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REDOX REACTIONS 879

OXIDATION AND REDUCTION REACTIONS

Classical Concepts
According to classical (earlier) views, oxidation is defined as
the addition of oxygen or any other electronegative element
or removal of hydrogen or any other electropositive element.
For example, the oxidation reactions are :

(i) C + O2 ⎯⎯→ CO2
(ii) 2Mg + O2 ⎯⎯→ 2MgO

(iii) Zn + S ⎯⎯→ ZnS
(iv) Mg + Cl2 ⎯⎯→ MgCl2

The above reactions involve addition of oxygen or electronegative
element (S and Cl2) and therefore, are oxidation reactions.

(v) 2H2S + O2 ⎯⎯→ 2H2O + 2S
(vi) MnO2+ 4HCl ⎯⎯→ MnCl2 + Cl2 + 2H2O
(vii) 2KI + Cl2 ⎯⎯→ 2KCl + I2

(viii)  2K4 [ Fe(CN)6] + H2O2 ⎯⎯→ 2K3 [Fe(CN)6] + 2KOH

The oxidation and reduction reactions or redox reactions are very

common in our daily life. A large number of phenomena both physical as

well as chemical and biological are concerned with redox reactions. These

reactions are finding wide uses in biological, pharmaceutical, industrial,

metallurgical and agricultural areas. Some of the common examples are

generation of electricity in dry and wet batteries, burning of different types

of fuels for obtaining energy for domestic, transport or industrial purposes,

digestion of food in animals, corrosion of metals and many industrial processes

such as production of caustic soda, potassium permanganate, extraction of

metals like sodium, iron and aluminium, etc. In fact, redox reactions keep

us alive. They help to capture the energy of the sun by the photosynthesis

process by plants which is used by us. Recently, environmental issues such

as hydrogen economy i.e., use of liquid hydrogen as fuel and development

of ozone hole are considered as redox phenomena.

In the present unit, we shall classify the reactions  into two classes,

oxidation and reduction reactions and discuss electrochemical cells.

Removal of
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Removal of
electropositive
element

⎫

⎬

⎭

⎫

⎬

⎭

Addition of oxygen
⎫

⎬

⎭

Addition of
electronegative
element

⎫

⎬

⎭
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These reactions involve removal of hydrogen or
some electropositive element (potassium) and,
therefore, are oxidation reactions.

A substance which gives oxygen or removes
hydrogen is called an oxidising agent or oxidant.

For example, in examples (i) and (ii), O2 is an
oxidising agent because it causes the oxidation of C
and Mg. Similarly, in reactions (iii) and (iv) S and Cl2
act as oxidising agents because they add electrone-
gative element to Zn and Mg. Similarly, Cl2 and MnO2
act as oxidising agents in reactions (v) and (vi) because
they remove hydrogen while, Cl2

 and H2O2 act as
oxidising agents in reactions (vii) and (viii) because
they remove electropositive element (potassium).

Similarly, according to classical concept,
reduction is defined as

the addition of hydrogen  or any other
electropositive element or removal of oxygen
or any other electronegative element.
These reactions are illustrated by the following

examples :

(i) Cl2 + H2 ⎯→ 2HCl

(ii) H2S + Cl2 ⎯→ 2HCl + S

(iii) 2FeCl3 + Fe ⎯→ 3FeCl2

(iv) 2HgCl2 + SnCl2⎯→Hg2Cl2 + SnCl4

In the above examples, reactions (i) and (ii) involve
addition of hydrogen and reactions (iii) and (iv) involve
addition of electropositive elements (Fe and Hg) and
therefore, are reduction reactions.

(v) 2HgO Heat⎯⎯⎯⎯→ 2Hg + O2
(vi) Fe2O3 + 3CO ⎯⎯→2Fe + 3CO2

(vii) 2FeCl3+ H2 ⎯⎯→2FeCl2 + 2HCl

(viii)  SiCl4 + 4Na –⎯→ Si + 4NaCl

In the above examples, reactions  involve removal
of oxygen or electronegative element (chlorine) and
therefore, are reduction reactions.

A substance which provides hydrogen or removes
oxygen is called a reducing agent or reductant.
For example, H2, H2S, Fe, Cu, C, CO, HgCl2, and

Na are reducing agents in the above reactions because
they bring about reduction reactions.

Let us learn some more examples of oxidation and
reduction.

Oxidation reactions
(i) S + O2 ⎯⎯→ SO2

(addition of oxygen)
(ii) CH4 + 2O2  ⎯⎯→ CO2 + 2H2O

(addition of oxygen)
In these reactions (i) and (ii) O2 acts as an oxidising

agent.

(iii) Mg + F2 ⎯⎯→ MgF2

(addition of electronegative element F)
In this reaction, fluorine acts as an oxidising agent.
(iv) 2KI + O3 + H2O ⎯⎯→ 2KOH + I2 + O2

(removal of electropositive element K)
In this reaction, ozone is an oxidising agent.
(v) 2KI + H2O2 ⎯⎯→ 2KOH + I2

(removal of elecropositive element K)
In this reaction, H2O2 acts as an oxidising agent.
(vi) H2S + Cl2 ⎯⎯→ 2HCl + S

(removal of hydrogen)
In this reaction, Cl2 acts as an oxidising agent.
(vii) 4HCl + MnO2     ⎯⎯→    MnCl2 + Cl2 + 2H2O

(removal of hydrogen)
In this reaction, MnO2 acts as an oxidising agent.

