CHAPTER 7

OXIDATION-REDUCTION REACTIONS

There are many different kinds of chemical reactions, some of which have
been discussed in the previous chapter. One very important class of chemical
reaction deserves special study and these are oxidation-reduction reactions.
Oxidation-reduction reactions are defined according to various concepts.

1. The Classical Concept : According to the classical concept,
"oxidation" simply means the addition of oxygen to clements or compounds.
This was the original idca about oxidation and likewise the word "reduction” was
uscd to indicate the removal of oxygen from a compound. The definitions were
further extended to include other electronegative and clectropositive atoms or
groups as well as the removal and addition of hydrogen to make the terms more
generalized,

(a) Addition of oxygen :
2Mg + O, = 2MgO
2CO + 02 = 2C0‘2

(b) Addition of electronegative element or group ;

WeCls Tl —2 4 oFeCl,

$nCly +Cl, 3L, spc,

heat

Cu+ S —» CuS
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Hydrogen peroxide oxidizes an acidified solution of ferrous sulphate 10 ferric
sulphate increasing the proportion of SO, radical :

2FeS0, + H,S04 + Hy0, = Fey(SO4)3 + 2H,0
(c) Removal of hydrogen :

When H,S is passed into an acidified solution of potassium dichromate, it is
oxidized 10 sulphur :
-H2

Ha§ ——=28

i.e., HyS +K;Cr,074+HCl ————— § + CrCly + KC1 +H,0
Chlorine is evolved when HCl is heated with MnO,. Here HCl is oxidized
10 chlorine :
2HC1 225 ¢l

i e.. 4HCI + MnO, "2 MnCl, +Cl, + 2H,0

(d) Removal of electropositive element or group :

Potassium iodide is oxidized to iodine by the action of hydrogen peroxide.
Here K* is removed from KI :

i 0 ———

2KOH +I,

Potassium ferrocyanide is oxidized to potassium ferricyanide by removal of
K*:

K4Fe(CN)s ——— KFe(CN)s

It can now be ;*:asily seen that the definition of the term "reduction” will be
just the reverse of that of "oxidation" from the classical point of view.

The term "reduction” may be illustrated by the following reaction.

(a) Addition of hydrogen :

2N, + 3H, = 2NH,
S+H; = H,S

In the above reactions N and S are reduced to NH; and H,S respectively by
addition of H,.
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(b) Addition of electropositive element ar group .

Mercuric chloride is reduced to mercurous chloride on heating with mercury.
Here the clectropositive Hg is added to HgCly:

Hg,Cle + Hg — HgCl;
(c) Removal of oxygen :
0
CuO =¥ CH
i. e., when hydrogen is passed over heated CuO. it is reduced to Cu by
removal of oxygen. Thus,
CuO + Hz = Cu+ HgO
Similarly, Fe,0; + 3C = 2Fe + 3CO
Fe;0, is reduced 10 iron by removal of oxygen on heating with carbon,
(d) Removal of electronegative element or group :
FeCl, =L FeCl,
FeCl, is reduced to FeCl, by removal of CL. This can happen in presence of
zinc in acid solution or by means of SnCl,. Thus,
2F¢C]] + SnClg = 2FCC12 + S'I'ICL;
Similarly, CuSO,4 + Fe = Cu+ FeSO,
CuS0, is reduced to copper by removal of SO4~2 by Fe.

2. Valence state Concept : It will be obscrved that the oxidation-
reduction reactions take place with changes in the valence state of certain atom in
the compounds undérgoing the reaction. Thus when ferrous chioride is 0x idized
10 ferric choloride, the valence state of irom is increased from divalent o
trivalent. Similarly, when H,S is oxidized to clementary sulphur, the valence
state of sulphur is increased from —2 to zero and when CuO is reduced o Cu, the
valence state of copper is decreased from +2 to zero. On the basis of valence
state, therefore, the following simplified definitions for oxidation and reduction
may be put forward:—

Oxidation is a chemical reaction which involves change of valence state in
the positive direction.
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Reduction is a chemical reaction which involves change of valence state in
the negative direction.

3. The Electronegativity Concept : Elcctronegativity is defined as
the tendency for an atom in a molecule to attract electrons. During oxidation-
reduction reaction it can be observed that certain atoms in the compounds
undergo decrease or increase of electronegativity value. During oxidation there is
always a decrease in the electronegativity of an atom, whereas reduction involves
increase of electronegativity value. Substances having high clectronegativity act
as oxidizing agent such as fluorine, halogen, oxygen ctc. Substances having low
values of electronegativity act as reducing agent, such as hydrogen, sodium,
polassium eic,

4. The Charge Concept : Since the terms electropositive and
electronegative elements have been used in the classical concept of oxidation-
reduction reactions. The following procedure may be adopted to illustrate the
phenomena :—

When ferrous salt is oxidized to ferric salt, it can be seen that Fe*? is
converted to Fe*?. Similarly, when copper is converted to copper sulphate,
CuSQ,, the charge on copper increases from zero to +2. When H,S is oxidized

.10 elementary sulphur, the charge on sulphur is changed from =2 to zero.
(Reduction) Fe*2 <= Fe*? (oxidation)
(Reduction) Cu® <= Cu *2 (oxidation)
(Reduction) S2<= S° (oxidation)

Naturally, when the reaction takes place in the reverse manner i. e.,to the
left, this indicates reduction. Hence the following definition :

Oxidaton is a process which involves increase of positive charges on an
element or removal of negative charges.

Reduction is a process which involves increase of negative charges or
decrease of positive charges on an element

If we examine this definition of oxidation-reduction reaction it is not quite
clear as 1o how this increase of positive charges or removal of negative charges
occurs. Obviously, there is no mechanism to consider direct addition of positive



OXIDATION-REDUCTION REACTIONS 193

charges to an atom by chemical reaction, Oxidation-reduction reaction is best
explained on the basis of clectron transfer process as given by the clectronic
concepl.

5. The Electronic Concept : When ferrous chloride is oxidized to
ferric chloride by chlorine in aqueous solution, Fe*? is convened 10 Fe*? and CI°
18 changed to CI7. Similarly, the oxidation of magnesium o MgO involves the
change of Mg 1o Mg*Zand of Q" 10 O-2 The only way to account for this
change is by mecans of electron transfer process. The clectrons in the outermost
encrgy level, i. e., valence electrons in an atom undergo changes during the
chemical reaction. The clectrons in the outermost cnergy level may be lost or
clectrons may be gained depending upon the clectronic arrangements of the atom.,
Thus when Mg? is oxidized 1o Mg*2, the two clectrons in the outermost energy
level, 252, are lost. Similarly, oxidation of Fe? to Fe*2 is duc 10 the loss of two
clectrons from 4s encrgy level. Subsequent oxidation of Fe*? to Fe*? is due to
the loss of one clectron from 3d level which originally contains 6 clectrons,
i. ¢., 3d® which has tendency 10 lose one clectron 1o become 3d® which, now,
half-filled represents a stable electronic arrangement.

Now we can give a generalized definition of oxidation :

Oxidation is a process which involves loss of clectrons by an atom or an
ion.

Similarly, reduction can be attributed duc’to the gain of clectrons by an
atom, Thus when oxygen is reduced 10 O-2, or Fe*? is reduced 1o Fe*? and
subscquently to Fe, the entire process can be casily cxplained on the basis of
gain of clectrons by an atom or an 1on.

An oxidizing agent is one that accepts clectrons and is thereby reduced. A
reducing agent is one that gives clectrons and is therehy oxidized. Therefore, in
oxidauon-reduction reactions, electrons are transferred from the reducing agent to
the oxidizing agent. The oxidation-reduction reactions (also known as redox
reactions) arc complementary and take place simultancously. Conscquently,
oxidauon (the loss of clectrons ) and reduction (the gain of clectrons) must
always accompany cach other in a reaction. In other words, if a given reaction
involves an oxidation’ it must also involve a reduction. Thus the reaction
between Mg and oxygen ;

—13
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2Mg® + 0% = 2Mg*202 or 2MgO

Hence, Mg? is oxidized 1o Mg*2 by loss of two clectrons and oxygen Q% is
reduced to oxide O ion. Mg is the reducing agent and O, is acting as an
oxidizing agent.

In the reaction between Zn and CuSO, solution, metallic copper is deposited
and some of the zinc rapidly dissolves :

Zn% + Cu*280,7% = Cu® + Zn*? SO, 2

Notice that the SO42 ion does not undergo any change in this oxidation-
reduction reaction. The zinc metal is oxidized from Zn® to Zn*? ion obviously by
“loss of two clectrons. The copper ion, Cu*?, is reduced to Cu® by the gain of
these two electrons. Here Zn® is oxidized and acts as the reducing agent and Cu*?
18 reduced and acts as oxidizing agent.

It may be mentioned here that this is the simplest and at the same time
most comprchensive theory of oxidation-reduction reactions that has ever been
put forward.

The simple explanation of clectron transfer may be readily demonstrated
with 1¢st tube cxperiment.

Oxidation-reduction reactions according to the clectronic concept is
essentially an electrical phenomenon. This means that it should be possible to
accomplish oxidation-reduction simply be mcans of clectric energy. The
chemical reactions, therefore, can be made to occur by passing clectricity through
solutions of ions :

- leclric

2Na*C
cruuent

- 2Na*=Clj

Thus, where Na* 1s reduced to Na® and C1~ is oxidized to CI° and, therefore,
represented as,

cathode

Marse———cgy Na®

anode

ICT <o, —y
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Thus electrolysis is a simple electron transfer reaction. These oxidation-
reduction reactions do not occur spontancously but take place only if electrical
energy is supplied.

_ Not only oxiation-reduction can be accomplished by electric current but
also, vice versa, clectricity can be generated by proper arrangements of an
oxidation-reduction reaction. Thus the reverse reaction,

2Na’ +Cl5 = 2Na*+CI™

where Na® is oxidized to Na* and CI° is reduced to CI7, takes place
spontaneously and spontancous oxidation-reduction reactions of this sort, which
involve the loss and gain of electrons, can actually be used as a means of
generating electric current. The arrangements require that electrons lost by Na®
and gained by Cl, pass through a conducting wire during the oxidation-reduction
reaction between the two, thereby we can produce a source of electric current.
Similarly, the reactions between Zn and H,S0, or CuSO; solutions produce
clectric current by the same mechanism of electron transfer from Zn to H* ions
or Cu*? ion respectively.

Important application of the oxidation-reduction reactions have been made in
connection with the manufacture of dry cells, storage battcries and other type of
appliances for producing electricity.

Oxidalign State and Oxidation Number

When the electrons in the outermost encrgy level (or valence electrons) are
removed from an atom during a chemical reaction, the atom is said 10 be in a
positive oxidation state. Similarly, when an atom takes up electron during a
chemical reaction, the atom is said to be in a ncgative oxidation state. The
number of clectrical charges on an atom is known as the Oxidation Number.
Thus in the reaction,

Mg° +Cl2 = Mg*2CI'CI",
the oxidatica number of Mg undergoes a change from zero in the free state 10 +2
and the oxidation number of chlorine changes from zero in the free state 10 -1.1t

may be noted that during oxidation generally the oxidauon number of an clement
is increased and during reduction the oxidation number is decrcased. A substance
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that causes an increase in the oxidation number of another substance is called an
oxidizing agent. A substance that causes a decrease in the oxidation number of
another substance is called a reducing agent.

Assignment of Oxidation Number

In connection with oxidation-reduction reaction it is convenient 1o adopt a
generalization in order to assign the correct value for the oxidation number of an
clement in a compound. Oxidation-reduction reactions are important in
chemistry, and writing of balanced equations of these reactions often involves
cumbrous process by trial and error method. But the writing of cquations has
been, for the most part, simplified by adopting the use of oxidation numbers and
their changes which occur during oxidation-reduction reactions. The following
rules for assigning oxidation number are generally followed :—

(1) Neutral atoms and molecules have zero oxidation number.

(2) When atoms of different elements are present in a molecule, the more
clectronegative atoms will have a negative oxidation number and the less
electroncgative atoms have positive oxidation number. Thus,

Na*!CI™!, H*!CI™!, H,*'072, N-3 H,"
Ca*2§72, 1ICH!, Na*'H-!

Generally metallic atoms in a compound have positive oxidation number
and non-metallic atoms in a compound have negative oxidation number.

(3) Hydrogen is +1 when combined with non-metal and -1 when combined
with metals.

(4) Oxygen is 2 except in peroxides when it is -1,

(5) The oxidation number of a compound is always zcro. It is determined by
the sum of oxidation numbers of the individual atoms, cach multiplied by the
number of atoms of the element present in the molecule.

