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1. ntroduction

In the previous unit, we have studied neutraliza-
fion reactions in which H* ions from an acid (HCL
H,80,, CH,COCH etc.) combine with OH ~ jons of
a base (NaOH, Ca(OH),, NH,OH etc.) to form a

salt and weakly ionized molecules of water. In this
unit, we shall discuss another important class of reac-
tions called reduction-axidation or simply redox reac-
tions (red from reduction and ox from oxidation). All
these reactions are always accompanied by energy
changes in form of heat, light or electricity.

A number of chemical and biological reactions
fall in this category. Burning of different types of fuels
such as wood, coal, kerosene, LPG (Liquefied
Petroleum Gas) etc. for domestic purposes ; petrol,
diesel, CNG (Compressed Natural Gas) etc. for
transportion and industrial processes ; digestion of
food in animals, photosynthesis by plants, corrosion
of metals, electrochemical processes such as extrac-
tion of aluminium from purified alomina, and genera-
tion of electricity in dry and wet batteries are diverse
examples of redox reactions. Before we discuss these
redox reactions in detail, we must be familiar with the
concepts of oxidation and reduction.

¢, ddaticn-Reducilas—i

9.2.1. Oxidation. According to the classical
concept.

eseal Concept st
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Oxidation may be defined as a process which
involves the addition of axygen or any other electronega-
tive element, or as a process which involves the removal
of hydrogen or any other electropositive element.

For example,

(@) ZMe(5) + O5(g) — 2MgO(s)

(Addition of oxygen)
(1) Mg (s) + Cl; () —s MgCl, (5)
{(Addition of electronegative element, chlorine)
(i) ZH;S (@) + O,(g) — 25(s5) + 2H,00)
(Removal of hydrogen)
(v) ZK(ag) + H,0() + 0;(g) —
2KOH(ag) + L(s) +0,(g)

(Removal of electropositive element, potassium)
In all these reactions, the compound under-
lined has undergone oxidation.
922, Oxidising agent or oxidant. According
to the classical concept,

An oxidising agent or oxidant is a substance which
supplies oxygen or any other electro;epative ele-
oxidation is itself reduced in a chemical reaction.

For example, oxygen, chlorine and ozone in
reactions (i) to (i) listed above in Sec. 92.1. are
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oxidising agents. Some other important examples
of oxidising agents are fluorine, manganese
dioxide, hydrogen peroxide, potassium perman-
ganate, potassium dichromate, nitric acid ete.
These are illustrated by the following equations :
Mg (s) + F; (g) — 2MgF, ()
4HCl(aq) + MnO,(s) —
MnCly(ag) + Cly(8) +2H,0()
H,0,(ag) + 2Ki(ag) — 2KOH(aq) + L(s)
2KMnOy(aq) + 10 FeSO4(aq)+ 8H,50,(29)
—» 2MnSO,(aq) + K;S0,(a9)

+ 5Fe,(SO,);(ag) + 8H,0()
K,Cr,0(ag) + 3S0,(g) + H;S04(aq) —

Cr,(SO,)s(aq) + K,S0,(aq) + H,0()
10HNO;(6q) + L(s) —
10NO,(g) + 2HIO4(ag) + 4H,0()

9.23. Reduction. According to the classical
concepf,

Reduction may be defined as a process which
involves the addition of hydrogen or any other
electropositive element, or remaval of oxygen orany
other eléctronegative element.

For example,

(i) Bry(8) + HyS(g) —— 2HBr(g) + 5(s)

(Addition of hydrogen)

(if) 2HeCl, (ag) + SnCl(ag) —

Hg,Cl(s) + SnCli(aq)

(Addition of electropositive elemenl, mercury)
(i) CuO (s)+H,(g) —Cu(s)+H,0()

(Removal of oxygen)

(iv) 2FeCly (ag) + SO,(g) + 2H,0()—

2FeCly(aq) + H;50,(aq) + 2HCl{aq)

(Removal of electronegutive
element, chlorine)
In all these reactions, the compound under-
lined has undergone reduction.
9.2 4. Reducing agent or reductant. Accord-
ing to the classical concept,

A reducing agent or reductant may be defined as
a substance which supplies kydrogen or any other
eleciropositive element, or removes oxygen or any
other electronegative element. A reducing agent
after carrying out reduction is itself oxidised in a
chemical reaction.

