 24 hin a
resting human.

10.6 GROUP 2 ELEMENTS : ALKALINE
EARTH METALS

The group 2 elements comprise beryllium,
magnesium, calcium, strontium, barium and
radium. They follow alkali metals in the
periodic table. These (except beryllium) are
known as alkaline earth metals. The first
element beryllium differs from the rest of the
members and shows diagonal relationship to
aluminium. The atomic and physical
properties of the alkaline earth metals are
shown in Table 10.2.

10.6.1 Electronic Configuration

These elements have two electrons in the
s -orbital of the valence shell (Table 10.2). Their
general electronic configuration may be
represented as [noble gas] ns”. Like alkali
metals, the compounds of these elements are
also predominantly ionic.

Element Symbol| Electronic
configuration

Beryllium Be 1s22s?

Magnesium| Mg 1s?2s?2pf3s?

Calcium Ca 1522522 p®3s23p°4 s>

Strontium Sr 152252253523 p63d'°
4s524p°5s>

Barium Ba 1522522 p53523p63d'°4 s?
4pf4d°5s25p°6s2or
[Xe]6s?

Radium Ra [Rn]7s?

10.6.2 Atomic and Ionic Radii

The atomic and ionic radii of the alkaline earth
metals are smaller than those of the
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Table 10.2 Atomic and Physical Properties of the Alkaline Earth Metals
Property Beryllium | Magnesium| Calcium |Strontium | Barium | Radium

Be Mg Ca Sr Ba Ra
Atomic number 4 12 20 38 56 88
Atomic mass (g mol_l) 9.01 24.31 40.08 87.62 137.33 226.03
Electronic [He] 2s? [Ne] 3s? [Ar] 4s? [Kr] 5s2 [Xe] 6s? [Rn] 7s?
configuration
Ionization 899 737 590 549 503 509
enthalpy (I) / kJ mol™
Ionization 1757 1450 1145 1064 965 979
enthalpy (II) /kJ mol!
Hydration enthalpy - 2494 - 1921 -1577 — 1443 - 1305 S
(kJ /mol)
Metallic 111 160 197 215 222 -
radius / pm
Ionic radius 31 72 100 118 135 148
M2+ / pm
m.p. / K 1560 924 1124 1062 1002 973
b.p/ K 2745 1363 1767 1655 2078 (1973)
Density / g cm™ 1.84 1.74 1.55 2.63 3.59 (5.5)
Standard potential -1.97 -2.36 -2.84 -2.89 -2.92 =289
E° / V for (M2*/ M)
Occurrence in 2% 2.76%* 4.6** 384* 390 * 10-6*
lithosphere

*ppm (part per million); ** percentage by weight

corresponding alkali metals in the same
periods. This is due to the increased nuclear
charge in these elements. Within the group, the
atomic and ionic radii increase with increase
in atomic number.

10.6.3 Ionization Enthalpies

The alkaline earth metals have low ionization
enthalpies due to fairly large size of the atoms.
Since the atomic size increases down the
group, their ionization enthalpy decreases
(Table 10.2). The first ionisation enthalpies of
the alkaline earth metals are higher than those
of the corresponding Group 1 metals. This is
due to their small size as compared to the
corresponding alkali metals. It is interesting
to note that the second ionisation enthalpies
of the alkaline earth metals are smaller than
those of the corresponding alkali metals.

10.6.4 Hydration Enthalpies

Like alkali metal ions, the hydration enthalpies
of alkaline earth metal ions decrease with

increase in ionic size down the group.
2 2 2 2 2
Be™> Mg > Ca”" >Sr”" >Ba™"

The hydration enthalpies of alkaline earth
metal ions are larger than those of alkali metal
ions. Thus, compounds of alkaline earth metals
are more extensively hydrated than those of
alkali metals, e.g., MgCl, and CacCl, exist as
MgCl,.6H,0 and CaCl,- 6H,0 while NaCl and
KCl do not form such hydrates.