In a given compound the sum of the positive oxidation numbers is cqual to
the sum of the negative oxidation numbers and since the molecule as a whole is
neutral, the algebraic sum of the positive and negative oxidation numbers is
2Cro, :



OXIDATION-REDUCTION REACTIONS 197

Thus knowing the oxidain numbers of some of the well-known clements in
a compound, the oxidation number of the unknown can be calculated. For
instance, in H;50,, The oxidation number of H is +1 and that of oxygen is ~2;

the oxidation number of sulphur is casily found out :
H, S 0,
26D+ x+ 42 =0
2 #x— Bi=)
X = +6 (oxidation No. of § in H,SO,
Similarly, in the case of KNO; the oxidation number of N can be calculated as
follows :
K N 0O,
+41 + x + 32 =0
+14x6 =0 orx =45

Some clement may exist in several oxidation states and can have scveral
oxidation numbers. Thus nitrogen can have oxidation statcs :

=-3,-2,-1, 0, +1, +2, +3, 44, +3. as in the following compounds :
-3 -2 -1 +1 +2 43 +4 +5
NHy NpHy NH,OH N, N,O NO N0, NO, N;Os
Similarly, chlorine has oxidation numbers +7, +5,43, +1, 0 and -1, as in,
+7 +5 +3 +1 o -1
HCIO, HCIO, HCIO, HCIO Cl, HCl
Rules for Writing of Equations Involving Oxidation-Reduction
Reactions

There are various methods for writing the oxidation-reduction equations and
one of the most convenicnt procedures for balancing such equations is based
upon the transfer of electrons. This involves consideration of the change in the
oxidation numbers of the elements undergoing oxidation-reduction reactions. The
following simple rules provide a convenient means to write the oxidation-
reduction equations in the balanced and completed forms,

Rule 1. Indicate the oxidation numbers of each element in the oxidizing
and reducing agents in both the states respectively.
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Rule 2. Note the elements which undergo a change in the oxidation
numbers during the reaction and indicate the electrons gained and lost by them.

Rule 3. Use H* ions to form undissociated molecules of water where
necessary.

Rule 4. Use H,O molccules in order to form higher oxygen containing
product during oxidation.

Rule 5. Make total number of clectrons accepted by the oxidizing agent
equal to the total number of electrons given by the reducing agent.

Rule 6. Complete the equation by providing appropriate missing ionic
species to form molecules after adding both the sides of the equation and
cancelling out equal terms.

Various types of oxidation-reduction reactions have been sclected to
illustrate the application of the above rules. 't may be noted that all the rulcs
may not always be required 1o write oxidation-reduction equations. Which of the
rules will be applicable could be easily determincd.

Example 1. Ferrous chloride is oxidized by chlorine to ferric chloride.
Writing the change in ferrous chloride and chlorine we get,
Clz + 2 = r
Fe+XCl, -e Fet? + 2CI”

Since the loss and gain of clectrons during the process must be equ ', the second
part has to be multiplied by 2 :

Cly + 2e = 20
2Fe*?Cl, -2¢ = 2Fetd+4CH
By adding 2Fc¢Cl, + Clp = 2Fe*? + 6CI
or 2FCC!2 + Clz = 2F¢C13

The equation is obtained in the completed and balanced form.

Example 2. H,S is oxidized to H,SO, when passed into a concentrated
aqueous solution of bromine.
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Here bromire acts as an oxidixing agent; hence 1t accepts one clectron per
atom and is reduced to bromide. When H,S is oxidized to H,S0, the oxidation

number of S is changed from -2 10 +6 by loss of 8 clectrons.

Now, we find that a higher oxygen containing substance H;SO, is formed
by oxidation of H,S which has ne oxygen atom. Hence 4 oxygen atoms in
H,S0, will require the use of 4 molecules of H,0. Thus we write two half-

reaction underlining the symbols of those elements which undergo change in the
reacons

a =]

Br, + 2c = 2Br
“1 +
H,S2-8¢ +4H,0 = H,S0O,4 + 8H*

The loss and gain of clectrons must be equal. Henee the upper half-reaction
is 10 be multiplicd by 4 :

BB .. o (1

I

4&2 + 8¢

H,S2- Bc +4H,0 HpSO, + 8H* ... @

On adding (1) and (2) wc have,
4 Brz + st + 4 HIO = HzSO4 + 8H++ SBr]
Completing, 4Br, + H;S + 4H,0 = H,;SO, + 8HBr

Example 3. Potassium dichromate oxidizes potassium iodide in acid
solution liberating iodine :

+2+12-14 3.
KyCryO; +6¢ = 2Cr +2K +7 02 X (1)
= 0
B o s Leage A Q)

Now, 7 072 require 14H* ions to form 7H,0 and, therefore, 14H™ is 10 be
introduced in the half -reaction in (1) ; and in order o make the number of
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clectron lost and gained equal, the half-reaction (2) is to be multiplied by 3. Thus
we get,

KiCryOh+6¢c = 2Cr?+2K* +7072
7072+ 14H* = TH,0
6 KI - 6e = 3, +6K*"

On adding and cancelling equal 1erms,

KyCryO; + 6KI + 14H* = 2Cr*3+ 8K*! + 7TH,0 + 31,

The above cquation is almost complete, except the requircment arising out
of the use of H* ions. The H* ions can come from an acid. Generally the acid
uscd is HCl or H,S0, and hence the anionic portion for the various cations will

depend upon the acid used. HCl will gave chlorides and H,SO,4 will form
sulphates. Thus the complete equation is automatically derived :

K,Cr05 + 6KI + 14HCI = 2CrCl; + 8KCl + 7H,0 + 31, or, in the casc of
HJSO‘i‘

K2Cl'207 + 6KI + ?HISO4 = Cl'}(SO,;)} + 4]{2504 4 7H20 3 311

Example 4. Powssium permanganate oxidizes H,S in aqucous solution
and sulphur is liberated :

+] +7 -8 -

KMnO,+5 = Mn?2+K*"+407° (1)
+1—2
HS - 2 =" 2H*+ §° @

Now 4072 require 8H™ to form 4H,0 and, therefore 8H* is 1o be introduced
in (1) and we get,

KMnO;+5¢ =  K*'+Mn2+407°
4077+ 8H* =  4HO

+i—-2

HS -2 = 2H*+§

Multiplying (1) by 2 and (2) by 5 in order 1o make the loss and gain of
electrons equal, we have,
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2KMnO; + 10¢ = 2K +Mn2+802
80 2+ 16H* 8H,0
5 H,S - 10e 10H*+5 §°

I

On adding, cancelling cqual terms and adjusting the species involved we
have,

2KMnO, + SH,S + 6H* = 2K*! +2Mn*2 + 5§ + 8 H,0.

In order to complete the equation, again it is required to supply the anionic
specics which will obviously depend upon the acid used. Generally, the acid used
is H,80, because HCl is oxidized by KMnO, and HNO; itself is an oxidizing
agent besides an acid.

Hence the complete equation is :
2KMnO; + 5H,S + 3H,S0, = K550, + 2MnSQO, + 58 + 8H,0

Example 5. Hot and concentrated nitric acid oxidizes CuS to CuSO,4 and

NO, is evolved :
+] #5 +4 <4
HNO; + ¢ - NGOy A 40 - )
Bis P o s a0 - » CHGOEH.. ¥

One 02 requircs 2H* for conversion 10 H,0 and again (1) has to be
multiplied by 8 in order to make the loss and gain of clectrons equal. Thus,

8HNO; + 8c 8NO, + 8H*+ 807

]

802 4+ 16H* = 8H,0
CuS-8 + 4H,0 = CuSO, + B8H'

On adding and cancelling equal tcrms,
8HNO; + CuS = 8NQ, + CuSO, +4H;0
The equation is complete without further adjustment.
Example 6. The oxidation of sodium thiosulphate by iodine :

Na,S,;0 is converted to NagS,04 (sodium ictrath ionate) 1;° is converied 1o
iodide I™.



202 INTRODUCTION TO MODERN INORGANIC CHEMISIRY

Taking +1 as the oxidation number of Na and -2 as the oxidation number vf

oxygen, the average oxidation number of each S in Na;SO5 is +2 and that the
average oxidation number of cach S atom in Nay 404 is 23 Hence,

4 +10
Na,3,04 = Nap§40

Thus each S atom of thiosulphate loscs selectron for oxidation 1o

tetrathionate., 4 S atoﬁs in tetrathionate must come from 2 molecules of
thiosulphate. Hence the total change in oxidation number of $ is from 2 (+4) =
+8104x2% =+ 10

2Na;§;03 = 3 Na{in‘,oﬁ +2Na*t
and b on - i v S

Addmg. 2N318203 + Iz NBQS406 + 2Nal

Equivalent Weights of Oxidizing and Reducing Substances in

Reactions

The fundamental definition of equivalent weight is as follows :—

The equivalent weight of a substance is that weight which combines with or
displaces 1.008 parts by weight of hydrogen or 8.000 parts by weight of oxygen.
This fundamental definition may be extended and modificd to the following
definition which scems to be applicable 1o all ordinary cases.

The gramme-equivalent weight of a substance taking part in chemical
reaction is the number of grams of the substance associated with the transfer of
N electron or proton or with the ncutralization of N negative or positive charge
(N is the Avogadro's Number). N may be conveniently replaced by 1 or unity
which gives the same result. In acid-base reaction where neutralization reactions
occur, protons (H*) are transferred from the acid to the base and the number of
protons transferred determines  the  equivalent weight of the acid or the
base.
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The changes in the oxidation numbers of some of the important oxidizing
and reducing substances are given in Table 6-1.

Table 6.1. Change in the oxidation numbers of some oxidizing and
reducing reagents.

Effective Oxidation No.of  Change Newoxida- Change

Reagents elements number of  electrons duelo tion number  in oxi-
effective involved redox of effective  dation
element reaction  elemen! nwnber

KMnQy (acid) Mn +7 +5e Mn*? +2 5

KMnOj (alk) Mn +7 +le  K;MnOy4 +6 1

KMnOj, (neurral) Mn +7 +3e MnO, 4 3

KGOy Cr +6 +3e £ +3 3 perCr

atom

KClOy Cl +5 +be e -1 6

Ce(S04), Ce +4 +le Ce*? +3

NaClO Cl +1 +2e cr! -1 2

H;05(redn.) (8) -1 -2e 0] 0 1 perQ

atom

H,0,(oxn) (¢} -1 +2e o2 = 1 perO

atom

FeCly Fe +3 +le Fet*? +2 1

H,S S -2 =2e S 0 2

st S -2 —8e ]'[25()4 +6 8

SnCl, Sn +2 -2e Sn*? +4 2

H,C,04 C +3 ~le co, + 1 perC

atom

SO, S +4 ~2e 50,72 +6

Kl I -1 ~le I 0 perl

atom

Hy H 0 ~le H* +1 1 perH

5 atom

Cu Cu 0 —2e Cu*? +2 2

Zn Zn 0 -2e Znt 2 2

I I 0 ~le I -1 1 perl

atom
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Thus in the reaction,

' HCl + NaOH = NaCl + H,0,
N protons (6:023 x 10%) are transferred from HCI to NaOH. The g. equivalent
weights of HCI or NaOH are, therefore, equal to one mole (36:5g.) of HCl and

one mole (40-0g) of NaOH. When one mole of H,SO, reacts with 2 moles of
NaOH in the reaction::

H,S0, + 2NaOH = Na,SOy4 + 2H,0,

we have 2N protons transferred from H,SO, to NaOH. hence one gramme-
equivalent of H;S0, is equal to g. mole divided by 2, i.e., 98:0/2 = 490.

When silver nitrate reacts with sodium chloride, silver chloride is
precipitated out according to the reaction,

Ag'NO,~ + Na‘'Cl-

I

Ag*Cl~  +Na*NO;~

or, Agt  + CI- Ag*CI-
The gramme-equivalent weights of AgNO, and NaCl are calculated from the
number of charges neutralized electrically in the reaction. Here 1 positive charge
of Ag* and 1 negative charge of CI- are neutralized. Hence the gramme-
equivalent weight of AgNO; and that of NaCl are equal to one mole of AgNO,
and NaCl (169-89g. and 5846 g.) respectively. In the case of precipitation of
BaSOy (i.e., Ba*2+50,72 = Ba*?50,~?) one mole of Ba*2 ion reacts with one
mole of SO,72; 2 positive charges and 2 negative charges are neutralized. Hence
the gramme-equivalent weight of BaCl, will be one-half the gramme-formula
weight and that of Na,SOj is also one-half the molecular weight.