For example, hydrogen sulphide, stannous
chloride, hydrogen and sulphur dioxide respective-
ly in reactions (1) to (iv) listed above in Sec. 9.23.
are reducing agents. Some other important ex-
amples of reducing agents are carbon, carbon
monoxide, aluminium, nitrous acid etc. These are
illustrated by the following equations

CuO (5) + C(s) — COf) + Zn(s)

Fe,05(s) +3CO() —*2Fe(s) +3C0O,(g)
Fe,04(s) + 2Al(s) —> 2Fe(s) + ALO,(s)
2KMnO‘(aq)+3H,.SO4(aq)+5HN02(aq) —_

K,S0,(aq)+2MnSO (2q)+SHNO Jaq)+3H,00)

92.5. Oxidation-reduction reactions are
complementary.

Whenever any substance is oxidised, another
substance is always reduced at the same time, and
vice-versa. In other words, oxidation and reduction
reactions arc complementary i.e, they alwdys go
hand in hand or side by side. This is illustrated by
the following examples :

() Reaction between hydrogen sulphide and
chlorine

H,S(g) + Clg) —— 2HCIE) +5 ()
Here, H,S is axidised to S while Cly is reduced
to HCI.

(i) Reaction between stannous chloride and
mercuric chloride.

SnCl,(aq) +2HgCl(aq)—>SnCly(aq) +He,Cly(s)
Here, SuCl, is axidised to SnCl, while HgCl,
is reduced to HgyCl, e
(i) Reaction between manganese dioxide and
hydrochloric acid.
MnO,(s) + 4HCl(aq) —
MnCl(ag) + CL(g) + 2H,0()
Here, HCl is oxidised to Cl; while MnO, is
reduced to MnCl,.

9.3. Oxidation and Reduction—
Electron Transfer Concepl ssoumerssmmmmannaing

It is a well known fact that the various chemi-
cal reactions occur through redistribution of
electrons among the reacting substances. Any sub-
stance that loses electrons is said to be oxidised and

“the one which gains electrons is said to be reduced.

Thus, according to the electronic concept, oxida-
tion and reduction may be defined as follows :
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Qxidation may be defined as a process in which an
atom or an ion loses one or more electrons. That is
This loss of electrons either increases the
positive charge or decreases the negative charge of
the atom or the ion. For exampie,

(i) Loss of electrons results in increase in posi-
tive charge :
Nat + ¢~
Mg?*t + 26~
Felt 4 ¢~
Sn*t + 2¢-
(if) Loss of electrons results in decrease in nega-
tive charge :
MnQO;~ —— MnO] + e~
[Fe(CN)s*™ —— [Fe(CN)(*~ + ¢~
DEIT et (G b 2
§27 —— S+ 2"
Reduction may be defined as a process in which an
atom or an ion pains one or more electrons. That is
why reduction is also called electronation.
This gain of electrons either decreases the

positive charge or increases the negative charge of
the atom or the ion. For example,

(1) Gain of electrons results in decrease in posi-
tive charge :
Ft + ¢ —— Fe?t
2Hg*t + 27 — Hgit
Sn*t + 227 — §p?2t
SB°* 26 —— S
(i) Gain of electrons results in increase in nega-
tive charge :