10.6.5 Physical Properties

The alkaline earth metals, in general, are silvery
white, lustrous and relatively soft but harder
than the alkali metals. Beryllium and
magnesium appear to be somewhat greyish.
The melting and boiling points of these metals
are higher than the corresponding alkali metals
due to smaller sizes. The trend is, however, not
systematic. Because of the low ionisation
enthalpies, they are strongly electropositive in
nature. The electropositive character increases
down the group from Be to Ba. Calcium,
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strontium and barium impart characteristic
brick red, crimson and apple green colours
respectively to the flame. In flame the electrons
are excited to higher energy levels and when
they drop back to the ground state, energy is
emitted in the form of visible light. The
electrons in beryllium and magnesium are too
strongly bound to get excited by flame. Hence,
these elements do not impart any colour to the
flame. The flame test for Ca, Sr and Ba is
helpful in their detection in qualitative analysis
and estimation by flame photometry. The
alkaline earth metals like those of alkali metals
have high electrical and thermal conductivities
which are typical characteristics of metals.

10.6.6 Chemical Properties

The alkaline earth metals are less reactive than
the alkali metals. The reactivity of these
elements increases on going down the group.

(i) Reactivity towards air and water:
Beryllium and magnesium are kinetically inert
to oxygen and water because of the formation
of an oxide film on their surface. However,
powdered beryllium burns brilliantly on
ignition in air to give BeO and Be,N,.
Magnesium is more electropositive and burns
with dazzling brilliance in air to give MgO and
Mg,N,. Calcium, strontium and barium are
readily attacked by air to form the oxide and
nitride. They also react with water with
increasing vigour even in cold to form
hydroxides.

(ii) Reactivity towards the halogens: All
the alkaline earth metals combine with halogen
at elevated temperatures forming their halides.
M+X, - MX, (X =F, Cl, Br, 1)

Thermal decomposition of (NH,),BeF, is the
best route for the preparation of BeF,, and
BeCl, is conveniently made from the oxide.

BeO+C+Cl, BeCl, + CO

(iii) Reactivity towards hydrogen: All the
elements except beryllium combine with
hydrogen upon heating to form their hydrides,
MH,

BeH,, however, can be prepared by the reaction
of BeCl, with LiAlH,.

2BeCl, + LiAlH, — 2BeH, + LiCl + AICI,

600-800K

CHEMISTRY

(iv) Reactivity towards acids: The alkaline
earth metals readily react with acids liberating
dihydrogen.

M + 2HClI — MC], + H,

(v) Reducing nature: Like alkali metals, the
alkaline earth metals are strong reducing
agents. This is indicated by large negative
values of their reduction potentials
(Table 10.2). However their reducing power is
less than those of their corresponding alkali
metals. Beryllium has less negative value
compared to other alkaline earth metals.
However, its reducing nature is due to large
hydration energy associated with the small
size of Be”" ion and relatively large value of the
atomization enthalpy of the metal.

(vi) Solutions in liquid ammonia: Like
alkali metals, the alkaline earth metals dissolve
in liquid ammonia to give deep blue black
solutions forming ammoniated ions.

M+ (x+y)NH, —>[M(NH3)X]2+ +2[e(NH3)Y]_

From these solutions, the ammoniates,
[M(NH3)6]2+ can be recovered.

10.6.7 Uses

Beryllium is used in the manufacture of alloys.
Copper-beryllium alloys are used in the
preparation of high strength springs. Metallic
beryllium is used for making windows of
X-ray tubes. Magnesium forms alloys with
aluminium, zinc, manganese and tin.
Magnesium-aluminium alloys being light in
mass are used in air-craft construction.
Magnesium (powder and ribbon) is used in
flash powders and bulbs, incendiary bombs
and signals. A suspension of magnesium
hydroxide in water (called milikc of magnesia)
is used as antacid in medicine. Magnesium
carbonate is an ingredient of toothpaste.
Calcium is used in the extraction of metals from
oxides which are difficult to reduce with
carbon. Calcium and barium metals, owing
to their reactivity with oxygen and nitrogen at
elevated temperatures, have often been used
to remove air from vacuum tubes. Radium
salts are used in radiotherapy, for example, in
the treatment of cancer.
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10.7 GENERAL CHARACTERISTICS OF
COMPOUNDS OF THE ALKALINE
EARTH METALS

The dipositive oxidation state (M2+) is the
predominant valence of Group 2 elements. The
alkaline earth metals form compounds which
are predominantly ionic but less ionic than the
corresponding compounds of alkali metals.
This is due to increased nuclear charge and
smaller size. The oxides and other compounds
of beryllium and magnesium are more covalent
than those formed by the heavier and large
sized members (Ca, Sr, Ba). The general
characteristics of some of the compounds of
alkali earth metals are described below.