In the case of oxidation-reduction reactions which always involve transfer of
electrons from the substance oxidized to the substance reduced, the equivalent
weights are easily calculated. The gramme-equivalent weight of an oxidizing or
reducing substance is the weight which loses or gains 1 electron during the
process. It may also be put as the weight of the substance which undergoes a
change of one unit in the oxidation number of the effective element in the
substance. In other words, the gramme-equivalent weight may be obtained by
dividing the molecular weight by the total number of clectrons transferred or
from the total change in oxidation number . Thus,
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+1
KMnQO, + S5e——> Mn*2

The change in oxidation number of Mn is 5 or the number of electrons accepted
by Mn in KMnOy is also 5. Hence the gramme-equivalent weight of KMnO, for

this reaction is equal to the molecular weight divided by 5, i.e., 158.02/5 =
31.63g. Similarly,

KzCI';O'; + 66— 2Cr*™?
Thus the effective element Cr accepts 6 electrons to change from +6 to +3 state.
(The total charge on Cr in K,Cr;0; is 2 x +6 = +12 and 2Cr*? has the total
charge = 2 x +3 = +6. Hence a change of +12 to +6 involves the gain of 6

electrons.) The change in oxidation number is of 6 units, The gramme-equivalent
weight of K,Cr,0; for the reduction to Cr*? state is, therefore, equal to the

molecular weight divided by 6. That is, 294.22/6 = 49:037 g.

Similarly, the equivalent-weight of Na,C,0, may be calculated from the
reacltion

ﬁa;&[()’: " TSI 2

The total change in he oxidaton number of carbon is from (2 x +3)= 46 10
(2 x +4) = +8. This can be accomplished by the loss ui - clectrons. The total
change in clectron number is also 2. Hence the gramme-cquivalent weight of
Na,C,0, for this reaction is the molecular weight divided by 2.

The normality of an oxidizing or reducing agent is defined as :

No. of electrons gained or lost by | g. mole
1 litre of solution

Normality =

Oxidation-Reduction Potential (Electrode Potential)

Oxidation potential or redox potential is the direct consequence of electron
transfer phenomenon of oxidation-reduction reaction. It has been mentioned that
clectric current can be gencrated by carrying out oxidation-reduction reactions.
When two electrodes are immersed in a solution containing oxidation-reduction
system and then connected by a wire, a current flows through the wire from the
anode to the cathode. The use of the reactions as a source of clectrical encrgy is
possible only if the reactions taking part in the redox rcaction are not permitted
to come into direct contact. If the reactants come into direct contact, the energy
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is liberated as heat energy rather than as electrical energy. The conditions for the
generations of electricity are that the cell assembly must have both the electron
path between the electrodes via the metallic wire and also the ion path through
the solutions. The ion path is generally created via a porous membrane or by
suitable connections by a bridge containing ionic solution. The oxidation
process always lakes place at the anode and reduction at the cathode. It is
obvious, therclore, that a chemical reaction involving oxidation-reduction
generates clectric potential commonly known as redox potential. The valucs of
the redox potentials for the oxidation-reduction system have been determined in
mosl cases and are of great theoretical and practical value. The details of these
descriptions may be found in advanced text books on electrochemistry but an
elementary qualitative treatment with respect 1o the applications of oxidation
potential 1o understand the chemical reactions is given here briefly.

Considering the equations :
Zn +Cu*?2=Zn*? + Cu
and Cu + 2Ag+ = Cu*? + 2Ag

we know that the above reactions do take place and we say that Zn is more
electropositive than Cu, and Cu is more electropositive than Ag and hence the
clectropositive metals in solutions are replaced by more clectropositive metals.
The term “electropositive” of a metal means the "driving force” with which the
melal lends lo give up the valence electrons to form a positive ion. Thus the
electropositivity of Zn means the driving force, also known as "Solution
Pressure”, with which the reaction Zn = Zn*? + 2e takes place. Now, when the
driving force is exerted during a reaction, energy must be spent. This means that
energy is spent when Zn changes to Zn*? in the reaction Zn = Zn*2 +2e¢. Thus
the effective energy content of Zn*2 must be less than that of Zn atoms. This
effcctive encrgy content of a system is known as the "frce energy” of the system.
The free energy originates from the resultant (or product) of the heat conient and
tendency for the heal encrgy to be spent. A system of lower heat content but a
higher tendency to spend it will have a higher frce energy than one which has a
larger heat content but less tendency to spend it. The difference between free
encrgy of Zn and Zn*? is called the change in the [ree energy that occurs when
reaction Zn = Zn*? + 2¢ takes place. The change in free energy provides the
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driving force of the reaction and makcs it go. The driving force of a reaction is
referred Lo as "Potential”. The reactions involving oxidation, therefore, involves
"Oxidation Potential", The oxidation potential, therefore, represents the change
in the free energy of reaction. The valucs of oxidation potential is cxpressed in
volts. More generally ‘the driving force is known as "clectrode potential” (E9).
The potential of a standard hydrogen clectrode is arbitrarily considered 10 be zero.
The standard hydrogen clectrode 1: made by bubbling H, gas at a pressure of 1
atmosphere over platinized platinum immersed in a solution of H* ions of 1 M
concentration. '

To determine the electrode potential of any element, an electro-chemical cell
is set up consisting of a strip of the element (say Zn) in contact witha 1 M
solution (of Zn*2 ions). This is known as the half-cell and a standard hydrogen
clectrode is the other half-cell. The two half-cells connected by a salt bridge (KClI
solution in a gel of agar) is shown in Fig. 7—1.

Salt bridge Lathode
Anode KCI agar

Zinc clectrode Hydrogen clectrode
Zn— Zn*? + 2e- 2H* + 2¢- - H,
Fig. 7—1. Electrode Polential
This bridge allows the ions to migrate through it but does not allow the
solutions to come in contact. On connecting the two half-cells with a voltmeter,



208 INTRODUCTION TO MODERN INORGANIC CHEMISTRY

we can measure the potential difference of the cell as a whole. Each half-ccll
has the equilibrium reaction :

H,=2H* +2
Zn =7n*? + 2¢

Because Zn has a greater tendency to go into solution as Zn*2, the zinc acquires a
higher clectron density than the Pt of hydrogen electrode. Hence the greater
electron pressure or clectrode potential of Zn causes the electrons Lo flow to the
hydrogen electrode through the wire connection. The low of electrons from Zn
to H increases the electron density at the hydrogen electrode and the equilibrium
is shifted to the left causing H* ions to be reduced to H, :

H21—2H¢ + 2

At the same time the electron density at the Zn-clectrode is decreased, and the
equilibrium is shifted to the right and more Zn is oxidized 10 Zn*? ions :

Zn—»7Zn'? + 2e

This difference in potential is measured by a voltmeter and is .76 volts, The
force causing the electrons to move from the Zn-clectrode to the H-electrode is
called the electromotive force (E.M.F.) and is 076 volts. The Zn-electrode is the
negative electrode (cathode) because its electron density is higher than that of
H-electrode which is the positive electrode (anode). Since the potential of
H-electrode is zero, we can say that the potential of Zn-clectrode is above 0-76
volt than that of H-electrode. In other words, the sign of Zn-clectrode is positive,
ie, + 076 volts.

The over-all reaction in the Zn—H cell is one of oxidation and reduction ;

Anodic oxidation—  Zn - Zn*2 + Ze
Cathodic reduction— 2H* + 2e — H,

Cell reaction— Zn + 2H* = Zn*? + H,
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The cell is represented as :

8
Zn| Zn*2(1M) || H*(OM) H, (PY) 1 atm

The Electromotive Series of the Elements

By measuring the clectrode potentials of different metals, where ion
concentrations are 1 Molar as in the case of Zn, the metals (or elements) can be
arranged in accordance with the decreasing potentials. This serics is known as the
Electromotive Series or E. M. F. series of clements. The potential of
Hy= 2H*+2e has been arbitrarily assumed to be zero and there are negative
values of the potentials for some metals also as shown in Table 7-2. For
instance, when Cu metal in contact’ with Cu*? is made the other electrode of
a cell containing standard H-electrode, it is found that H has a greater tendency
to form H* ions than does Cu. Consequently, clectrons flow from the H-
clectrode to the Cu-electrode. The electrode processes arc :

Anodic oxidation H, <= 2H* + 2
Cathodic reduction Cu*?2+ 2 = Cu

Cell reaction H; + Cu'? = Cu + 2H*

The E.M.F. of the cell,
‘ =
H,(Pt) 1 atm | H*(IM) || Cu*(IM)| Cu

has been measured by a voltmeter to be = 0.34 Volts (cell reversed)

The zero potential of H-electrode is above this figure of 0.34. Hence the
electrode potential of Cu-electrode is —0.34 volt with respect to the H-electrode.

The electrode reactions given in Table 7.2 represent reversible reactions.
This indicates that under one set of conditions a metal, say, Cu atoms, will
give up electrons to form Cu*? ions, while under another set of conditions Cu*2
ions will pick up electrons to give Cu atoms. This is the case with all the

—14
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Table 7.2, E.MF. Series on Oxn-Redn. Potentials.

Elements Reduced Electrode Oxidized Electrode
form reaction form polential
(volis)
Potassium K = K*+e +292
Calcium Ca = Crle2e  +276
Sodium Na = Na*+e +271
Magnesium Mg o Mg*?+2¢ +234
Aluminium Al = Al*3 + 3e + 167
Manganese Mn = Mn*2 + 2e + 105
Zinc Zn = n*2 4 2 +0.76
Chromium Cr = Crd+de +051
Iron Fe = FetZ+2e + 044
Cadmium Cd . Cd*? +2e + 0.40
Cobalt Co = Co*2+2e + 028
Nickel Ni = Ni*? +2e +0.25
Tin Sn T Sn*2 + 2e +0.14
Lead Pb = Pb*2 + 2e +013
Hydrogen H, = 2ZH* +2e - 000
Copper Cu = Cu*?42e - 034
lodine 21 = 13+ 2e -053
Stlver Ag = Ag*+e - 0-80
Merrcury Hg — Hg'? 42 - 085
Bromine 2Br- - Bry + 2¢ - 1-06
Platinum Pt = Pr*242e -120
Oxygen 2H,0 = O;+4H" +4e - 123
Chlorine 2C1- = Cly + 2e =136
Gold Au = Aut +e - 1.68
Fluorine 2l . F;+2e - 2.85
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clectrode processes. The equations given indicate that the substance on the left is
being oxidized and is acting as a reducing agent. The substances on the right side
of the equation are formed and the reactions are proceeding 1o the right. When the
reactions proceed to the left, the substances on the right side are acting as
oxidizing agents.

The substances on the top of the table 7.2 are strongest reducing agents and
the substances at Lhe bottom are the weakest reducing agents, Thus the lower the
oxidation potential, the weaker the reducing ability of the clement. The clements
at the bottom of table in the right side of the cquilibrium equations are the
strongest oxidizing agents. Thus the lower the oxidation potential, the stronger
the oxidizing ability of the oxidizing agent.

Uses of the E.M.F. Series

The oxidation potential values in the E.M.F. serics of elements can be used
10 determine whether or not a reaction will take place. The most important uses
may be mentioned as follows :— '

(1) The metal with high electrode potential at the top of the series are good
reducing agents. They are the metals most casily oxidized by removal of

electrons. They have low electron affinities, low ionization potentials and low
electroncgativities.

(2) The elements with negative clectrode potentials are good oxidizing
agents when in the oxidized form, i.e., when the metals are in the form of ions
and non-metals are in the form of neutral atoms or molecules.

(3) A reducing agent with a higher potential will reduce any oxidizing agent
with a lower potential. The wider the potential difference, the more vigorous will
be the reaction. This gives rise to the displacement reaction. To illustrate the
application of the rules, the example of the reaction

Zn + 2Ag* =Zn*? + 2Ag
may be mentioned. The electrodes involved have the following potentials :—
Zn=2Zn*2+2 . . +0.76 volts
Ag=Ag' +¢ . .. -0.80 volis
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Therefore, Zn will be oxidized to Zn*? by Ag* , and Ag* will be reduced to
Ag by Zn. It means that Ag will be displaced from a solution of, say, AgNO;,
by adding Zn metal to the solution (dipping a strip of Zn to the solution of
AgNO,). Similarly, H, may be prepared by displacement reactions from an acid
containing H* ions by means of metals which occur above H in the EM.F.
scrics. Metals with a high positive potential liberate hydrogen from acids with
explosive violence and metals with low positive potential liberate hydrogen at a
reasonable speed. The displacement reactions are generally applicable and any
element will displace other which follows it in the E.M.F. serics.