Na ——

F82+ =

Sn2+ el

EEe 2 —=rn )
MnO; +e~ —— MnQi-
S +2 ——— §
[Fe(CN)GP~ + e~ —— [Fe(CN)g[*~
Oxidation-reduction as an electron-transfer
process. We have discussed above that oxidation
involves loss of electrons and reduction involves
gain of electrons. Since there cannot be a net gain
or loss of electrons in a chemical reaction, there-
fore, all chemical reactions involving loss or gain of

electrons must occur simultancously. In other
words, in a chemical reaction, a substance can lose

electrons only if there is present another substance
which can gain clectrons. Conversely, a substance
can gain clectrons only if another substance which
can lose electrons is also present in the system. This
implies that oxidation can take place only if reduc-
tion also occurs at the same time or vice-versa, In
other words, oxidation-reduction reactions are
complementary, i.e., they always go side by side or
hand in hand. This may be illustrated by the follow-
ing reactions :
2Mg(s) + Oyg) — 2MgO(s)

Mg(s) + Fa(g) —— MgF,(s)
Mg(s) + ClL(g) — MgCl(s)

Inthe formation of magnesium oxide, magnesium
atom loses two electrons and thus gets avidised to
magnesium ion while the oxygen atom gains these two
electrons and thus gets reduced to oxide ion.

Mg —— + Mg* + 2~ (axdation)

O] + 227 —— O~ (reduction)

or O, +4e” — 20P"

The overall reaction may be written as follows:
2Mg +[ O:], — 2[Mg?*: 0:27)

or 2Mg**(0?*~

Similarly in the formation of magnesium

fluoride or chloride, magnesium loses two electrons

and thus gets axidised to magnesium ion while fluorine

or chlorine molecule accepts these two electrons and
thus gets reduced to two fluoride or chloride ions :

Mg: +( Cl, — Mg [:Clr,

In all the reactions described above, electrons
are transferred from one substance i.e. Mg to the
other,i.e. O,, F, or Cl,. Thus axidation-reduction or

redox reactions may be regarded as electron-transfer
reactions in which the electrons are transferred from
one reaciant to the other. The substance which loses
electron is called a reducing agent while the other
which accepts the electrons is called an axidising
agent. Thus
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Further since, reducing agents donate electrons
o other substnaces while oxidising agents accept
electrons from other substances, therefore, reducing
agents are electron donars while addising agents-are
electron acceptors, In other words, reducing agents
er reducing other substances themselves get
oxidised while oxidising agents after oxidising other
substances themselves get reduced in the process.
Let us now reconsider the two reactions (be-
tween Mg & O, and Cl,) discussed above in the

light of reducing and oxidising agents.
In the reaction of Mg with O,, Mg gives

electrons to oxygen which gets reduced to O*~ ion
while Mg gets oxidised to Mg?* ion. Conversely,

O, accepts electrons from Mg and gets reduced to |

O?~ ion while Mg gets oxidised to Mg?™. There-
fore, Mg is a reducing agent while O, is an oxidising
agent. Similarly, in the reaction of Mg with F, or
Cly, Mg acts as a reducing agent while F, or Cl,

behaves as an oxidising agent. For further illustra-
tion, consider the following reactions :

Biaacive 5 Oxidised

(i) HS + 2FeCl; —> 2FeCl,+2HCI+S
(Reducing  (Oxidising
agent) agent)
L Reduced

Here, H,S reduces FeCl, to FeCl, while itself
gets oxidised to S. Conversely, FeCl, oxidises H,S
to § while itself gets reduced to FeCl,. Therefore,
H,S acts as a reducing agent while FeCl, acts as an
oxidising agent .
[ Oxidised Eron
@ Al + Fey,03 — AlLO;+2Fe

(Reducing (O.tidt'.sing
agen)

.-' s

OBLEMS FOR

Here, Al reduces Fe, O, to Fe while itself gets
oxidised to ALQ,. Conversely, Fe,0, oxidises Al
to Al,O, while itself gets reduced to Fe. Therefore,
Al acts as a reducing agent while Fe,0, acts as an
oxidising agent.