(i) Oxides and Hydroxides: The alkaline
earth metals burn in oxygen to form the
monoxide, MO which, except for BeO, have
rock-salt structure. The BeO is essentially
covalent in nature. The enthalpies of formation
of these oxides are quite high and consequently
they are very stable to heat. BeO is amphoteric
while oxides of other elements are ionic in
nature. All these oxides except BeO are basic
in nature and react with water to form sparingly
soluble hydroxides.

MO + H,0 — M(OH),

The solubility, thermal stability and the
basic character of these hydroxides increase
with increasing atomic number from Mg(OH),,
to Ba(OH),. The alkaline earth metal
hydroxides are, however, less basic and less
stable than alkali metal hydroxides. Beryllium
hydroxide is amphoteric in nature as it reacts
with acid and alkali both.

Be(OH), + 20H — [Be(OH),|”
Beryllate ion

Be(OH), + 2HCl + 2H,0 — [Be(OH),ICL,

(ii) Halides: Except for beryllium halides, all
other halides of alkaline earth metals are ionic
in nature. Beryllium halides are essentially
covalent and soluble in organic solvents.
Beryllium chloride has a chain structure in the
solid state as shown below:
e Be
—cl

e
— —c o
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In the vapour phase BeCl, tends to form a
chloro-bridged dimer which dissociates into the
linear monomer at high temperatures of the
order of 1200 K. The tendency to form halide
hydrates gradually decreases (for example,
MgCl,-8H,0, CacCl,-6H,0, SrCl,-6H,0 and
BaCl,-2H,0) down the group. The dehydration
of hydrated chlorides, bromides and iodides
of Ca, Sr and Ba can be achieved on heating;
however, the corresponding hydrated halides
of Be and Mg on heating suffer hydrolysis. The
fluorides are relatively less soluble than the
chlorides owing to their high lattice energies.
(iii) Salts of Oxoacids: The alkaline earth

metals also form salts of oxoacids. Some of
these are :

Carbonates: Carbonates of alkaline earth
metals are insoluble in water and can be
precipitated by addition of a sodium or
ammonium carbonate solution to a solution
of a soluble salt of these metals. The solubility
of carbonates in water decreases as the atomic
number of the metal ion increases. All the
carbonates decompose on heating to give
carbon dioxide and the oxide. Beryllium
carbonate is unstable and can be kept only in
the atmosphere of CO,. The thermal stability
increases with increasing cationic size.

Sulphates: The sulphates of the alkaline earth
metals are all white solids and stable to heat.
BeSO,, and MgSO, are readily soluble in water;
the solubility decreases from CaSO, to BaSO,.
The greater hydration enthalpies of Be”" and
Mg2+ ions overcome the lattice enthalpy factor
and therefore their sulphates are soluble in
water.

Nitrates: The nitrates are made by dissolution
of the carbonates in dilute nitric acid.
Magnesium nitrate crystallises with six
molecules of water, whereas barium nitrate
crystallises as the anhydrous salt. This again
shows a decreasing tendency to form hydrates
with increasing size and decreasing hydration
enthalpy. All of them decompose on heating to
give the oxide like lithium nitrate.

2M(NO3 )2 — 2MO +4NO, + 0O,
(M =Be, Mg, Ca, Sr, Ba)
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Problem 10.4
Why does the solubility of alkaline earth

metal hydroxides in water increase down
the group?

Solution

Among alkaline earth metal hydroxides,
the anion being common the cationic
radius will influence the lattice enthalpy.
Since lattice enthalpy decreases much
more than the hydration enthalpy with
increasing ionic size, the solubility
increases as we go down the group.