Reduction reactions
(i) CuO + H2 ⎯⎯→ Cu + H2O

(removal of oxygen)
In this reaction, H2 acts as a reducing agent.
(ii) ZnO + C  ⎯⎯→ Zn + CO

(removal of oxygen)
In this reaction, C acts as a reducing agent.
(iii) Fe2O3 + 3CO ⎯⎯→ 2Fe + 3CO2

(removal of oxygen)
In this reaction, CO acts as a reducing agent.
(iv) 2FeCl3 + H2 ⎯⎯→ 2FeCl2 + 2HCl

(removal of electronegative element Cl)
In this reaction, H2 acts as a reducing agent.
(v) CH2==CH2 + H2 ⎯⎯→ CH3—CH3

(addition of hydrogen)
In this reaction, H2 acts as a reducing agent.
Oxidation-Reduction Reactions are

Complementary : go side by side
Oxidation -reduction reactions are complementary

reactions. Whenever any substance is oxidised,
another substance is always reduced at the same time
and vice versa. In other words, the oxidation reduction
reactions always occur simultaneously i.e., they always
go hand in hand or side by side. For example, consider
the reaction :

2HgCl2 + SnCl2 ⎯⎯→ Hg2Cl2 + SnCl4

In this reaction, stannous chloride (SnCl2) has
been oxidised to stannic chloride (SnCl4) because of
addition of electronegative element chlorine to it. At
the same time HgCl2 is reduced to Hg2Cl2 because of
the addition of mercury to mercuric chloride. Thus,
SnCl2 is oxidised by HgCl2 and HgCl2 is reduced by
SnCl2. Hence, HgCl2 acts as an oxidising agent and
SnCl2 acts as a reducing agent in this reaction.

⎫

⎬

⎭

Addition of hydrogen

Addition of
electro-
positive
element

⎫

⎬

⎭

Removal of
oxygen

⎫

⎬

⎭

Removal of
electronegative
element

⎫

⎬

⎭
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Thus, oxidation and reduction reactions are
collectively called redox reactions. Some more
examples of redox reactions are given below :

                          Oxidation

2H2 + O2 ⎯⎯→ 2H2O
(R.A.) (O.A.)

Reduction

Oxidation

Fe2O3 + 2Al ⎯⎯→ Al2O3 + 2Fe
(O.A.) (R.A.)

Reduction

Oxidation

H2S + 2FeCl3 ⎯⎯→ 2FeCl2 + 2HCl + S
(R.A.) (O.A.)

Reduction

         

       H2S   +     Cl2 ⎯⎯→ 2HCl +  S

         (R.A.)        (O.A.)

                         ↓
    MnO2  +   4HCl    ⎯⎯→  MnCl2 + Cl2 + H2O

       (O.A.)      (R.A.)            
      ↑

Here O.A. and R.A. stand for oxidising agent
and reducing agent respectively.

Electronic Concept of Oxidation and Reduction
Oxidation and reduction reactions are now used

in a much broader and general sense. These are
defined in terms of electron transfer between the
reactants, known as electronic concept of oxidation and
reduction.

Oxidation. According to electronic concept,
oxidation  is

a process which involves loss of electrons by
an atom or group of atoms.

As a result of loss of electrons, there is increase in
positive charge or decrease in negative charge of the
atom or ion undergoing oxidation.

For example,
(i) Loss of electrons resulting in increase in positive

charge.

Na ⎯⎯→ Na+ + e–

Mg ⎯⎯→ Mg2+ + 2e–

Sn2+ ⎯⎯→ Sn4+ + 2e–

Fe2+ ⎯⎯→ Fe3+ + e–

(ii) Loss of electrons resulting in decrease of
negative charge.

MnO4
2– ⎯⎯→ MnO4

– + e–

[Fe(CN)6]
4– ⎯⎯→ [Fe(CN)6]

3– + e–

2Cl− ⎯⎯→ Cl2 + 2e–

S2– ⎯⎯→ S + 2e–

Reduction . According to electronic concept,
reduction is

a process which involves gain of electrons by
an atom or group of atoms.

Due to gain of electrons there is increase of
negative charge or decrease of positive charge of an
atom  or ion undergoing reduction. For example,

(i) Gain of electrons resulting in decrease of positive
charge.

Fe3+ + e– ⎯⎯→ Fe2+

Sn4+ + 2e– ⎯⎯→ Sn2+

Sb5+  + 2e– ⎯⎯→ Sb3+

(ii) Gain of electrons resulting in increase of
negative charge.

Cl2+ 2e– ⎯⎯→ 2Cl–

S + 2e– ⎯⎯→ S2–

ΜnO4
− + e– ⎯⎯→ MnO4

2−

[Fe(CN)6]
3– + e– ⎯⎯→ [Fe(CN)6]

4–

OXIDATION-REDUCTION REACTIONS
AS ELECTRONS TRANSFER REACTIONS

As already learnt, oxidation process involves loss
of electrons whereas reduction process involves gain
of electrons. During transfer of electrons in a reaction,
the species which loses electrons is said to be oxidised
and the species which gains electrons is said to be
reduced. Since there cannot be a net loss or gain of
electrons in a chemical reaction, this means that all
chemical changes involving the loss and gain of
electrons occur simultaneously i.e. one species loses
electrons in oxidation while the other gains electrons
during the reduction. Thus, both these changes take
place side by side i.e., oxidation takes place at the
cost of reduction and vice versa.