From the above discussion, we conclude :-

Oxidation is a process in which one or more
, electrons are lost.

Reduction is a process in which one or more
electrons are pained.

Oxidant is a substance which can accept one or
more electrons.

Reducant is a substance which can donate one or
more electrons.

In a redox reaction, oxidant is reduced by ac-
cepting electrons and reductant is oxidised by losing
electrons.

Using electron transfer, identify
the oxidant and reductant in the following redox
redaction.

Zn(s) + 1/2 0,(g) — Zn0 (5)

L {(N.CER.T)

Solution. Each atom of zinc loses two
electrons to from Zn?* while each atom of oxygen
aceepts these two electrons to form oxide ion
{O?7) as shown below :

Zn: +%[;9; ]2 e [:(?:2—]

Thus, Zn acts as reductant (or reducing agent)
and oxygen acts as an oxidant (oxidising agent).

PRACTICE

L I e

Using electron-transfer concept, identify the oxidant and reductant in the following redox reactions.

(@) Zngs) + 20V (ag) — Zn*(ag) + Hyg)

(NC.ERT)

(b) 2(Fe(CN)g[* ™ (ag) + H,0,(aq) + 2H *(ag) — 2[Fe(CN)g]* ~(ag) + 2H,0(ag)
(¢) 2[Fe(CN)s]*~(ag) + 20H " (ag) + H,04(ag) — 2{Fe(CN)s]*~(ag) + 2H,0())
(d) BrOjg (aq) + F,(g) + 20H " (ag) — BrO; (ag) + 2F~ (aq) + H,0h

(€) 2ZNaClO, (ag) + I,(ag) —

2NalO,(aq) + Cl(g)
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Oxidants : (@) H* (b} H,0; () [Fe(CN)l*~ () Fp () I

Reductants : (@) Zn (b) [Fe(CN)gl*~ (€) H,0, (d) BrO; (¢) NaClO,,

9.4. Classification of Redox Reactions :

All the redox reactions may be divided into
the following two types :

() Direct redox reactions. Redox reactions in
which axidation and reduction take place in the same
vessel are called direct redox reactions. For ex-

~ample,

(i) Displacement of copper from CuSO, solu-
tion when a zinc rod is dipped in it.

(i) Reduction of HgCl, to Hg,Cl, by SnCl,.

(b) Indirect redox reactions. Redox reactions
in which oxidation and reduction take place in dif-
ferent vessels are called indirect redox reactions.
These indirect redox reactions form the basis of
clectrochemical cells.

9.5. Direct Redox Reactions—Oxidation-
Reduction Reactions in a Beaker :

Take a zinc rod and clean it well with a sand
paper. Now place it in a solution of copper sulphate
in a beaker [Fig. 9.1(a)] for a few minutes. A spon-
taneous reaction occurs and the following changes
would be observed.

(i) Zinc rod gradually starts dissolving.
(ii) Copper metal either starts settling at the
bottom of the beaker or depositing on the zinc rod.
(iii) The blue colour of the solution starts fading.

(iv) Thereaction is exothermic and the solution
becomes hot.

(v) The solution remains electrically neutral
throughout.

Let us try to explain these observations :

In aqueous solution, CuSQO, dissociates to
form Cu?*(aq) and SO}~ (aq). When zinc rod is
dipped in CuSO, solution, the following redox
reaction occurs :

Oxidation ({oss of 2¢7)
=,

Zn(s) + Cu?*(ag) —— Zn?"(ag)+Cu(s)
(D)
|— Reduction (gain of 2¢7) ——T

In this reaction zinc acts a reducing agent and
reduces Cu?* to Cu metal by transferring two
electrons.

Thus, during this redox reaction, zinc gets
oxidised to Zn** ions while Cu?* ions get reduced
to copper metal. On the basis of this redox reaction,
all the above observations can be easily explained :

(i) Since zinc is being oxidised to Zn** ions
which go into solution, therefore, zinc rod starts
dissolving.