There are two types of cells which make use of oxidation-reduction reactions
for generating electricity. They are :—

1. The Primary Cells : These are irreversible cells, The electrodes and
electrolytes cannot be restored to their original states once they have been
consumed for the production of current by the application of an external electrical
potential, The "dry cell” is a primary cell and reactions are irreversible.

2. The Secondary Cells : In these cells the chemicals used and the
clectrodes may be regenerated after they have been consumed in producing
electricity. This is done by passing a direct current of electricity to flow in the
reverse direction of the discharge. This is called recharging the cell. The "lead
storage battery or accumulators” is an example of secondary cells.

The Dry Cell : The container of the chemicals in this cell is made of Zn
which serves as one of the electrodes and is separated from the chemicals by
lining with porous paper. A carbon rod in the centre of the cells is the other
electrode. The space around the carbon rod contains a mixture of NH4Cl, MnO,,
ZnCl, and some saw-dust, all moistened with H,O in the form of a thick paste.
The cells is sealed from top by shellac or pitch. When the dry cell generates

electric current, Zn goes into solution as Zn*2 ions and electrons accumulate on
Zn making it a negative electrode. NH,* ions is reduced at the carbon electrode.

Anode reaction  :  Zn —Zn*2+ 2e
Cathode reaction : 2NH,*+ 2e — 2NH;+ H,
Overall reaction : Zn+2NH,* —Zn*2+2NH;+ H,

MnQO, oxidizes H,, otherwise it will collect and stop the reaction :
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H; + MnO, + 2H* = Mn*2 + 2H,0
The cntire reaction :
2NH4* + MnO; + Zn = 2NH; + MnO + H,0 + Zn*2
NH; formed is taken up by ZnCl, forming the complex Zn(NH;)4Cl,.
The voltage of the dry cell is generally 1-5 volts.

] The Lead Accumulator (Storage cell) : The electrodes of lead storage
battery consist of two lead plates. The negative plate consists of a spongy lead
supported on grid made of Pb-Sb alloy. The positive pole is PbO, supported in a
similar grid. The electrolyte is H,SO,.

When the battery produces current, the following reaction takes place.
At the lead plate : '

Pb+SO, 2 = PBSO, +2e E° = 0.356 volts

(oxidation)
At the PbO, plate ;

PbO, + SO, 2+ 4H* + 2¢ = BbSO, +2H,0
(Reduction) E? = 1,685 volts

Electrons flow from the Icad electrode through the external circuit and enter the
lead dioxide electrode. The positively charged lead dioxide is the cathode and the
lead electrode is the anode.

Recharging of lead accumulator is done by passing electrons through the cell in
the reverse direction by applying an external potential. The lcad clectrode is now
made the cathode. The reaction is ;

PbSO4 + 2¢ — Pb + SO, 2 (reduction)
PbO, electrode is made positive and the oxidation reaction is :
PbSO4 + 2H,0 = PbO, + 4H* + SO, 2 + 2e (oxidation)

Thus the two processes may be written as :

dischar
Pb-plate reaction : Pb + SO,2 = - PbSO4 + 2e

charge

PbO, -plate reaction ;
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discharge
Pb02 +4H* + 804.-2 +2 =" PbSO,+ ZHzo
charge
The overall reaction :
discharge
Pb + PbO, + 4H* + SO =" 2PbSO4+ 2H,0
charge

H,S0, consumed is replenished from time (o time.

QUESTIONS AND PROBLEMS

1. Explain oxidation and reduction.
2. Explain what happens when :—
(a) SOqis passed into a solution of lodine.
(b) A solution of Na,5;0; is added to acidified K,Cr;0, solution to which Kl
had been added.
(c) Jodine reacts with a solution of Nap8,01.
Explain the meaning of the term "oxidation state”.
Define oxidation and reduction in terms of change of oxidation number. What are
oxidising and reducing agents ?
5. What are oxidation numbers of nitrogen in each of the following compounds?
N,0, NO, N;03, N,O,, HNO,, NH3, NH,CI, NoHg, NHOH and AIN.

6. Calculate the equivalent weight of the oxidising and reducing agents in the
following reactions in term of the molecular weights of the respective
compounds taken as M :—

(a)  Hy0p + KMnOg + H* = Mn*Z + Hy0 + O3,
(b)  Zn+H* +NO* - Zn*? + N,O + H0,
(€)  KiCryOq +Fe'? + H* = 2Cr*3 + 2K* +Fe*? + H;0.
7. What is meant by oxidation-reduction potentials ? How this can be applied for
determining the feasibility of chemical reactions ?
8.  Write the equations of the following reactions :—

(a) Chlorine is passed into a solution of ferrous chloride.
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(b)  H,S is passed into a neutral solution of KMnO,,

(¢)  Nitric acid is passed over heated copper.

(d)  CuS is heated with strong HNO,

(e) KBrOj; reacts with KI in acid solutjon,

nH KMnOj4 reacts with NayCy0y in acid solution.

(8)  Hz0; reacts with KI in neutral solution.

(h)  Cr(OH); reacts with H,0, in presence of NaOH

(i) HCl is dropped over KMnQy4,

What is meant by the electromotive series of elements? What are the
applications if this series ?

How do you use electromotive series in the preparation of some elements?
Complete and balance the following chemical equations ;-

(@) Hy5+KMnO,4 + HpS504 —»

(b)  As;S3+HNO; + H,0 -

(¢) SnCly+ HaS0; + HCl -

(d) Crl3 +KOH +Cl, —

Write notes on :-

(a) Oxidation and reduction

(b)  Oxidation states and oxidation number of elements

Give the modern concepl of oxidation and reduction , How can you prove
experimentally that oxidation and reduction generate electricity ?

Discruss with examples (and equation) the disproportionation reactions and
oxidation-reduction reactions. Mention their significance in chemistiry.

Write explanatory note on Electronic Concept of oxidation and reduction.
Write note on variable oxidation states.

Discuss : Transfer of electrons occur during oxidation-reduction reaction.
Discuss the oxidation states of iron and chromium.



CHAPTER 8

OXIDES AND HYDROXIDES

The chemical facts conceming this important class of compounds have now
been correlated with electronic arrangements, the ionic sizes, the oxidation states,
electronegativity and bonding systems involved in the oxides and hydroxides of
the elements.

Compounds contzining oxygen as a constituent are most abundant and
widely distributed. Among these, oxides of elements (other than halogen and
noble metals) are by far the most important from the points of view of
chemisiry.

OXIDES

Oxides are binary compounds of oxygen and other elcments. Oxides of all
clements are known:-

The large number of oxides which are formed by various clements are sub-
divided into various classes. The classification is based upon two different
considerations :-

A. Classification based upon reactions.

B. Classification based upon their structures and bonding systems.

A. Classification of Oxides based on reactions:

(a) Basic oxides, (b) Acidic oxides (c) Amphoteric oxides, (d) Neutral oxides,
(c) Sub-oxides (f) Saline oxides (g) Nonstoichiometric oxides (h) Pemmdcs

(a) Basic oxides : This class includes the normal oxides of most metals.
They are derived from the metallic clements and their properties depend upon the
degree of electropositive character of the metal. Basic oxides form salt and water
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with acids, Basic oxides when soluble in water produce aqueous solutions of
bases. For instance , Na;0, Ca0, MgO., Fe;04 elc. are basic oxides. The ionic
oxide are generally basic. The smaller the positive charge and larger the size of
the element forming the oxide, the greater is the basic character, Thus K* forms
a strong basic oxides than Mg*?ion, Oxides of clements having low
electronegativity values are more basic than those having high electronegativity
values. Thus CaO is more basic than Al,O,

Method of Formation of Basic Oxides

(i) The alkali metals take up oxygen from the air and are converted into
oxides. The alkali metal oxides, however, are generally prepared by heating
excess of the alkali metal with oxygen in vacuo having :

heated i
Na+ O, L, Na,0 + Na

vacuo
(Excess) Excess Na removed

(ii) The alkaline earth metal oxides are generally prepared by strongly
heating their hydroxides, carbonates and nitrates, ¢.g.

CaCO4 heat

812°

(1i1) Heavy metal oxides arc gencerally prepared by heating the metal or lower
oxides in air, They are also formed by heating the hydroxides, carbonates,
nitrates eic, For instance,

CaO + CO,

heat

o+ s~ o 850
heat
Cu:o + 01 CLIO
Cu(OH)—2%2% Cu0 + H,0
2CuNOy); 224+ 2Cu0 + 4NO, + 0y
heat

CuC;04 — CuO0 + CO, + CO
Reactions :
(i) Basic oxides react with acids to form salts and water :
Na,O + 2HCI = 2NaCl + H;0
CaO + 2HCI CaCl; + H,0
FeO + H,50, = FeSO, + H,0
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(ii) Some of the basic oxides produce hydroxides with water and when
soluble they are extensively dissociated to give strong alkaline reactions :

Na,0 + HO——2NaOH __ "% | Na*+OH-
Ca0 +H,0—— Ca(OH), "9, Ca*2+20H"

(i11) Oxides of the teavy metals are decomposed to metal when heated with
carbon or hydrogen :

Fe,0,+2C = 2Fe + CO; + CO
Fe;03 + 3H; = 2 Fe+ 3H0

But the alkali and alkaline earth metal oxides do not undergo above
reactions.

(iv) Some of the oxides of less electropositive elements are easily
decomposed by heat into metal and oxygen :

heat

2Ag0 or light

4Ag+0,;

2 HgO heat , 2Hg+ 0,

(b) Acidic oxides : The acidic oxides are generally derived from non-
mectals. They react with bases to form salt and water, and sometimes only salt.
They are anhydrides of the respective acids and their hydroxides are oxyacids. For
instance, SO,, SO3, N,Os, P,0s, B;0; etc. are some of the acidic oxides.
Elements with high electronegativity values form acidic oxides.

Acidic oxidcs are also formed by metals which can exert a high oxidation
state by losing a number of electrons and thus combine with scveral oxygen
atoms. Thus CrO;, SnO,, W03, M0Os, etc. are examples of metallic acidic
oxides. Elements having both metallic and nonmetallic properties, i e.,
metalloidic elements, also produce oxides which are acidic, such as, As;Os,
Sb,04, Si0;,, etc.

Both the non-metallic and metallic acidic oxides when soluble in water are
extensively hydrolysed and produce acidic reactions.
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Reactions :
(1) The acidic oxides react with water to give the respective acids :
S0, + H;0 = H,80,
S0; + H,0 = H,S0,
N,Os + H,O0 = 2HNO,
P,Os + 3H,0 = 2H5PO,
CO, + H;0 = H,CO,
B,0; + 3H,0 = 2H;BO,
CrOy + H,0 = H,CrO,
WO; + H,0 = H;WO4
MoO; H,0 H,MoO,4
As,04 3H,0 — 2H,As0,
— H,As0,
§$b,0; + H;0 — H,Sb0y
—> H,SbOy
(ii) Acidic oxides combine with bases to form salts and water. Thus,
CO, + Ba(OH), — BaCO; + H,;0
SO, + 2NaOH — Na,50, + H,0
N,Os+ NaOH — NaNO, + H,0

(c) Amphoteric oxides : The amphoteric oxides react with both -acids
and alkalies and, therefore, exhibit both acidic and basic properties. Thus, Al,O,,
ZnO, SnO, Cr;04 etc. are examples of amphoteric oxides. These oxides are
gencrally insoluble in water and dissolve rcadily in an acid or a base,

+

+

Reactions :
(i) With acids these form salt and water. Thus,
ALO; + 6HCI = 2AICl; +3 H,0
ZnO + 2HCI = ZnCl; + H,0
SnO + 2HCI = SnCl; + H,0
Cr;0, + 6HCl = 2CiCl; + 3H,0

I
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(ii) The same oxides react with alkalis to give salt and water. Thus,
AlL,O; + 2NaOH 2NaAlO; + H,0
ZnO + 2NaOH Na,ZnO, + H,0
SnO + 2NaOH Na,Sn0, + H,0O
Cr,0; + 2NaCOH 2NaCrO; + H,0

1]

(d) Neutral oxides : The neutral oxides combine neither with acids nor
with bases 1o form salts. They do not give acidic or basic reactions. Thus, H,0,
CO, N0, NO ctc. are examples of neutral oxides.

(e) Sub-oxides : The sub-oxides or protoxides generally contain less

number of oxygen atoms than what is actually required for the formation of
normal oxides. Thus, Pb,0, Ags0, CuO, Pd,0 etc. are examples of sub-oxides.