In other words, oxidation and reduction reactions
go hand in hand. This may be illustrated by the
following reactions:

4Na(s)  + O2(g) ⎯⎯→ 2Na2O(s)
2Na(s)  + Cl2(g) ⎯⎯→ 2NaCl(s)

2Na(s)  + S(s) ⎯⎯→ Na2S(s)

⎯⎯
⎯→

Oxidation

Reduction

Oxidation ↓

⎯
→

⎯

Reduction

↓
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All these reactions are redox reactions because in
each of these reactions sodium is oxidised due to
addition of either oxygen or more electronegative
elements such as chlorine or sulphur to sodium.
Simultaneously oxygen, chlorine and sulphur are
reduced because electropositive element sodium has
been added to each of these. We have also learnt in
chemical bonding that sodium oxide, sodium chloride
and sodium sulphide are ionic compounds and may be
written as :

Sodium oxide : (Na+)2O2–, Sodium chloride :
Na+ Cl–, Sodium sulphide : (Na+)2 S

2–.
These ionic charges suggest that the above redox

reactions may also be written as :
Loss of 4e– : oxidation

         
4Na(s)  + O2(g) ⎯⎯→ 2(Na+)2 O

2– (s)

                         

               Gain of 4e– : reduction
Loss of 2e– : oxidation

         
2Na(s)  + Cl2(g) ⎯⎯→ 2Na+ Cl– (s)

                        

           Gain of 2e– : reduction
Loss of 2e– : oxidation

         
2Na(s)  + S(s) ⎯⎯→ (Na+)2 S

2– (s)
                           

           Gain of 2e– : reduction
For the sake of convenience, each of the above

redox reaction may be considered as the sum of two
half reactions; one involving loss of electrons i.e.
oxidation and the other involving gain of electrons
i.e. reduction as

Na(s) ⎯⎯→ Na+ + e–

Oxidation half reaction
O2 + 4e– ⎯⎯→ 2O2–

Reduction half reaction
  These two half reactions are called oxidation half

reaction and reduction half reaction respectively.
The sum of the half reactions give the overall reaction.
It may be noted that the overall reaction is so written
that the electrons are balanced i.e., the number of
electrons lost and gained become equal. This means that
the two half reactions are simply added if the number
of electrons lost during oxidation half reaction is equal
to the number of electrons gained during reduction half
reaction. But if the number of electrons lost during
oxidation half reaction are different from the number

of electrons gained during reduction half reaction, the
two half reactions are multiplied by suitable integers
so that when the two half equations are added, the
electrons get cancelled out in the final redox reaction.
For example,

Na (s) ⎯→ Na+ + e– ] × 4
Oxidation half reaction

O2(g) + 4e– ⎯→ 2O2–

Reduction half reaction

4Na(s) + O2(g) ⎯→ 2(Na+)2O
2– or 2Na2O

Overall redox reaction
Similarly, we may write other reactions as :

Na (s) ⎯→ Na+ + e– ] × 2
Oxidation half reaction

Cl2(g) + 2e– ⎯→ 2Cl–

Reduction half reaction

2Na(s) + Cl2(g) ⎯→ 2Na+Cl–(s) or 2NaCl
Overall redox reaction

Na (s) ⎯→ Na+ + e– ] × 2
Oxidation half reaction

S(s) + 2e– ⎯→ S2–

Reduction half reaction

2Na(s) + S(s) ⎯→ (Na+)2 S
2–(s) or Na2S(s)

Overall redox reaction

In all the above reactions, electrons are transferred
from sodium to O2, Cl2 and S. Thus, oxidation-
reduction i.e., redox reactions are regarded as
electron transfer reactions. Moreover, we observe
that O2, Cl2 and S have gained electrons only if there
is another substance which can donate electrons. This
means that reduction can occur only if oxidation
is occurring side by side and vice versa. In these
reactions, sodium loses electrons and has been oxidised
to sodium ion, Na+. This is brought about by the
acceptance of electrons by oxygen, chlorine or sulphur,
which get reduced. Thus, oxygen, chlorine and sulphur
bring about the oxidation and are called oxidising
agents or oxidants.

 Thus, according to electronic concept,

oxidising agent is a substance which can
accept one or more electrons.

Similarly, in the above example, oxygen, chlorine
and sulphur are reduced to oxide ion (O2−), chloride ion
(Cl–) and sulphide ion (S2–) respectively. This has been
possible by furnishing electrons by sodium. Thus,
sodium is a reducing agent or reductant. Thus,

 reducing agent is a substance which can give
one or more electrons.
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metal loses electrons and gets oxidised whereas Cu2+

ions accept electrons and get reduced. Since  zinc is
getting oxidised and converted to Zn2+ ions which go
into the solution, the weight of zinc plate gradually
decreases. On the other hand, Cu2+ ions present in the
solution are accepting the electrons given by zinc and
are getting reduced to copper. As a result, copper metal
either gets deposited on the zinc plate or gets
precipitated at the bottom of the beaker [Fig. 1(b)].
Since Cu2+ ions from the solution are changing to
Cu(s), the blue colour of the solution (which is due to
Cu2+ ions) slowly fades.