(if) Since each Cu?* jon accepts two electrons
lost by zinc, therefore, Cu?* ions are reduced to
copper metal which, in turn, settles down at the
bottom of the beaker.

Mathematically,
Loss in wt. of zincrod_ _ __Eq. wt. of zinc
Wt. of copper deposited ~ Eq. wt. of copper

W e
T 3175

(iif) Since the Cu* ions are reduced to cop-
per metal, the blue colour of the solution which is
due to Cu?¥ ions slowly starts fading.

(iv) Since the above reaction occurs of its own,
it is regarded as a spontaneous change and hence
AG of the reaction must be negative. In other words,
a certain amount of energy must be released in the
reaction which appears as heat and hence the solu-
tion becomes hot.

(v) Since each Zn atom loses two electrons and
each Cu?* ion accepts two electrons, therefore, the
number of electrons lost in the oxidation half reaction
is equal to the number of electrons gained in the
reduction half reaction. As a result, the solution
remains electrically neutral throughout.

Similarly, when a copper rod is placed in a
solution of silver nitrate in a beaker, we observe that
the solution again becomes hot and copper rod starts
dissolving. This is apparent from the fact that the
solution which was originally colourless starts
changing to blue due to the oxidation of Cu to
Cu?* jons. At the same time, Ag™ ions get reduced
to silver metal which in turn, settles down at the
bottom of the beaker [Fig. 9.1 {(b)]. The overall
redox reaction may be written as follows :
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r—Oxidation (loss of 2¢7) _\]r

Cu(s) + 2Ag%(@ag) —— Cu*(ug) + Ag(s) 3

L Reduction (gain of 267) _J (i)

cu?* JONS

ﬂ’\\?“ IONS
{N WATER |

WATER

COPFPER
ROD

FINE PARTICLES
OF SILVER METAL

FINE PARTICLES
OF COPPER METAL

FIGURE 9.1. (a) Zinc dissolves to form Zn2* jons
while Cu?+ ions get reduced to copper metal which
settles down in form of fine particles at the bottom
of the beaker.

(b) Copper dissolves to form Cu2* jons while Ag+
ions get reduced to silver metal which settles doum
in form of fine particles at the bottom of the beaker.

In this reaction, copper acts as areduces agenl
and reduces Ag* to Ag metal by transferring two
electrons.

In the first reaction, oxidation of zinc cannot
oceur unless Cu?* jons aceept electrons and reduc-
tion of Cu** jons cannot occur unless zinc donates
electrons. Similarly, in the second reaction, oxida-
tion of copper does not occur unless Ag* ions
accept electrons and reduction of Ag* jons cannot
occur unless copper metal donates electrons.

Thus, we conclude that oxidation-reduction
are complementary processes, i.e., one cannot occur
unless the other occurs simultaneously. In oher
words, one reactant is oxidised at the expense of the
other which is reduced.

It may be mentioned here that the role of a
substance to act as an electron donor or an electron
acceptor and hence as a reductant or an oxidant
depends upon electron-accepting or donating
ability of the other reactant. For example in Eq. (7),
and Eq. (i), the roles of Cu** and Cu are reversed.
in Eq. (i), Cu** acts as an oxidising agent and
axidises Zn to Zn** while in Eq. (ii), Cu acts as a
reducing agent and reduces Ag* to Ag. The reason
being that electron-donating ability of zinc is more

than that of Cu while electron donating ability of Cu
is more than that of Ag.