(N Saline oxides : The saline oxides are so called because they behave
like salts. These are also known as compound oxides and mixed oxides since
these may be assumed to be a combination of more than one oxide. Thus,
Au,0,, Fe;0;, Pb;0,, Mn;0,, NO, etc. are examples of saline oxides. They are

generally formed by combination of a basic oxide with an acidic oxide. Ferroso-
ferric oxide, Fe;0,, may be considered as a combination of FeO and Fe;04, and

with acids it gives salts of both ferrous and ferric ions. Mixed-metal oxides arc
known as spinels having special types of crystal structures.

Similarly, red lead, Pb;Oq, is composed of PbO and PbO; and Mn;0,, is
composed of MnO and MnO,. NO, is a mixed anhydride of N;O3 and N,Os.
These combinations may be represented as follows :

Au,0, 2Au0
Fe;04 = FeO.Fe,04 0r Fe Fe,04
Pb;0, = 2PbOPbO, or PbPb,O4
Mn,O, = 2MnO.MnO, or MnO.Mn,0; or MnMn,0,
4NO, = N;O3N,0s

(g) Nonstoichiometric oxides : There are also many oxides which are
known as nonstoichiometric oxides. These are generally formed by metals
having variable oxidation states. Thus ferrous oxide probably never has the
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composition FecO, but usually something in the range FeOpg to FeOyg s
depending on the manner of preparation.

(h) Peroxides : These are oxides which contain more oxygen combined
1o an e¢lement than what is necessary for its highest oxides according to the
periodic law. In terms of the oxidation states of oxygen, peroxides contain
oxygen in - 'Eand -1 oxidation states. The most common oxidation sate of

oxygen in normal oxides is-2. Exceptions arc O,F; and OF;.
Classification of Peroxides Based on Reactions

Peroxides have been classified into the following groups on the basis of
their reactions :—

(1) Basic Peroxides.
(IT) Acidic Peroxidcs.
(1II) Neutral Pcroxides.

(I) Basic Peroxides : The basic peroxides when soluble in water produce
hases. Na;0,, KO, Ca0,, BaO, are examples of water-soluble basic peroxides.

PbO;,, Bi,0s, MnO, clc. are, however, not true basic peroxides, because the
oxygen content docs not exceed that of the normal typical oxides. But these are

classified as basic peroxides, because these react with acids 1o produce salts of the
basic oxides of PbQ, Bi,O5 and MnO respectively.

Reactions :

(i) Basic peroxides react with water o form hydrogen peroxides or oxygen in
addition to bases :

Na;0; + 2 H;O0 = 2 NaOH + H,0,
2 Nag0Op+2H20 = 4NaOH+ Oz

(i) With sulphuric acid these peroxides always give oxygen :
2 MnO, + 2 H;SO04 = 2 MnSO,4 + 2 H,0 + O,

(iii) With hydrochloric acid, chlorine is always evolved :
BaO, + 4 HC BaCl; + 2H,0 + Cl
MnO, + 4HClI = MnCl, + 2H,0 + Cl
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Chlorine evolved is equivalent to the excess amount of oxygen present in the
basic oxides. This amount of oxygen is generally known as the “available
oxygen" of the peroxides.

(iv) The basic peroxides form salts by direct union with acidic oxides :
N3O, + SO, Na,S0,
PbO;, + SO, PbSO,

(I) Acidic Peroxides : The acidic peroxides gencrally produce typical
acids in prescnce of water by loss of oxygen. CrOy, S,0;, CL,0;, Sn0;, CL,0,,
CIO,, UOy etc. are examples of acidic peroxides.

Reactions :
(1) With water the acidic peroxides react to form normal acids with the
evolution of oxygen :
2SECH‘+4 HzC’ 4H2$Ch'?€h
ZEHCh-rZ}LJ) = 2Ph(hfh-+Ch

(i1) With sulphuric acid oxygen is evolved :
2 CrO4 + 3H;804—— Cry(S04)3 + 3 H,0 + 0y
(iii) Acidic peroxides form salts with alkali oxides with the evolution of
OXygen :
CrOy + NajO —— Na,CrO, + 0,
5;Q7 + NayO—— Na,SO4 + O,

(11I) Neutral Peroxides : As the name implies, it is neutral and has
ncither basic nor acidic characteristics. A well-known example is H,0,.

Classification of Peroxides Based Upon Structures

The classification of peroxides on a structural ground depends upon the
oxidation state of the elements combining with oxygen, It has been assumed that
the oxygen atom or aloms over and above those required to form the normal
oxide may either be doubly linked to the metal atom or singly linked to both the
metal and oxygen atom.
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(i) The peroxides having the cxcess oxygen atom or atoms doubly linked to
metal atom are known as "polyoxides”.

0=Pb=0  O=Mn=0

(ii) The peroxides having the excess oxygen atom or atoms singly linked to
the metal and oxygen, forming a chain or ring are "normal peroxides”. These
contain oxygen in —1 oxidation state.

0

I 0

0
(Na,0,) (5,07 (BaQ,)

The dircet oxygen-oxygen bonds in normal peroxides usually break down at
high temperatures. Mostly clectropositive metals form peroxides having 0,72

ion which contains no unpaired clectrons.

(iii) Oxides of alkali metals, such as K, Rb and Cs, contain oxygen with
oxidation number -é and are called superoxides. These have the general formula
MO, (KO,, RbO,; CsO,). These are ionic solids having M* cation and O,7,
anion. These are coloured solids having magnetic propertics and contain unpaircd
clectrons. Tt is to be noted that supcroxide ion, O;~, exists only in the solid
state but gives O, and H,0; in water :

2KO, + 2H;,0 = Oy + H;0, + 2ZKOH

Polyoxides, peroxides and superoxides can be distinguished from one another
by the actions of water or dilute acids upon them.

(i) Peroxides have group —O—O— and hence yicld H,0, as a characieristic
product with water or dilute acid :
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Na—?) HCI H—0
+ —_ | + 2 NaCI
N,—O - Hcl H—O
0 H\\ H—o0
B< ot /0 G | + B
0 H H—O

Superoxides produce H,0, and also O, gas with water :
2 RbO; + 2H,0 = 0+ H,0 + 2RbOH

(iii) Polyoxides are not attacked by dilute acids and not at all by water. but
with strong HCI or H,SO, produce chlorine and oxygen respeclively :

2 0=Mn=0 + 2H;S0; ——— 2 MnSO, + 2H,0 + 0,
20=Mn=0 + 8HCl ——— 2 MnCl, + 2Cl, + 4H,0
(iv) Both peroxides and superoxides also produce chlorine or oxygen when
acted upon by strong HCl or H,SO, but by a different mechanism -

BaO, + H,S0O, = BaSO, + H,0,
2H,0, = 2H,0+ O,

BaO, + 2HCI = BaCl, + H,0,
H0, = H,0+0

2HCI+0 = H0+Cl

The distinguishing reactions of polyoxides, peroxides and supcroxides are
given in Table 81,

Table 8-1. Distinction between Peroxides, Polyoxides and
Superoxides.

Reagenis Peroxides  Superoxides Polyoxides ~ Normal
oxide
02—2 ()2-! ()2—2 $ 02
1. Water Hy0, Hy0; + O, No reaction OH-
2. Dil Acids H;0, HyOp + O, No reaction
3. Conc. HCI Cl, Cly+ 0y Cly
4. Conc. H,S0, 0, (0% 0,




OXIDES AND HYDROXIDES 225

B. Classification of Oxides on the Basis of Bonding Systems

There are three classes of oxides on the basis of the nature of chemical
bonds.

(1) lonic Oxides (11) Covalent Oxides (i11) Intermediate Oxides
eg. Li,O e.g. S0, e.g. Fey04
BaO CO, Zn0
MgO co BcO
Ca0 CLO,

The ionic oxides arc gencrally formed by the alkali and alkaline earth metals.

The covalent oxides are mostly formed by the the non-metals.

The transition metals and many other heavy metals form oxides containing
bonds which are conveniently regarded as being intermediate between ionic and
covalent bonds.

The ionic oxides when soluble in water give bases due to dissociation into
ions. Whercas the covalent oxides of the non-metals are usually acidic,
dissolving in water 10 produce solutions of acids. These oxides are, therclore,
known as acid anhydrides. The ionic oxides function as basic anhydrides. Many
of the intermediate oxides do not react appreciably with water and some of them
show characteristic of both acids and bases generally known as ampholteric,

Elements having large positive oxidation number tend to form covaler!
oxides. Thus, CO,, SO3, Sb,05, C1,0; are some of the covalent oxides.
If an element forms more than one oxides the covalent oxide will be that having
the elcment in the highest oxidation state. Thus, As;Os having +5 arsenic is
more covalent (more acidic) than As;0 containing +3 arsenic. SO; having S in
+6 state is more acidic than SO, having S in +4 state. Similarly, CrO; is acidic,
Cr,05 amphoteric and CrO distinctly basic. Covalency is also favoured by the
small size of the positive ion. Hence, BeO is almost covalent oxide as compared
to the strongly basic BaO containing large barium ion.

—15
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HYDROXIDES

Hydroxides are compounds of oxides with water. Thus, the following
examples illustrate the formation of hydroxides of an element by the
combination of its oxides with water :

OH
H 4
MO | — M or  M(OH),
OH e J
OH
OH
H 7
Mzo £ | — Mz\ or 2 MOH
OH OH

The stability and definiteness of the hydroxides depend upon the reversibility
of the above reactions. Definite and stable hydroxides are formed by those
clements which are most clectropositive and most clectronegative, These can be
isolated in the free state and have great stability when heated,

The hydroxides or hydroxy compounds are important class of compounds
containing hydrogen, oxygen and at least one other element. They can often be
made by the reaction of watcr with an oxide. Thus, when calcium oxide, CaO, is
treated with a limited amount of water, the product is solid calcium hydroxide,

Ca (OH), :

H / OH
2

H OH

CaO + 0<

Solutions of sodium hydroxide, NaOH, and calcium hydroxide are alkaline,
but not all hydroxy compounds are alkaline and also not all of them are soluble
in water. Some of the hydroxides, such as water, HOH, ethyl alcohol, C;H;OH,
are neutral and again a large number of them such as sulphuric acid, SO,(OH),,
phosphoric acid, PO(OH), and boric acid, B(OH),, are acidic. It has become
customary to use the term hydroxide 1o hydroxy compounds which give basic
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solutions or contain the hydroxly group as OH- ion. The ionic oxides which
react with water generally produce bases whereas the covalent oxides give acids.

In general, if the hydroxyl group exists in a compound as the OH- ion, the
compound is called a hydroxide. The hydroxides may be classified into various
groups. The main groups of hydroxides are :—

1. Basic Hydroxides.

II. Amphoteric Hydroxides.
I1L. Acidic Hydroxides.

IV. Neutral Hydroxides.

I. Basic Hydroxides

Basic hydroxides are gencrally formed by metallic elements and the degree of
electropositive character of the metal determines the basic properties and also the
solubility of the basic hydroxides. Thus the alkali metal hydroxides are strongly
basic and highly soluble in water and give high concentration of OH~ ions in
solution. The alkaline earth metal hydroxides are less basic and less soluble in
water as compared to the alkali metal hydroxides. The heavy metal hydroxides
which are mostly insoluble in water arc regarded as basic because they have the
ability to react with acids to form salts and water. The relationship of the
propertics with the charge and size of the metal ions will be discussed latter.
Thus, according to the properties, the basic hydroxides may be subdivided into
three troups :—

(a) alkali metal hydroxides.

(b) Alkaline earth metal hydroxides.

(c) Heavy metal hydroxides.

The mode of formation of these three groups of basic hydroxides also
illustrates the diffcrence in their properties.

(a) Alkali metal hydroxides : (i) When an alkali metal comes in
contact with water, there is a violent reaction, in course of which the alkali
‘metal hydroxide is formed with evolution of hydrogen from water. The hydrogen
burns in air with a flame indicating as if the alkali metal is burning in water.

violent
reaction

2M + 2 HOH 2MOH+H,
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(ii) When an alkali metal salt solution in water is electrolysed, the alkali
metal is liberated at the cathode and reacts with water forming the hydroxides.

(iii) The alkali metal oxides are freely soluble in water. to form alkali metal
hydroxides in solution.

(iv) The alkali metal hydroxides are not converted to their oxides on strong
heating.

(b) The alkaline earth metal hydroxides : (i) The reaction between
water and the alkaline earth metal is not as violent as in the case of the alkali
metals. As expected, the reactivity with water increases in the group with
increasing atomic number. Lithium, an alkali metal, in this respect rescmbles
magnesium as already explained in connection with the diagonal relationship in
the Periodic Table.