The reaction may be written as :

Zn(s) + Cu2+ (aq) + SO4
2– (aq) ⎯⎯→

Cu(s) + Zn2+ (aq) + SO4
2–

Formation of Zn2+ ions among the products can
easily be tested when the blue colour of the solution
due to Cu2+ ions has disappeared. If we pass, hydrogen
sulphide (H2S) gas through the solution, formation of
white precipitate of zinc sulphide (ZnS)  on making
the solution alkaline with ammonia indicates the
presence of Zn2+ ions in the solution.

In this reaction, sulphate ions, SO4
2– do not

participate and we may write the reaction as :

Loss of 2e– : Oxidation

Zn (s) + Cu2+ (aq) ⎯⎯⎯⎯→ Zn2+ (aq) + Cu (s)

Gain of 2e– : Reduction

or Zn(s) + Cu2+ (aq) ⎯⎯→ Zn2+ (aq) + Cu(s)

The reaction is commonly described as zinc having
displaced Cu2+ ions from the CuSO4 solution.

In this case zinc acts as a reducing agent while
Cu2+ ions act as oxidising agent.

In this redox reaction, the transference of electrons
from Zn metal to Cu2+ ions is occurring directly because
the two are in direct contact. The energy released
appears as heat and therefore, it is an exothermic
reaction.

Fig. 1. Redox reaction occurring in a beaker.

 (a)  (b)  (c)

⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯

⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯

  TO SUM UP
Oxidation is a process in which one or more
electrons are lost.
Reduction is a process in which one or more
electrons are gained.
Oxidising agent or oxidant is a substance which
can accept one or more electrons.
Reducing agent or reductant is a substance
which can give one or more electrons.
In a redox reaction, oxidising agent is reduced
by accepting electrons and reducing agent is
oxidised by losing electrons.

REDOX  REACTIONS IN AQUEOUS
SOLUTIONS

Redox reactions are very common in our daily life.
Whenever you use a battery, a redox reaction occurs.
A simple example of an oxidation-reduction reaction
is the reaction between zinc metal and copper (II) salt
in aqueous solution :

Zn(s) + Cu2+(aq) Zn2+(aq) + Cu(s)

Let us study this reaction.
Take a strip of zinc metal and clean it with a sand

paper. Place this strip in a solution of copper sulphate
in a beaker [Fig. 1]. We observe that a spontaneous
reaction takes place and the following observations
are made :

(i) Zinc metal starts dissolving and it loses its
weight gradually.

(ii) The copper metal starts getting either
deposited on the zinc plate or settles down at
the bottom of the beaker.

(iii) The blue colour of the solution gradually fades
away.

(iv) The reaction is exothermic and proceeds with
the liberation of heat energy.

(v) The solution remains electrically neutral.
Let us try to explain the above reaction. In aqueous

solution, CuSO4 dissociates into Cu2+ and  SO4
2− ions.

When a strip of zinc is dipped in CuSO4 solution, zinc
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Let us study the state of equilibrium for the above
reaction. For this purpose, place a rod of copper in zinc
sulphate (ZnSO4) solution. You will notice that no
visible reaction occurs. If we pass H2S gas through the
solution, there will be no black precipitate of copper
sulphide indicating that no reaction has occurred. In
other words, the following reaction :

Cu (s) + ZnSO4(aq) ⎯→CuSO4(aq) + Zn(s)

does not occur. Thus, we conclude that the state of
equilibrium for the above reaction between zinc and
copper sulphate greatly favours the products over the
reactants.

Similarly, when we dip a copper strip in a silver
nitrate solution, copper gets oxidised and goes into the
solution whereas Ag+ ions accept electrons and get
reduced (Fig. 2). The reaction may be written as :

Cu(s) + 2Ag+ (aq) ⎯⎯→ 2Ag(s) + Cu2+ (aq)

Loss of 2e– : Oxidation

Cu (s) + 2Ag+ (aq) ⎯⎯⎯⎯→ Cu2+ (aq) + 2Ag (s)

Gain of 2e– : Reduction

Thus, copper is oxidised to Cu2+ and Ag+ is reduced
to Ag(s). Therefore, copper acts as an oxidising agent
or oxidant while silver acts as a reducing agent or
reductant.

The equilibrium greatly favours the products
Cu2+(aq) and Ag(s).

For the purpose of comparison, let us study the
reaction between cobalt metal and nickel sulphate
solution. For this, place a rod of cobalt metal in nickel
sulphate solution. The following reaction occurs :

           Loses 2e– : Oxidation
   ↓

Co(s)    +     Ni2+(aq) ⎯⎯→ Co2+ (aq) +  Ni(s)
                      ↑

      Gains 2e– : Reduction

At equilibrium, chemical tests show that both
Ni2+(aq) and Co2+(aq) are present in moderate
concentration. This means that in this case, neither
the reactants [Co(s) and Ni2+(aq)] nor the products
[Co2+(aq) and Ni(s)] are greatly favoured.