8.6. Redox Reactions in Aqueous Solitions msss

A large number of redox reactions occur in
aqueous solutions. Unlike acid-base and precipita-
tion reactions which occur very quickly, most of the
redox reactions proceed slowly in aqueous solu-
tions. Each redox reaction can be considered as a
sum of two half reactions — one involving axidation
called oxidation half reactlon and the other invoiy-
ing reduction usually cailed reduction half reaction.
To explain these half reactions, let us consider the
oxidation of aqueous potassium iodide byhydrogen
peroxide. This reaction can be divided into the
lollowing two half reactions

217 (aq) — L, (s) + 2e" (oxidation)
H,0, (eq) +2¢™—>20H" (eq) (reduction)

In order to get the overall equation for the
redox reaction, the following two procedures are
used. The underlying principle of both these pro-
cedures is that the number of electrons lost during
owidation haif reaction must be equal to the number
of electrons gained during the reduction half reaction.

(i) The two half reactions are simply added if
the number of electrons lost during oxidation are
equal to the number of electrons gained during
reduction. For example,

217 (ag) — L, (s) + 2~ (axidation)

H;0, (aq) +2¢™—> 20H" (reduction)

Overgll redox reaction :
217 (agq) + H,0, (ag) — L{)+20H" (ag)

This represents the net balanced ionic equa-
tion.

Supplying the required number of spectator
ions, the balanced redox equation is :

2KI (ag) + H,0, (aq) —> I, (s) + 2 KOH (aq)

The ions which do not take part in any reaction
but are simply added to balance the charge are called
spectator ions. For example, in the above equation
K* ions are the spectator ions.

(i) If the number of electrons lost during
oxidation half reaction are different from the num-
ber of clectrons gained during reduction half reac-
tion, the two half reactions are multiplicd by
suitable integers so that when the two cquations are
added, the electrons cancel out of the final redox
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equation. For example, consider the oxidation of
aqueous ferrous sulphate to ferric sulphate by
aqueous acidificd KMnO, solution.

MnOj (ag) + 8H* (ag) + 5¢ —
Mn?* (aq) + 4 H,O (f) (reduction)
Fe?* (ag) —> Fe3* (ag) + ¢7] x5

(oxidation)

Overall redox reaction:
MnO; (eq) + 5 Fe¥ (aq) + 8H™ (ag)
— Mn?* (aq) + 5Fe** (aq) + 4 H,0 ()

Supplying the required spectator ions, the
complete balanced redox equation is

KMnO, (aq)+5 FeSOy4 (aq)+4 HS0, (aq) —>
MnSO, (aq) + 5/2Fe,(S0,); (aq) + 4H,50, ()

To eliminate fractional numbers, muitiply the
entire equation by 2. We have,

2 KMnOy(aq)+10 FeSO,(aq)+8 H,S0,(2q) —
2 MnSO, (aq) + 5 Fe,y(SO,), (aq) + 8 H,O ()

For further illustration, consider the following
equations :
(ii}) Oxidation of sodium thiosulphate (o
sodium teirathionate by aqueous iodine
28,0} (aq)— S,0¢ (ag) +2¢~
(axidation)
I; (aq) + 2™ —> 21" (aq) (reduction)

Overall redox reaction :
25,037 (ag)+1, (aq) — S40¢ ™ (ug)+21” (aq)

Supplying the required number of spectator
ions, the balanced redox equation is

Na,S§,0 (aq) + 2 Nal (aq)

(iv) Reduction of acidified potassium
dichromate by sulphur dioxide.

Cr, 03 (aq) + 14HT (aq) + 6~ —
2Ce* (ag) + 7H,0 (}) (oxidation)
S0, (g) + 2H0 () —
SO~ (aq) + 4H™ + 2¢7] X 3 (reduction)

Overall redox equation :
Cr,0%” (ag) + 350, (g) + 2H™ (ag)—>
2Cet (aq) + 380%™ (ag) + H,O ()

Supplying the required spectator ions, we
have

K,Cry07 (aq) + 380, (g) + HyS804 (aq) —
K,SO, (aq) + Cry(SO,); (aq) + H,O (/)
(v} Reduction of mercuric chloride to mer-
curous chloride by stannous chiloride.
Sn2* (ag)— Sn** (aq) + 2¢~ (oxidation)
Hg?* (aq) + ¢”—> Hg* (aq)) X 2
(reduction)
Overall redox reaction :
Sn** (aq) + 2HE™* (ag)—>
Sn** (aq) + 2Hg™ (aq)
Supplying the required spectator ions, we
have