OH
slow o

(ii) The alkaline earth metal hydroxides are also formed by precipitation
from their salt solutions by adding alkali hydroxides. Thus,

MgCl, + 2NaOH = Mg(OH), + 2 NaCl

(iii) The alkaline earth metal hydroxides are also formed by dircct reaction of
their oxides with water. thus,

Ca0 + H0 = Ca(OH),

(iv) Unlike alkali mctal hydroxides, the alkaline earth metal hydroxides are
converted to their oxides on strong heating by loss of water. Thus,

-H
Ca(OH), =22 Ca0
Ba(OH), =30 5.0
(c) The heavy metal hydroxides : (i) The hydroxides of copper,
nickel, iron cobalt etc. are included in this sub-group. The formations of these

hydroxides do not take place with the direct reaction of the heavy metal, or their
oxides with water. These hydroxides are best prepared by the addition of a soluble
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alkali hydroxide to the heavy metal salt solutions in water. The heavy melal
hydroxides are precipitated in the form of insoluble product :

FeCly + 3 NH,OH = Fe(OH), + 3 NH,CI
CuSO, + 2 NaOH = Cu(OH), + Na,SO,
(i1) Since the heavy metal hydroxides are generally insoluble in watcr, their

basic character is revealed by their dissolution in acids indicating neutralization
reaction forming salts and water. Thus,

FC(OH)S +3 HCl = FC'C13 +3 Hgo

(iii) The heavy metal hydroxides are casily converted to their oxides by
heating when water is lost. Thus,

Ni(OH), =22, NiO

It may be mentioned here that the results of the dehydration of a heavy metal
hydroxide may produce intermediate products which may be described as
oxyhydroxides. Some of these oxyhydroxides are formed during the direct
reaction and no heating is required. However, on strong heating these
oxyhydroxides also give the metallic oxides. Thus,

Partial
Fo(OH): 5oy dration  FeO.OH

it heating
Fe(OH), ——3-i—— FcO.OH - Fe,04

Water vapour . g.00H
or normal rusting Lepidocrocite

Similarly, MnO.OH, AlO.OH elc. are formed by partial dehydration of the
normal hydroxides.

Il. Amphoteric Hydroxides

In conformity with the definition of amphoteric oxides, the amphoteric
hydroxides may be defined in a similar fashion since the latter are derived from
the former. It is not possible to classify all hydroxides sharply as either basic or
acidic. The hydroxides of those clements situated in the centre of the Periodic
Table are amphoteric.
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Amphoteric h)rdrbx ides are those which are able to neutralize both acids and
bases and hence possess both acidic and basic characters.

For instance, Be(OH),, Al(OH);, Zn(OH),, Pb(OH), etc. are amphoteric
hydroxides and act both as acids or bases and hence are soluble in either strongly
basic or strongly acidic solutions.

The acidic hydroxides generally give H* ions in solution and basic
hydroxides produce OH~ ions as the case may be. Thus in the case of Zn(OH),,

we have,
Zn(OH); — Zn*2+ 2 OH" (basic)
Zn(OH)y, ——— Zn0;~2 + 2H* (acidic)

Hence, such hydroxides are soluble in acids, as in HCI and also in alkali, e.g.
NaOH :

Zn(OH), + 2HCI = ZnCl; + 2H,0
Zn(OH), + 2NaOH = NayZnO, + 2H,0
A more precise equation showing the amphoteric behaviour of AI(OH); may be

given as follows :—

Al(OH); (H;0); + OH- = Al (H;0), (OH);~ + H,0 .. (1)

——

AI(OH); (H,0); + H;0t = Al (H,0), (OH);* + H,0 .. ()

In equation (1), a proton is transferred from Al(OH); (H,O); to OH™. In
equation (2), a proton is transferred from H;O* to Al (OH); (H;0).

Similarly, for other ampholeric hydroxides the replacement of the
surrounding groups of the metal as shown in the case of Al may be used to show
the amphoteric character,

III. Acidic Hydroxides (Hydroxy Acids)

Both the metals and non-metals can form acidic hydroxides and definition
follows the same pattern as that of the acidic oxides. But the acidic hydroxides of
the non-metals are more important since they behave as strong acids.
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—

* The acidic hydroxides are those which react with base to neutralize it
QV producing salt and water :

g I01-[ ?H on

o 02? OlP—OH O,N—OH l|3—OH

= OH OH OH

Dl @S0y (PO,  (INGy)  (HBOy)

o From the above examples, we can derive a definition for the basicity of an

acid.

Basicity of an acid is the number of OH groups combined with an element
and capable of producing H* ions. The basicity of the acids have been given in

Table 8-2.
Table 8.2. Basicity of some acids.

Acid Hydroxide form Basicity
H,50, SO,(0H), 2
HyPO, POOH) 3
HNO, NO,(OH) 1
H3BOy B(OH) 3

V'HySOy SO(OH), 2
HCIO, CIO4(OH) 1
HMnO;4 MnO4(OH) 1
H3AsO, AsO(OH), 3
H3AsO, As(OH)3 3
HyPO, POH(OH), %
HyPO, POH,(OH) 1
CH3COOH CH4CO(OH) 1
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Thus the acidic hydroxides contain one or more OH groups which are
capable of producing H* ions by rupture of the O—H bond. The hydroxy acids
are classified as ortho, meta- and pyro- acids on the basis of the OH groups and
their elimination during condensation reaction.

.

Ortho-acids : Theoretically the fully hydroxylated compounds from the

valence considerations are generally known as ortho-acids. Thus,

i T

'lB-—OH HO—S| i—OH

OH OH
Orthoboric acid Orthosilicic acid

But in many cases the theoretical hydroxylated compounds are not formed or
do not exist. The formula for the true orthocompounds may be writien but these
refer to only hypothetical compounds. Thus, ortho-phosphoric acid should be

formed by the hydroxylation of P,Os where all the 5 oxygen is replaced by OH :
P}Os -> P)_(OH)H) or P(OH)s
Hypothetical ortho-phosphoric acid

But P(OH); does not exist. Hence the compounds which contain the maximum

number of OH groups in actual practice are generally referred to as ortho-acids.
For instance,

i ;
0=P—OH 0 =ls—0H
[
OH oH
Ortho-phosphoric acid Ortho-sulphuric acid

Meta-acids : The meta-acids result from the ortho-acids. When water

molecule is eliminated from one molecule of the ortho—compound, the product
obtained is called a meta-acid. Thus,

OP(OHs) —HO ., 0pOH) o HPO,

Ortho-phosphoric acid Meta-phosphoric acid

3



OXIDES AND HYDROXIDES 233

-H,0

B(OH); —_—t OB(OH) or HBO,
Orthoboric acid Metaboric aad
. -H,0 . .
Si(OH), —— OSi(OH), or H,Si0,
Orthosilicic acid Metasilicic acid

The meta-acids may also be derived from the hypothetical hydroxylated ortho-
acids. Some of these compounds may give a serics of meta-acids which may or
may not exist. Thus fully hydroxylated ortho-acid of the compounds Cl,0; may
be formulated as given below. Thus, by elimination of one molecule of H,0
successively, gives rise (0 1st-, 2nd-and 3rd meta-chloric acids.

-H,0
CI(OH), — OCI(OH)s
Hypothetical orthochloric acid l 1st meta-
-H;0
0;CI(OH) — —2= 0,CI(OH),
3rd meta-(Perchloric acid) 2nd meta-

Pyro-acids : Pyro-acids are formed when two or more molecules of the
true ortho-or any intermediate form or meta-acids combine together with the
elimination of water molecule. The pym-acids'are formed by condensation
reaction and the compounds formed are also known as condensed products. Thus,
two molecules of orthophosphoric acid may combine by elimination of 1
molecule of H,0 to form pyrophosphoric acid.

- H,0 . .
OP(OH); + OP(OH); ——=2=— O,P,OH), or  H,P,0,
Orthophosphoric acid (twoe molecules) Pyrophosphoric acid
-5H,0
4 B(OH); ——  OsB4OH),
4 molecules Df‘,‘ijOJ or H1B407

Pyroboric acid H,B40;
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0] 0
] : ]

HO— S—OH HQ— S— OH
I I

(0] 0
0] ¢ 0
I Il
HO— S =0 S— OH
1 I
8] 0
*  pyrosulphuric acid or H35,0

1V. Neutral Hydroxides

These hydroxides do not ordinarily show acidic or basic behaviour, and
neither form H* or OH- ions, although both the groups may be present in the
molecular structures. The organic hydroxy compounds, Such as alcohols like
CH;0H, C,HsOH etc. have OH group which does not give H* or OH- ions and
hence are neutral. Similarly, water. HOH, is neutral.

Acidic and Basic Character of Hydroxides

It may generally be concluded that an OH group present in an acid, ionizes
to form a H* ion. But an OH group present in a metal hydroxide produces an
OH- ion. This necessarily implies that a hydroxy compound or hydroxide having
the general formula MOH, behaves as an acid or as a base or as ncutral according
to the nature of the bonding in OH group. If the OH bond is ruptured or under-
goes a cleavage in such a manner as to produce H* ion, the compound is an acid;
and if the cleavage occurs to give OH- ion, the compound is a base. A hydroxy
compound MOH may undergo cleavage as in (1) or (II).

=
o
=
=
o
m

3
8
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Thus in (I) the rupture takes place so that the electron pair is retained by the
oxygen atom and the ions M* and OH~ are formed. This clecavage gives a base.
In (II), the electron pair is retained by the oxygen atom together with the element
M, forming an MO~ ion and H* ion. This cleavage gives an acid. If the bond is
such that no cleavage of the above type occurs, the hydroxide will behave as a
neutral substance. If M has very low electronegativity, the electrons are shifted
towards oxygen and away from M. Thus NaOH gives Na* and OH- ions

Mo S O°H —— Nat+ ¢ O Base

LI L

But if M is a highly electronegative non-metal, such as Cl, the electrons are
pulled towards the Cl, away from H. Withdrawal of electron from H to O and
finally the increase of electron density towards M, will leave H to be ionized as
H* ion and MO group as negative MO~ ion. Such substances act as acid.

H,50,having the electronic structure shown below behaves as an acid
because of the shifting of electron density away from H atoms for the same
reason :

: i =2
10y 10"
I IR T o1 HH

The general equation of the dissociation of a hydroxide may thus be represented
by the following equations :

M(OH) — M* + (OH) base

M(OH) ——— MO~ + H* acid
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or generally,
M(OH), == M** + n(OH)™ and M(OH)» = MO,™ + nH* The two ways
in which hydroxides may react with HO are as follows :
. H Ht
M—O—:H + o{ﬂ — M0 +H-0{ uid
; H

; B 0
M—ED-—I-{+ H/O—" H/O—M + OH™ base

If M—O bond is almost covalent, then O—H bond in the hydroxide is broken
giving H* (H40*) ion and hence acidic. If M—O bond is ionic, water tends 10
attack M, displacing the OH- ion and giving basic reaction with the formation of
hydrated ion [M—H,0]*. It may also be mentioned that those cations that
become attached to the oxygen of H,0, break the O—H bond releasing H* ion
and are thus acidic. The anions that attack the H of H;0, dislodge the OH™ ion
and are basic. Thus Hg*2, Cu*2 are acidic; C;72, NH,~ and S-2 are basic. These
reactions are known as "hydrolysis” 10 which reference has already been made
earlier.

The hydroxyl compounds of metals, which have various oxidation states,
become less basic and more acidic as the oxidation state is increased. For
instance, the hydroxides of manganese exhibit marked difference in acid-base
behaviour as shown in Table 8.3.

Table 8.3. Acid-base character of hydroxides and oxidation
states of Mn,

Cfmpound Hydroxide formulation Oxidation state Character
Mn(OH), Mn(OH), ] Mn(+2) moderately basic
Mn(OH) Mn(OH) Mn(+3) Weakly basic
HoMnO4 MnO(OH), Mn(+4) Weakly acidic
HyMrO4 MnQ,(OH), Mn(+6) Definitely acidic
HMnO, MnO,(OH) Mn(+7) Strongly acidic
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Manganese in its +2 state behaves as a typical metal giving the basic

hydroxide Mn(OH),. But in permanganic acid Mn has oxidation state +7 and
shows a non-metallic character analogous to chlorine In HCIO,. This may be
viewed from the positions of both Mn and Cl in the Periodic Table since both
occupy group VII, although Mn is a transition element. The high charge of Mn
(+7) strongly attracts electrons. The O—H bonds in H,0 become very weak and
protons are split off to leave the oxygen associated with Mn. Thus HMnO4
behaves as a strong acid in water.