Thus, we observe that there is a competition of
loss or gain of electrons by metals. This is similar to
the competition between various acids to lose a proton
(H+) in water. This similarity suggests that we can
develop a table in which the metals and their ions are
listed on the basis of their tendency to lose or gain
electrons similar to the table in which various acids
are arranged according to their acid strengths. For
example, we have learnt in above experiments that
zinc loses electrons to copper and copper releases
electrons to silver. Therefore, the electron releasing
tendency of these three metals is in the order :

Zn > Cu > Ag

Similarly, by comparing the relative tendencies of
other metals, we can build a table to arrange the
metals in their decreasing or increasing order of losing
electrons. This series is called activity series or
electrochemical series and is discussed later.

Some other examples of common redox
reactions

When a metal reacts with acids, hydrogen is
liberated. For example metals  like Zn, Mg, Ni etc.
can easily displace hydrogen from dil. HCl.

Zn + 2HCl ⎯⎯→ZnCl2 + H2

This reaction occurs as redox reaction in which
metal is oxidised and hydrogen is reduced as :
                      Zn ⎯⎯→Zn2+

 + 2e– Oxidation

2H+ + 2Cl– + 2e– ⎯⎯→2Cl– + H2 Reduction

Zn + 2H+ + 2Cl– ⎯⎯→Zn2+ + 2Cl–
 + H2

In electrolytic process also, redox reaction takes
place. For example, during electrolysis of aqueous
solution of copper chloride, oxidation and reduction
occur as :

CuCl2 ��⇀↽��
 Cu2+

 + 2Cl–

⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯

⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯⎯

Fig. 2. Redox reaction between AgNO3 and copper.
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At cathode : Cu2+ + 2e– ⎯⎯→Cu(s) Reduction

At anode :  2Cl–  ⎯⎯→ Cl2 + 2e– Oxidation

Potassium permanganate is a strong oxidising
agent in the presence of dil. H2SO4. In the presence of
dil. H2SO4, it gives nascent  oxygen which oxidises
ferrous ammonium sulphate [FeSO4(NH4)2SO4] to
ferric sulphate as :
2KMnO4 + 3H2SO4 ⎯→K2SO4 + 2MnSO4 +3H2O +5O

2FeSO4(NH4)2SO4 + H2SO4 + O ⎯→
Fe2(SO4)3 + 2(NH4)2SO4 + H2O] × 5

2KMnO4 + 10FeSO4(NH4)2SO4 + 8H2SO4 ⎯→
K2SO4 + 5Fe2(SO4)3 + 2MnSO4 + 10(NH4)2SO4 + 8H2O

The ionic equation for the reaction may be written
as :

MnO4
– + 8H+ + 5e– ⎯→Mn2+ + 4H2O

Fe2+ ⎯→Fe3+ + e– ] × 5

5Fe2+ + MnO4
– + 8H+ ⎯→ 5Fe3+ + Mn2+ + 4H2O

Similarly, acidified KMnO4 oxidises oxalic acid
(C2H2O4) solution. In this reaction, acidified KMnO4
liberates nascent oxygen which oxidises oxalic acid to
carbon dioxide as:
2KMnO4 + 3H2SO4 ⎯→K2SO4 + 2MnSO4 +3H2O +5O

C2H2O4 + O ⎯→2CO2 + H2O] × 5

2KMnO4 + 5C2H2O4 + 3H2SO4 ⎯→
K2SO4 + 2MnSO4 + 10CO2 + 8H2O

The ionic equation for  the reaction may be written
as :

[MnO4
– + 8H+ + 5e– ⎯→Mn2+ + 4H2O] × 2
C2O4

2– ⎯→2CO2 + 2e– ] × 5

2MnO4
– + 5C2O4

2–
 + 16H+ ⎯→ 2Mn2+ + 10CO2 +8H2O

� Example 1.
Identify the species undergoing oxidation and
reduction in the following reaction :

(i)       H2S(g) + Cl2(g) ⎯→  2HCl (g) + S (s)
(ii) 3Fe3O4(s) + 8Al(s) ⎯→  9Fe(s) + 4Al2O3(s)
(iii)      2Na(s) + H2(g) ⎯→  2NaH(s)

Solution:

(i) H2S is oxidised because a more electronegative
element, chlorine is added to hydrogen (or a more
electropositive element hydrogen has been removed
from H2S).
Chlorine has been reduced because hydrogen is added
to it.
In terms of electronic concept, we can say,

Loses electrons : oxidation

           H2S (g)  + Cl2(g) ⎯⎯→ 2HCl (g) + S(s)

       gains electrons : reduction
(ii) Aluminium is oxidised because oxygen is added to
it.
Ferrous ferric oxide (Fe3O4) is reduced because oxygen
has been removed from it.
In terms of electronic concept :

loses electrons : oxidation

     3Fe3O4 (s)  + 8Al(s) ⎯⎯→ 9Fe(s) + 4Al2O3(s)

  gains electrons : reduction

(iii) In this case, sodium has been oxidised and hydrogen
has been reduced. This becomes more clear in terms of
electronic concept :

 loses electron : oxidation

     2Na(s)  + H2(g) ⎯⎯→ Na+H–(s)

                                    gains electrons : reduction
NaH is ionic compound and exists as Na+H–.