SnCl, (aq) + 2 HgCl, (aq) —
SnCl, (agq) + Hg,Cl, (5)
(vi) Self oxidation reduction of Cl, in presence
of alkali
Cl{(g) + 2¢e~ — 2CI" (aq){ X 5

(reduction)
Cl, (g) + 120H™ (ag) —
2CIOS (ag) + 6 H,O () + 10e”

(oxidation)

Overall redox equation :
6 Cl, (aq) + 120H™ (agq) —
10 Cl™ (ag) + 2 ClO;5 (agq) + 6 H,O (V)

To remove the common factor, divide the en-
tire equation by 2. We have,

3CL{g)+60H™ (aq) —
5CI™ (aq) + ClO;5 (eaq) + 3 H,0 ()

Supplying the required spectator ions, we
have,

3.Cl, (g) + 6 KOH (ag) —
5KCl (aq) + KCIOj (ag) + 3 H,0 ()
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1. Write the half reactions for the following redox
reactions :

(a) Fe*™ (ag)+21~ (ag)— 2Fe?™ (ag)+1, (ag)
(b) Zn () + 2H™ (ag)— Zn?* (ag) + H, (2)

() Al () +3ag™ (ag)— AT (ag) + 3Ag ()
(NC.ERT)

2. Split the following redox reactions in the oxidation
and reduction half reactions.

{a) 2K () + Clp (8) — 2KCI ()
(b) 2A1(s) + 3Cu?t (ag) —
2A837Y (ag) + 3Cu ()
(NCERT)

AN S W E R's

L@aA~ @p—Lap+2¢~  _onidation

Fe3* (ag) + ¢~ —— Fe** (ag) [x 2 ..Reduction

2Fe*™ (ag) + 217 (ag)— 2Fe?* (ag) + 1, (ag)

..Overall redax reaction

() Zn(s) — Zn** (ag) + 2¢~ ..Oxidation

2HT @) +2¢7 — Hy3 @) Reduction
Zn(s) + 2HY (aq) — Zn* (ag) + H, (g)

-..Overall redax reaction

(c)Al () —— APt @ag)+3e™ . .Oxidation

Ag* (aq) + ¢ —— Ag(5) ] x 3 ...Reduction

Al(s) +3ag™ (@) — APY (aq) + 3Ag (5)

.Overall redox reaction
LK@ — Kr@+e7[x2 ..Oxidation
Clo@+2¢ —— 2017 @& . Reduction

Kt @ +ct @@ — KCl(s)[x2

2ZK () + CL, (8) —— 2KCl (5)
..Overall redox reaction
() Al s) — AP* (ag) + 3 ¢~ [x 2..Onddation
Cu?* (ag)+2¢” —— Cu () [x3 ..Reduction

24l (5) + 3Cu?* (ag) — 2AP* (g) + 3Cu (v
..Overall redox reaction

9.7. Oxidation Number e L e S BTN

As already discussed, oxidation-reduction
reactions involve the transfer of electrons from one
atom or ion to the other. In case of ionic reactions,
it is very easy to determine the total number of
electrons transferred from one atom or ion to the
other. However, in many redox reactions involving
covalent compounds, it is not so easy to determine
(¥} direction of transfer of electrons and (i) number
of clectrons transferred from one reactant to the
other simply by looking at the chemical equations.
For example, in the following redox reaction,