1

%~

10.
11.

12
13.

Questions and Problems

What are the different classes of oxides ? Discuss their properties and reactions.
Why is Mg(OH), formed when magnesium reacts with water whereas MgO is
produced when il burns in steam?

Arrange the following oxides in the order of increasing acidity:—

As;,03, B0, BaO, BeO, FeO, N,Os, P10y, P,0;, CL05.

Write an equation showing that H30; is an acid.

Distinguish between dioxides and peroxides in terms of electronic structures.

How will you classify peroxides on the basis of their reactions and on the basis
of their structures? Illustrate your answer with examples.

What are peroxides, superoxides and polyoxides? How will you distinguish
them from one another?

What is meant by the basicity of an acid? Give examples.

Define with examples ortho-, meta- and pyro-acids. Discuss the modes of
formation of meta-acid and pyro-acid from ortho-acids.

Discuss the amphoteric character of hydroxides.

What is the relationship between the oxidation states and the acidic and basic
character of metal hydroxides?

How will you classify the oxides in terms of bonding systems? Give examples.
Predict the product in the following reactions:—

(a) A few drops of hot water are added to solid sodium peroxide.

(b) Sodium peroxide is dissolved in excess cold water.

(c) Potassium superoxide and manganese dioxide are added to dilute H,SO,.
(d) SO; is added to H,0,.

(e) SO; gas is passed over CaO.
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14.
15.

16.
17.
18.
19.
20.
21

22.

23;
24,
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Explain peroxides with examples.

Describe the preparation. properties and uses of sulphur trioxide, nitrogen
letroxide.

How is orthophosphoric acid converted to other phosphoric acids?
Write the acidic and basic characters of oxides.

Write a note on modem views of acids and bases.

Explain why H,0 is neutral, HOCI is acidic and NaOH is alkaline.

What are amphoteric oxides?

Classify the following as acidic, basic, amphoteric or neutral oxides :—
SO, C,;04, PO, BeO, CO,

Comment on the acidic and basic character of the following oxides :—
MnO, MnO,, Mn;04, Mn;04, MnyO,

Non-metal oxides create air pollution problems. Explain the reasons.

How would you distinguish between peroxides and super oxides ? Give examples
of their reactions.



CHAPTER 9
ACIDS AND BASES

The acids and bases are among the most important classes of compounds and
these two classes of substances are, in effect, opposite to cach other and yet
interrelated through neutralization reactions forming salts which, therefore,
become closely related to acids and bases. It may be mentioned that the terms
acids and bases have been defined in many ways according to various concepts. In
this chapter a brief review of some of the elementary concepts regarding acids and
bases are given.

1. The Arrhenius Concept

According to Arrhenius concept an acid is a hydrogen-containing substance
which yields H* ion (i.e., H;O", hydronium ion) when dissolved in water.

Base is a substance which contains OH groups and produces OH™ ion when
dissolved in water.

Arrhenius concept is based upon ionic dissociation of compound in water.
Thus HCl is an acid because it produces H3;O" ion in water but CH, is not an
acid. Similarly, NaOH is a base because it yields OH™ ion in water but C;H;OH
is not a base. CH, does not yicld H* ion in watcr, so also C;HsOH docs not
give OH™ ion in water :

HCl + H,0—— H;0' + CI
NaOH + H,0—— Na* + OH
The strengths of acids and bascs according to the Arrhenius concept are

defined in terms of the concentrations of H* ion and OH™ ion respectively that
are present in aqueous solution.

The process of neutralization is, therefore, considered 1o be the combination
of H* ions and OH™ ions to form neutral water :

H* + OH—— H0
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The above definitions for acids, bases and acid-base reactions have been
extended 1o apply o more general cases by several new concepts.

2. The Protonic or Brinsted Cunceﬁl
According to Bronsted concept, also known as Bronsted-Lowry concept, the

following definitions for acids and bases have becn adopted as a modification of
the Arrhenius concept.

An acidis a subsiance that can give up protons to another species.
A base is a substance that can accept protons.

Stated more simply, an acid is a proton donor, while a base is a proton
acceplor.

It can be scen that the Bronsted concept does not specify a solvent. Acids
and bascs arc related by the general equation :

HB—— H* + B-
acid proton base

Generally, it may be written as
Acid = Base + Proton

For instance, when ammonia in dissolved in water, the rcactiot)
HO + NHy = NH,' + OH-

takes place. Here H,O gives up the proton and is an acid and NH; accepts the
proton and is, therefore, a base. Similarly, the reverse reaction indicates NH4* as
an acid and OH™ as a base. Thus in the above reaction, two acids and two bases
are involved at equilibrium conditions. The acid-base pair associated with the
loss or gain of proton is called a Conjugate Pair. Thus, NH,* is the conjugate
acid of the base NH; and H;0 is the conjugate acid of base OH- and vice versa.
The general equation for the equilibrium reaction may be written as

Acid; + Base, == Acid, + Base

Thus, in order that an acid acts as a proton donor, a proton acceptor must be
present 1o receive it. The ions which remain after protons have been donated
from the acid molecule are the Conjugate bases of the respective acid. Similarly,
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the specics formed when a proton is added to a base is the Conjugate acid of that
base. -

. o
HCl + H;0 ——— H;0+ + CI7
acid base acid base

H*
7 N
Also, HiO+ + CI™ — HCl + HyO
acid base acid base

Some of the acid-base sysiems according to the Bronsted concept are given
below :

Acid, Base, Acid, Base,
HCl + NH; —— NH; + cr
NH, + OH- —— H,0 +  NH,
H0* + OH —— H;0 - H,;0
HO + NH; —— NH; + OH-
HSO,” + OH — H)0 + SO

Thus, CI, SO, %, OH- are conjugate bases of HCl, HSO,™ and H,0
respectively. H;O, HSO, and HCI are conjugate acids of the bases OH-, SO,z
and CI” respectively.

Thus, the following species may be regarded as acids :—

Molecular species :  HCI, H,SO,, CH;COOH, HCN, H,S, H;0 elc.
Anionic species :  HSO,~, HCO,™, H,PO,~, HPO,, HS™ etc.
Cationic species :  H;0*, NHy*, Al(H,0)*"? etc.
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The following specics are regarded as bascs :—

Molecular specics @ H,0, NH3, CH3NH; clc.
Anionic species  :  OH~, HS™, 7%, HCO,™, HSO,~, CI” cic.
Cationic species Fe(H,0)sOH*2, Cu(H,0);0H* etc.

From the above examples of acids and bases, it is secn that certain species
are classed as both acids and bases depending upon the manner they behave in a
given reaction,

Amphiprotic species : A species that acts both as a proton donor and proton
acceptor is said to be amphiprotic.

Thus, H,;O is amphiprotic. It loses proton to a base, such as NH,, or

accepts a proton from an acid, such as HCl :

O+ - NH; amesy - REE R GH

acid base i

HO s B0 =——s 0O &
base acid

Hence neutralization reactions according to Bronsted concept ars acid-base
reactions between the conjugate acid and conjugate base of an amphiprotic
solvent.

The proton-containing negative ions are amphiprotic;

HS- + OH —— §7? + HO

acid * base
HS™ + H;00 —— H,8 + HO
base acid

The conjugate base and acid relationship may be shown as :
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-H* e OH~ Conjugate base of water
H,0

+H*  H,0* Conjugate acid of water

- H* /) CO5~? Conjugate base of HCO;~
HCO47,
W
+H*  H,CO5 Conjugatc acid of HCO;~
Amphoteric hydroxides react with both acids and bascs because they are
generally amphiprotic :
[AI(H,0); (OH);] + OH™ —— [AI(H,0),(0H),]~ + H,0

acid base
[AI(H,0);(OH);]  + H,0* ——  [Al(H0),(OH))* + H;0
base acid

According to Bronsted concept a solution of NaCl in H;O is neutral, since
Na* and CI™ do not exhibit any tendency 1o gain proton in H,O which is the
solvent and in which NaCl is not hydrolysed. But aqueous solutions of AlCl,,
ZnCl, and FeCl, etc, show acidic reactions because the cations are hydrated and
hydrolysed. Thus, Al*? ion is hydrated [Al(H,0)g]*? and hydrolysed as indicated
above. [Al(H;0)]*? is an acid and donates a proton to H;0, which acts as a
base. The enhanced proton releasing tendency of Al*? ion is due to the co-
ordination of H,O to Al*? in which the electrons are shified towards the positi-

H
AI+3 YL . O<
H

vely charged Al'3, thereby weakening the O—H bond. H* ion is thus released
casily. Generally, small ions with high positive charge become hydrated in
aqueous solution and act as Bronsted Acids. Na*, K* cic. which are of large size
and small charge do not show this character,

Polyprotic acid ; Acids containing one proton which can be donated is
menoprotic acid. Those acids containing more than one donatable proton are
known as polyprotic acids. Thus HCl, HNO,, HCN elc. are monoprotic, whereas
H3PO,, H,504, H3As0, are polyprotic.
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Non-aqueous system : Non-aqueous solutions also lose or gain proton
and fit into the Bronsted concept of acids and bases. Thus when water is
dissolved in liquid ammonia :

H,0 +# NHy —— NH," + OH
acid base

When perchloric acid is dissolved in concentrated H,SO;, acid-base reaction
occurs :

HCIO, + H,S0, —— H,SO," + ClOo—~,
acid base

When concentrated H,SO, is dissolved in glacial acetic acid, we have again
acid-base reaction :

H:SO.; + CH;COOH = HSOs + CH;COOH,*
acid base

3. The Lewis Concept

G. N, Lewis has proposed a more generalized theory in which acids and
bases have been defined on the basis of electronic structures.

An acid is a substance (molecules or ions) which can accept a pair of
electrons.

A base is a substance (molecules or ions) which can donate a pair- of
electrons.

An acid-base reaction, therefore, consists of the donation of a pair of
electrons from a base to an acid with the formation of a coordinate bond between
the two. °

H H +
I I \
H* + *N—H — H—N—H coordination
I |
H H

H*+ t OH = H,0 coordination
A +:!B— A:B coordinated bond

acid base

From the electronic configurations, different types of Lewis acids may be
distinguished.



ACIDS AND BASES 245

(i) Compounds having less than a full octet of clectrons, e.g., BF; and
S04

F
F: B:F Oigror —— B
F F -
sFEE % Bf —3 F: Bs F
F F
base acid
(0] 0 -2
Ca?30r2 + § t0 —Ca2| 01§20
~— LA ba
base S:id

(it) Positive ions are often considered as acids :

Ag* + 2°NH; —— [Ag (INHy),]*

acid base
Co*? + 6NH;——— [Co (°NH;)¢]*?
" acid base

(iii) Metal atoms, such as Ni, function as an acid in the formation of
nickel carbonyl :

Ni+4 °CO—> Ni(CO),

(iv) Compounds having double or ‘multiple bonds (except C=C double
bond). These have acidic sites :

0=C=0 +[: o H]_—>O=C=O
(acid) (base) [HO]

—_ O:C{;
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-2
$0,+ 02— [0? o]
(v) Compounds having the central atom capable of expanding its valence
shell are Lewis acids :
SnCl;, + 2CIF —  [SnCl)2
SiF, + 2FF — [SiFJ?

PCls + ClI-— [PCl¢]~

Since Lewis acids draw electron towards it, they are known as "electrophilic
(electron loving) reagents.

Lewis bases can also be grouped as follows :—

(i) Molecules containing an atom with two or less number of unshared
clectron-pairs. Thus the number of unshared electron-pairs in Ne, HF, H,0,
NHj, PCl, etc. determines the properties and the reactions.

Atomor  Electronic No. of paired Reaction Example
molecule  structure electrons
(lone pairs)

Ne tNet 4 Non-basic X

so Very weakly HF +880,
HF Hs .F.: 3 basic = HF 1 SO,
H,0 H—? : 2 basic H,0 s H*

H /

H

| N
NH;, H—N: 1 Strougly H,;N3 BF;

basi:

I -2




Cl
Gp = . %
Cl

base
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Base strength decreases in the series :

CH;3 N > H3N > F;N— Electron with charge capacity diffcrent.

Acid strength decreases in the series

BBr; > BCl; > BF; — because of greater resonance stabilization.