� Example 2.
Identify the oxidant and reductant in the following
reactions :

(a) Zn (s) + 
1
2

O2 (g) ⎯⎯⎯→ ZnO (s)

(b) CH4 (g) + 4Cl2 (g) ⎯⎯⎯→ CCl4 (g) + 4HCl (g)
(c) I2 (aq) + 2S2O3

2– (aq) ⎯⎯⎯→ 2I– (aq) + S4O6
2– (aq)

(d) Zn (s) + 2H+ (aq) ⎯⎯⎯→ Zn2+ (aq) + H2 (g)

Solution: (a) Zn (s) + 
1
2

O2 (g) ⎯⎯→ ZnO (s)

In this reaction, zinc donates electrons to O to give
zinc ions and oxide ions. Thus, Zn acts as reductant
while oxygen acts as oxidant.

(b) CH4 (g) + 4Cl2 (g) ⎯⎯→ CCl4 (g) + 4HCl (g)

CH4 is oxidised and acts as  reductant while Cl2 is
reduced and acts as  oxidant.
(c) I2 (aq) + 2S2O3

2– (aq) ⎯⎯→ 2I– (aq) + S4O6
2– (aq)

I2 gains electrons and is reduced. Therefore, it acts as
oxidant. S2O3

2– acts as  reductant.
(d)  Zn (s) + 2H+ (aq)⎯⎯→Zn2+ (aq) + H2 (g)

Zinc loses electrons and gets oxidised. Therefore, it
acts as reductant. Hydrogen gets reduced and acts
as an oxidant.

� Example 3.
Justify that the reaction :
2Na(s) + H2(g) ⎯⎯→ 2NaH (s) is a redox reaction.

Solution: Sodium hydride is an ionic compound and
it exists as Na+ H–.
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          2Na + H2 ⎯⎯→ 2Na+H–(s)
The reaction may be split up into two half reactions:

Na(s) ⎯⎯→ Na+ + e– ] × 2 Oxidation
H2(g) + 2e– ⎯⎯→ 2H– Reduction

2Na(s) + H2(g) ⎯⎯→ 2 NaH

In this reaction Na is oxidised to Na+ and hydrogen is
reduced from H2 to 2H– ion. Therefore, it is a redox
reaction.

OXIDATION NUMBER

The concept of electron transfer can easily explain
the redox reactions in case of ionic substances.
However, we cannot easily explain the redox changes
in terms of electron transfer in case of covalent
compounds. Now-a-days, to understand oxidation-
reduction reactions, systematically, scientists assign
an oxidation number or oxidation state to each
chemical species (ionic or covalent) according to a set
of rules. The concept of oxidation number has been
very useful in balancing of redox reactions. The
oxidation number is defined as

the charge which an atom of the element has
in its ion or appears to have when present in
the combined state with other atoms.

Oxidation number also gives the charge which
an atom appears to have when all other atoms are
removed from it as ions. During the removal of atoms,
the electrons on the atoms are counted according to
the following two arbitrary rules :

(i) Electrons shared between two like atoms are
divided equally between the sharing atoms. In case of
hydrogen molecule, for example, the electron pair is
equally shared between the two hydrogen atoms.
Therefore, one electron is counted with each hydrogen
atom as shown below :

H . ⏐ . H
Now, each hydrogen atom is having one electron

while its nucleus has one proton. Therefore, there is
no net charge on each atom of hydrogen. In other
words, oxidation number of hydrogen in hydrogen
molecule is zero.

(ii) Electrons shared between two unlike atoms are
counted with more electronegative atom. For example,
in hydrogen chloride molecule, chlorine is more
electronegative than hydrogen. Therefore, the shared
pair is counted towards chlorine atom as shown
below :

                                   ..
H     : Cl :

  
. .

As a result of this, chlorine gets one extra electron
and acquires a unit negative charge. Hence, oxidation
number of chlorine is – 1. On the other hand, hydrogen

atom without electron has a unit positive charge.
Hence, oxidation number of hydrogen in hydrogen
chloride is + 1.

The oxidation number is a fictitious charge in
case of covalent species. The oxidation number can
have positive, zero or negative values depending upon
their state of combination.
Rules for the Determination of Oxidation
Number of an Atom

The following general rules are used for the
calculation of oxidation number of an atom in a
molecule :

1. The oxidation number of an element in the free
or elementary state or in any of its allotropic
forms is always zero.  For example, oxidation
numbers of helium in He, hydrogen in H2,
oxygen in O2 or O3, iron in Fe, carbon in
diamond, helium atom in He, bromine in Br2,
phosphorus in P4, sulphur in S8, are zero.

2. The oxidation number of an element in a single
(monoatomic) ion is the same as the charge on
the ion. For example, oxidation number of K+

is +1, of Ca2+ is + 2, of Al3+ is +3. Similarly, the
oxidation numbers of Cl–, SO4

2– and PO4
3– are

–1, –2 and –3 respectively.
3. In binary compounds of metal and  non-metal,

the oxidation number of metal is always
positive while that of the non-metal is negative.
For example, in NaCl, the oxidation number
of sodium is +1 and that of chlorine is –1.

4. In compounds formed by the combination of
non-metallic atoms, the atom with higher
electronegativity is given negative oxidation
number. For example, in HCl, the oxidation
number of chlorine in HCl is –1 because of its
high electronegativity.