Problem 10.5

Why does the solubility of alkaline earth
metal carbonates and sulphates in water
decrease down the group?

Solution

The size of anions being much larger
compared to cations, the lattice enthalpy
will remain almost constant within a
particular group. Since the hydration
enthalpies decrease down the group,
solubility will decrease as found for
alkaline earth metal carbonates and
sulphates.

10.8 ANOMALOUS BEHAVIOUR OF
BERYLLIUM

Beryllium, the first member of the Group 2
metals, shows anomalous behaviour as
compared to magnesium and rest of the
members. Further, it shows diagonal
relationship to aluminium which is discussed
subsequently.

() Beryllium has exceptionally small atomic
and ionic sizes and thus does not compare
well with other members of the group.
Because of high ionisation enthalpy and
small size it forms compounds which are
largely covalent and get easily hydrolysed.

(ii) Beryllium does not exhibit coordination
number more than four as in its valence
shell there are only four orbitals. The
remaining members of the group can have
a coordination number of six by making
use of d-orbitals.

CHEMISTRY

(i) The oxide and hydroxide of beryllium,
unlike the hydroxides of other elements in
the group, are amphoteric in nature.

10.8.1 Diagonal Relationship between
Beryllium and Aluminium

The ionic radius of Be”" is estimated to be
31 pm; the charge/radius ratio is nearly the
same as that of the Al°" ion. Hence beryllium
resembles aluminium in some ways. Some of
the similarities are:

(i) Like aluminium, beryllium is not readily
attacked by acids because of the presence
of an oxide film on the surface of the metal.

(i) Beryllium hydroxide dissolves in excess of
alkali to give a beryllate ion, [Be(OH) 4]2_ just
as aluminium hydroxide gives aluminate
ion, [AI(OH),] .

(iij) The chlorides of both beryllium and
aluminium have Cl bridged chloride
structure in vapour phase. Both the
chlorides are soluble in organic solvents
and are strong Lewis acids. They are used
as Friedel Craft catalysts.

(iv) Beryllium and aluminium ions have strong
tendency to form complexes, BeF,”, AIF,”.

10.9 SOME IMPORTANT COMPOUNDS OF
CALCIUM

Important compounds of calcium are calcium
oxide, calcium hydroxide, calcium sulphate,
calcium carbonate and cement. These are
industrially important compounds. The large
scale preparation of these compounds and
their uses are described below.

Calcium Oxide or Quick Lime, CaO

It is prepared on a commercial scale by
heating limestone (CaCO,) in a rotary kiln at
1070-1270 K.

heat

CaCo, CaO0 +CO,

The carbon dioxide is removed as soon as
it is produced to enable the reaction to proceed
to completion.

Calcium oxide is a white amorphous solid.
It has a melting point of 2870 K. On exposure
to atmosphere, it absorbs moisture and carbon
dioxide.
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CaO +H,0 — Ca(OH),
Ca0 +CO, — CaCO,

The addition of limited amount of water
breaks the lump of lime. This process is called
slaking of lime. Quick lime slaked with soda
gives solid sodalime. Being a basic oxide, it
combines with acidic oxides at high
temperature.

CaO + SiO, — CaSiO,
6Ca0O +P,0,, - 2Ca,(PO,),

Uses:

() It is an important primary material for
manufacturing cement and is the cheapest
form of alkali.

(i) It is used in the manufacture of sodium
carbonate from caustic soda.

(iii) It is employed in the purification of sugar
and in the manufacture of dye stuffs.

Calcium Hydroxide (Slaked lime), Ca(OH),,

Calcium hydroxide is prepared by adding
water to quick lime, CaO.

It is a white amorphous powder. It is
sparingly soluble in water. The aqueous
solution is known as lime water and a
suspension of slaked lime in water is known
as milk of lime.

When carbon dioxide is passed through
lime water it turns milky due to the formation
of calcium carbonate.

Ca(OH), +CO, — CaCO, + H,0

On passing excess of carbon dioxide, the
precipitate dissolves to form calcium
hydrogencarbonate.

CaCO, +CO, +H,0 — Ca (HCO,),

Milk of lime reacts with chlorine to form
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