(i1) Negative ions are Lewis bases

*Cl; +
b;'se
H © &

base

H,0* — HCl + H,0
acid
+ H,0*
acid

—— Hzo + Hzo

(iii) Compounds containing C=C double bonds also act as Lewis bases. High
solubility of AgClOy in benzene is considered as an acid-base reaction on the
basis of Lewis concept. Interactions of —C=C— with BF;, AlBr, elc. also
represent-acid-base reactions. Ag* ion with hydrocarbon gives "n-complex”.
Interactions of AICl; and BF; with —C = C— also result in the formation of

"n-complexes”.
|
o o
Agt + |
2 —C
|
acid base

AlCl; + CI” ——— [AICI]™

acid

—_—

o | =
I:
ﬁ:__

d
N

Ag

base
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Lewis bases supply electron pair 1o a nucleus and are "nucleophilic (nucleus
loving) rcagents”.

4. The Lux-Flood Concept

Protonic concept of Bronsted cannot be applied to systems having no proton
particularly in the case of oxide systems. According to Lux-Flood concept, the
definitions of acids and bases are as follows :—

Base : Any substance which gives up oxide ion (O~2).
Acid : Any substance which gains or takes up oxide ions,
Hence,
base = acid + nO2

This view is particularly applicable to reaction at high temperature.
CaO is a base because it gives up O ™2 jons

Ca0 == Ca*? + 02

base acid
50472 is a base because it gives up O-Zions :

S0, == S0; +07

Ca0  + SO, 25 ‘Cwt 4+ sOq2
base acid acid base
CaSO, + S0 —— Ca'? 4+ SiOg,'2 + SO
base acid acid base acid

.

SO; and Ca*? are acids because they take up oxide ions as shown by the
above equation :

50, + zio 2 zaso,

acid base
Na,0O + ZnO B, 2Nat + Zn0,7?
base acid

Strength of acids is determined by the magnitude of the equilibrium constant,
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- [Acid] (07
~ [base]

According 1o this concept, the strength of the following acids are given in the
increasing order :
P04_3 > BOZ- > SIC)3_2 > TI()]'_2
5. The Usanovich Concept

This concept gives a comprehensive definition of acids and bases comprising
all aspects of their reactions.

An acid in defined as any substance which—

(i) neutralizes a base,

(i) gives up cations,

(iii) combines with anions or electrons.
Similarly, a base is defined as any substance which—

(i) neuntralizes an acid,

(i) gives up anions or clectrons,

(iii) combines with cations.

The following examples in a tabular form explain the various aspects of the
Usanovich concept :—

Acid Base Salt Justification
S04 Na,0 NaySO4 Na,0 gives 02

SO, combines with 02
Fe(CN), KCN KsFe(CN)y ~ KCN gives CN™

Fe(CN); combines with CN™
5byS3 (NHg),S  (NHy),SbS4 (NHy),$ gives S7

$b,S; gains §2
Cl, Na NaCl Na loses an electron

Cl gains an electron
HC1 NH; NH,ClI HCI gives H*

NH; combines with H
NH; OH™ NH; +H;0 NH: gives HY

OH™ combines with H*
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The Strengths of Acids

From the point of view of Jonization theory, the strengths of acids (or
bases) depend on the extent to which they dissociate into ions.

As mentioned in chapter 8, a molecule represented by MOH dissociate
giving an OH™ or H* ions depending on the charge and size and electronegativity
of M. A large ion with a small positive charge has less attraction for the electron
of the OH™ ion than does a small ion with a positive charge.

Thus alkali metal hydroxides, MOH, form strong bases and their strength
increases as the size of the alkali metal ion increases. The comparative strengths
of the various bases arc qualitatively given in Table 9.1.

Table 9.1. Strengths of bases on the basis of ion size and
charge of the metals.

Base Size of the metal ion Charge of Qualitative

A - metal ion strengths
LiOH 0.60 +1 Weak base
NaOH 0.95 +1 Strong base
KOH 1.33 +1 Very strong base
CsOH 1.69 +1 Strongest base
Mg(OH), 0.65 +2 Weaker base
Al(OH), 0.50 +3 Weaker base

(Amphoteric)

The strength of an acid is a measure of tendency of its conjugate base to part
away with the proton to another base. A strong acid having a great tendency to
donate proton is a conjuate to weak base with small tendency to accept proton.
Hence stronger the acid the weaker is the conjugate base and stronger the base the
weaker is the conjugate acid. Thus, strong HCI has a weak conjugate base Cl-.
The polyprotic acids, such as H;PO,, undergo sicpwise ionization rcactions. The
strength in this case can be measured by ionization constants K. Thus the
smaller the value of ionization constant K, the less is the degree of ionization
and hence less strong the acid. This applies to other polyprotic acids and provides
an approximate measure of the relative strengths of acidity due to ionization. The
neutral molecule more readily gives up the proton than does the negatively
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charged anion. The strength of an acid depends mainly upon the value of the first
ionization constant,

HPO, = HY + HPO,! K, = 0.75x 102
HPO,! = H" + HPO,2 K, = 062x 107
HPO,? = H" + PO,? Ky = 1x1013
[H*] [H,PO,™]
Where K, = (H,PO,] 4 and so on for K;and K.

Thus the smaller the value of ionization constant K, the less is the degree of
ionization and hence less strong the acid.

Comparing the electronic structure of some acids and the first ionization
constants it is found that the oxidation number of the central atom determines
the strengths of the acids. Thus, H,SO, is a stronger acid than H,S0; or HyPO,
because the oxidation number of S in H,SO, is +6 and in H,50; it is +4 and
that of P in HsPO, is +5. Thus,

+6 +5 +4
H,50, H;PO, H,50,

S with oxidation number +6 in H,SO, obviously exerts a greater pull on all

the electron pairs of O atoms than does S in H,S0,:

9“ oOI-fG
H:O: S : H:0: 520

0 o

H H

The comparative strengths of some well-known hydroxy acids (oxyacids) on
the basis of the oxidation numbers of the acid-forming elements are given by the
sequence:

7 6 5 4 3 I

HCIO, > H,SO4> HNO3 > H,S0; > H3AsO;> HCIO

Both the charge and the size of the central element determine the strengths of
the acids in the above compounds. For instance,
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4 4
H,S0, > H,Sc0;

because of the smaller size of S than Se although the oxidation number is the
same in both cases.

Tonic Potential : The ratio between the charge and the radius of an ion is
called ionic potential. If Z is the charge, r the radius of an ion, then the ionic
potential ¢ is expressed as,

Z
8= r

It has been shown that values of ¢ also detcrmine the acidic or basic character

of a compound or an ion. Thus,
¥ @ > 3.2 — acidic
Y ¢ < 2.3 — basic

2.3. <V ¢ <3.2 — amphoteric

The strengths of acids may be correlated to the number of oxygen and
hydrogen atoms in the molecule in two ways :—

(1) The greater the difference between the number of oxygen and number of
hydrogen atoms, the stronger the acid.

(2) The greater the number of non-hydrogenated oxygen atoms per molecule,
the greater is the strength of acid.

These two points have been illustrated in the Table 9.2 regarding oxyacid of
the general formula
H,MO,
where x and y are the numbers of hydrogen and oxygen atoms in the molecule
respeclively.

In the cases of acids which do not contain the oxygen atoms, the
determination of strengths is based mainly on the ionic sizes or interatomic
distance or electronegativity of H and the non-metallic element forming the acid
molecule. Thus, the following two series have been arranged in decreasing
acidity :
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HF > Hgo > NH;
HI > HBr > HCl > HF
HyTe > H,Se > HS > H0

The decreasing electronegativity in the order F > O > N gives rise to
decreasing strengths of wfids. But the decreasing atomic sizes of halogens and
those in the chalcogens series produce acids of decreasing strengths. In the
halogen acids, the bond distances H—X increase from 1.0 A for HF to 1.7 A in
HI and also the bond energy decreases. HI, therefore, is a stronger acid since it
gives up proton relatively easily. The charge of the anion also influences base
strengths. For instance, the base strength of the monoatomic anions increascs
in the series N3 > 02> F, i.e., NHj is a stronger base than H,O which is a
stronger base than HF.,

In the case of oxyacids the factors influencing the acid strengths are : (i)
clectronegativity, (i) number of oxygen atoms and (iii) the oxidatiop ey
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Table 9.2. Relative strengths of oxyacids of the general formula

HxMOy.
Acid Structural No.of No. of No.of  First Strengths
formula H 0 non- ionization  of acid
atoms  aloms hydro- constant {Remarks)
x y y—x genated (K)
0 atoms
+1
HCIO CIOH) 1 R 9.6x1077  very weak
+3
HCI0, CIO(OH) 1 S 1 1x1072 weak
+5 3
. HCIO4 CIO»OH) 1 3 2 2 ~10 strong
+7
8
Y HCIO, CIO4(OH) 1 4 3 3 ~10 very strong
+1
HB/O Br(OH) 1 g I 2x1072 weak
+1
HIO I(OH) 1 o sl 51 2) 1x107!! very weak
+3
H;BO;  B(OH); - 3 3 0 0 5x1071° very weak
+3 :
HjAsG, © ASOH3 3 e oD, 6x10-10 very weak
+5
HiAsO, AsO(OH), 3 & 1 1 5x107 weak
+4
HsSi0;  SiOH), 4 g = 1x1071° very weak
+3
HNO, NOOH) 1 A | 1 45x107%  weak
+5
HNO, NOOH) 1 3 13 2 ~10° strong
+4
3
¥ nso, SoOH, , 1 ) 1.7x10- weak
+6
Y HS0,  SO;OH), 2 " SR il strong
+5
HyPO,  POOH); 3 SRE U 7.5x107  weak
+7
HMnO;,  MnO4(OH) 1 4 3 3 ~10* very
strong
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Acids & base as catalysts :

. 1§
1. CHyCOOH + CHsOH 2 “— CHy;COOC;H; + H,0.

i AlCI
2. CgHe+CHCI Fm—;sﬁ CgHsCH, + HCI.
3. RX» HO G a]w — ROH + HX.

Hard & Soft Acids and Bases (HSAB)

The classification is bascd on electronegativity valucs and size and is
actually a form of Lewis acid-base concept.

Hard acids : These are metals having low clectronegativity valucs usually
0.7 10 1.6. Exception is HY ion whlch is also a hard acid on the basis of very
small size. Similarly ions such as B*, C** are hard acids because of very small
size and high charge.

Hard Bases : Donor atoms of very high clectronegativity values such as
oxygen and flourine. The oxoanions such as §0,72 COy72 PO42 etc. are
included in this group.

Soft Acids : Metals having high clectronegativitics (1.9 — 2.5) and also
having large size and low charge are soft acids. Ag*, Au* Pt*2 Hg*2 Pb*2elc.
are soft acids.

Soft Bases : Group of ligands containing non-mctal clectronegative
clements such as C, P, As, Br, I and H™ ion (having clectronegativity valucs
2.1-2.96 are included in soft acids.

The equilibrium of the reaction between Hard and Soft acids and bascs
generally follow the equation :

HA :SB + SA: HB<= HA : HA + SA: SB
Applications of HSAB principle :
1. Qualitative analysis scheme for metal cations.
2. Oxidation reduction reactions.

3. Geochemical classification of clements and their occurrence in nature as
minerals.
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4. Toxicology of the elements and medicinal chemistry.
5. Clinical application and chelation therapy. '

QUESTIONS AND PROBLEMS

Write a brief note on Bronsted concept of acids and bases.
Write a note on modern views about acids and bases.

Write a short note on Lewis concept of acids and bases.

Write a note on Lewis and Bridnsted concepts of acids and bases.

“w B W

What is the relationship of charge and size of the acid-forming elements with the
strength of the acid?

6. Arrange the following acids in terms of increasing strength :—
H3BO4, HySi04, HNO;, HNO;3, HyS04, HMnO,
7. What is the basis of the strength of acids in halogen acids?

8. How will you determine the strength of acids in terms of the oxidation number of
the acid-forming elements?

9. What are amphiprotic substances ? Illustrate with suitable examples.

10. Define the terms "acid” and "base” according to the Arrhenius concept and the
protonic concepl.

11. Write equations for the reaction of the following acids with water :—
HC), HNO;, HCIO, and NH,*, What is the role played by water in these acid-base
reactions?

12. Classify the following substances as acids and bases giving reasons:—
BF5, NH3, NHt, Ag*, $O5, CaO, KCN, OH™, SO, % Na, Clp, H*.

13. What are the conjugate acids and bases? What are the conjugate bases of the
following acids?

H,CO;, H;0, HCIO,, HCN
14. Give a brief account of modern views regarding acids and bases.
15. Write a note on acids and bases.
16. Write a note on modern views on acids and bases.

17. What are hard and soft acids and bases? Mention about the applications of hard
and soft acids and bases concept.