Similarly, N is given an oxidation number of –3,
when it is bonded to less electronegative atom as in
NH3 and NI3, However, it is given an oxidation number
of +3 when it is bonded to more electronegative atom
as in NCl3.

Note. Rules (3) and (4) are based on the fact that atoms
having high electronegativity have a tendency to form
negative ions (anions) while atoms having low
electronegativity have great tendency to form positive ions
(cations).

5. In all compounds of hydrogen, the oxidation
number of hydrogen is +1 except in hydrides
of active metals such as LiH, NaH, KH, MgH2,
CaH2, etc., where hydrogen has the oxidation
number of –1.

6. The oxidation number of oxygen is –2 in most
of the compounds. However, there are two
exceptions. The first exception is peroxides
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and superoxides in which oxygen atoms are
directly linked to each other. In peroxides (e.g.,
H2O2, Na2O2), each oxygen atom is assigned
an oxidation number of –1 and in superoxides
(e.g., KO2, RbO2) each oxygen atom is assigned
an oxidation number of –1/2. The second
exception is found in compounds in which
oxygen is bonded to fluorine. For example,
in OF2 (oxygen difluoride) the oxidation
number of oxygen is +2 and in O2F2(dioxygen
difluoride) the oxidation number of each
oxygen is +1. This is because of the fact that
fluorine being most electronegative element
known has always an oxidation number of –1.

7. The most electronegative element, fluorine has
oxidation number –1. For other halogens, the
oxidation number is generally –1, but there are
exceptions when these are bonded to a more
electronegative halogen atom or oxygen. For
example, in HI, the oxidation number of I is
–1 but in IF5, it is +5 and in IF7, it is +7.

8. For neutral molecule, the sum of the
oxidation numbers of all the atoms is equal to
zero. For example, in NH3 the sum of the
oxidation numbers of nitrogen atom and 3
hydrogen atoms is equal to zero.
For a polyatomic ion, the sum of the
oxidation numbers of all the atoms is equal to
charge on the ion. For example, in SO4

2– ion,
the sum of the oxidation numbers of sulphur
atom and 4 oxygen atoms must be equal to –2.

It may be noted that oxidation number is also
frequently called as oxidation state. For example,
in H2O, the oxidation state of hydrogen is +1 and the
oxidation state of oxygen is –2. Similarly, in CO2, the
oxidation number of carbon is +4, which is also its
oxidation state and the oxidation number of oxygen is
–2, which is also its oxidation state. This means that
oxidation number gives the oxidation state of an
element in  a  compound.

Procedure for calculation of oxidation
numbers. By applying the above rules, we can
calculate the oxidation numbers of elements in the
molecules/ions by the following steps :

(i) Write down the formula of the given molecule/ion
leaving some space between the atoms.

(ii) Write oxidation number on the top of each atom.
In case of the atom whose oxidation number has to
be calculated write x.

(iii) Beneath the formula, write down the total oxidation
numbers of each element. For this purpose,
multiply the oxidation numbers of each atom with
the number of atoms of that kind in the molecule/
ion. Write the product in a bracket.

(iv) Equate the sum of the oxidation numbers to zero
for neutral molecule and equal to charge on the ion.

(v) Solve for the value of x.

� Example 4.
Calculate the oxidation number of sulphur in the
following molecules/ions :
(a) H2S (b) H2SO3 (c) SO4

2–

(d) Na2S2O3 (e) S2O7
2– (f) H2SO4

(g) S2O4
2–

Solution: (a) H2S. The oxidation number of hydrogen
is +1. Let the oxidation number of sulphur be x.

+1 x
H2 S

(1 × 2) (x)
1 × 2 + x = 0 ∴ x = –2

Oxidation number of S in H2S is –2.

(b) H2SO3. Oxidation number of hydrogen is +1
and that of oxygen is –2. Let the oxidation number
of S  be x.

+1 x –2
H2 S O3

(+1 × 2) x (–2 × 3)

(+1 × 2) + x + (–2 × 3) = 0
or +2 + x – 6 = 0
or x = +4
Oxidation number of S in H2SO3 is + 4.

(c) SO4
2–. The oxidation number of oxygen is –2 and

let the oxidation number of S be x.

x
S
L

N
M

− −
O

Q
P
P

2 2

O4

  x (–2 × 4)
  x + (–2 × 4) = –2 or x = –2 + 8

or x = +6
Oxidation number of S in SO4

2–  is +6.

(d) Na2S2O3. The oxidation number of Na is +1 and
that of oxygen is –2. Let the oxidation number of S be
x.

+1 x –2
Na2 S2 O3

(+1 × 2) (x × 2) (–2 × 3)
(+1 × 2) + (x × 2) + (–2 × 3) = 0

+ 2 + 2x – 6 = 0 or 2x = 4
x = +2

Oxidation number of S in Na2S2O3 is +2.

(e) S2O7
2–. The oxidation number of oxygen is –2 and

let the oxidation number of sulphur be x.

x −L

N
M

O

Q
P

−2 2

S O2 7

(x × 2) (–2 × 7)
x × 2 + (–2 × 7) = –2

2x = –2 + 14
∴ x = 6
Oxidation number of S in S2O7

2– is + 6.
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(f ) H2SO4. The oxidation number of hydrogen is +1 and
that of oxygen is –2. Let the oxidation number of S be x

+1 x –2
H2 S O4

(+1 × 2) x (–2 × 4)
(+1 × 2 ) + x + (–2 × 4) = 0

or  +2 + x – 8 = 0
or x = + 6
Oxidation number of S in H2SO4 is + 6.
(g) S2O4

2–. The oxidation number of oxygen is –2 and
let the oxidation number of sulphur be x.

� −L

N
M

O

Q
P

�

� �
� �

��

(x × 2) ( –2 × 4)
x × 2 + (– 2 × 4) = –2

2 x – 8 = – 2  ∴ x = +3
∴ Oxidation number of S in S2O4

2– is +3.
� Example 5.

What is the oxidation number of the underlined
atoms in each of the following molecules/ions ?
(a) ClO3

– (b) BrF3 (c) CH4 (d) C6H12O6 (e) Na2B4O7
(f) Na4[Fe(CN)6] (g) N2H4.

Solution: Suppose x be the oxidation number of the
underlined atom :
(a) ClO3

– x + (–2 × 3) = –1
x – 6 = –1 or x = +5

(b) BrF3 x + (–1 × 3) = 0
x – 3 = 0 or x = +3

(c) CH4 x + (1 × 4) = 0
x + 4 = 0 or x = –4

(d) C6H12O6 6 × x + 1 × 12 + (–2 × 6) = 0
6x + 12 – 12 = 0 or x = 0

(e) Na2B4O7 (+1 × 2) + (x × 4) + (–2 × 7) = 0
+2 + 4x – 14 = 0 or x = +3

(f) Na4[Fe(CN)6]  (+1 ×4) + x + (–1 × 6) = 0
+4 + x – 6 = or x = +2

(g) N2H4  2 × x + (1 × 4) = 0
2 x + 4 = 0 or x = –2

� Example 6.
Calculate the oxidation number of (i) Fe in
Fe3O4 (ii) S in Na2S4O6   (iii) Pb in Pb3O4
(iv) N in (NH4)2SO4.
Solution:
(i) Fe in Fe3O4. Let the oxidation number of Fe be x.

x –2 3x – 8 = 0
Fe3 O4 3x = 8
(x × 3) (–2 × 4) x = 8/3 = 2.67

(ii) S in Na2S4O6. Let the oxidation number of S be x.
+1 x –2 2 + 4x – 12 = 0

Na2 S4 O6 4x = 10

(+1 × 2) (x × 4) (–2 × 6) x =
10
4

 = 2.5

(iii) Pb in Pb3O4. Let the oxidation no. of Pb be x.
x –2 3x – 8 = 0

Pb3 O4 3x = 8

(x × 3) (–2 × 4) or x =
�

�

 = 2.67

(iv) N in (NH4)2SO4. Let the oxidation no. of N be x.

( ) −
+1

2
4 2 4NH SO

x
2x + 2 (+1 × 4) + (–2) = 0
2x + 6 = 0

∴ 2x = –6 or x = 6
2

−  = –3

KEY NOTE

PARADOX OF FRACTIONAL OXIDATION
NUMBER
� For some compounds, the general rules give fractional
oxidation number to some atoms. For example, the

oxidation number of Fe in Fe3O4 comes out to be + 
8
3 .

This is strange because electrons are never shared or
transferred in fractions.

Actually, this fractional oxidation number is the
average oxidation number of the element in the
compound. This can be explained by the fact that Fe3O4
contains Fe atoms of both + 2 and + 3 oxidation number.
It is a stoichiometric mixture of ferrous (FeO) and ferric
(Fe2O3) oxides combined as FeO . Fe2O3. Therefore, the
oxidation number found in such  cases is average
oxidation number.

Similarly, Mn3O4 is regarded as a mixture of MnO
and MnO2 having the composition 2MnO·MnO2.
Therefore, the oxidation number of Mn in MnO is +2
and that in MnO2 is +4. Hence, average comes out to be
[2(+2) + 1(+4)]/3 = 8/3.

Red lead, Pb3O4 is regarded as a mixture with
composition of 2PbO·PbO2. In PbO, the oxidation number
of Pb is +2 while in PbO2, the oxidation number of Pb is
+4. The average value is [2(+2) + 1(+4)]/3 = 8/3.

Similarly, in ferriferrocyanide, Fe4[Fe(CN)6]3
molecule, there are four iron atoms with oxidation
number + 3 and three iron atoms with oxidation number
+ 2. The oxidation number of iron in this molecule is the
average of all these atoms equal to 18/7 (strange number).
Thus, the average oxidation number indicates average of
atoms in different bonding situations in a compound.
� In some compounds, the knowledge of chemical

bonds or structures is essential to calculate
oxidation numbers. For example

(a) Caro’s acid, H2SO5 (peroxomono-sulphuric acid)
The O.N. can be calculated as
2 × (+1) + x + 5(-2) = 0,  x = +8

But this is wrong because the maximum oxidation
number of S cannot be more than +6 because it
has only six electrons in its valence shell. In this
structure, two oxygen atoms are bonded by a
peroxide bond as

S OO

O

OH

O

H

In the peroxide bond each O atom has –1 oxidation
state

H2S(O2)O3

2(+1) + x + 2(–1) + 3(–2) = 0      or x – 6 = 0
∴     x = +6

∴ O.N. of S in H2SO5 is +6
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