H, () + Cl, (g) — 2HCI (g}

both the reactants and the products are covalent
compounds. From our knowledge of chemical
bonding, we know that during the formation of HCI
molecule, an electron pair is shared between
hydrogen and chlorine atoms and that electron is
not completely transferred from hydrogen to

chlorine atom. Yet in HCl molecule, CI atom has
higher electron density and thus there is a partial
transfer of electronic charge from hydrogen to
chlorine. In other words, we can easily say that
hydrogen is a reductant and chlorine is an oxidant.
Similarly, in the reaction,

CH, (g) + 4F, (8)— CF, (g) + 4HF (g)

CH, acls as a reducing agent and F, acts as an

oxidising agent. With a view to identify oxidant and
reductant by keeping track of number of electrons
transferred from one reactant to the other both in
ionic and covalent compounds, and to help in
balancing of equations, the concept of oxidation
number was introduced. Thus,

Oxidation nomber of an element may be defined
as the charge which an atom of the element has in
its ion or appears fo have when present in the
combined state with other atoms. Oxidation num-
bers are also called oxidation states.
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9.7.1. Rules for assigning Oxidation Num-
bers.

The following rules are applied to determine
the oxidation number of an atom in an ion or a
molecule.

1. The oxidation number of all the atoms of
different elements in theirrespective elementary siates
and allotropic forms is taken to be zero. For example,
inN,,ClL,H,,He,P,,§;,0,,0,,C (diamond
or graphite), Br,, Na, Fe , Ag etc., the oxidation
number of each atom is zero.

2. The oxidation number of a monoatomic ion
is the same as the charge on it. For example, oxida-
tion numbers of Na*, Mg?* and AP* ions are +1,
+2 and +3 respectively while those of CI~, §2~
and N*>~ ions are —1, —2 and —3 respectively.

3. The oxidation number of hydrogen is +.J_—

when combined with non-metals and is — I when
combined with active metals called metat fiydrides
sweh as LiH, KH, MgH, , CaH, etc.
" 4. The oxidation number of oxygen is —2 in
most of its compounds, except in peroxides like
"H,0,, BaO, etc. where it is — I. Another interest-

ing exception is found in the compound OF,

(oxygen diftuoride) where the oxidation number of
oxygen is +2. This is due to the fact that fluorine
being the most electronegative element known has
always an oxidation number of —1.

5. In compounds formed by union of metals
with non-metals, the metal atorms will have positive
oxidation numbers and the non-metals will have
negative oxidation numbers. For example,

(@) The oxidation number of alkali metals (Li,
Na, K etc.) is always + 1 ar: 1 those of alkaline earth
metals (Be, Mg, Ca eic) is +2.

(b) The oxidation number of halogens (F, Ci,
Br, 1) is always — I in metal halides such as KF,
AICl,, MgBr,, Cdl,. efc.

6. In compounds formed by the union of dif-
ferent elements, the more electronegative atom will
have negative oxidation number whereas the less
electronegative atom will have positive oxidation
number. For example,

{a) N is given an oxidation number of —3
when it is bonded to less electronegative atom as ia
NH, amd NI, but is given an oxidation aumber of
+3 when it is bonded to more electronegative
atoms as in NCl,.

(b) Since fluorine is the most electronegative
element known so its oxidation number is always
— linits compounds i.c. oxides, interhalogen com-
pounds etc.

(c) In interhalogen compounds of F, Cl, Br,
and I ; the more electronegative of the two halogens
gets the oxidation number of — 1. For example, in
IF,, the oxidation number of F is — 1 while that of
Lis +7. Similarly, in BrCl,, the oxidation number
of Clis —1 while that of Bris +3.

1. Inneutral compounds, the sum of the axida-
tion numbers of all the atoms is zero.

8. /n complex ions, the sum of the oxidation
numbers of all the atoms in the ion is equal to the
charge on the ion.

With the help of above rules, we can find out
the oxidation number of any ¢lement in a molecule
or an ion. Metals invariably have positive oxidation
numbers while non-metals may have positive or
negative oxidation numbers. Transition metals
usually display several oxidation numbers. The
highest positive oxidation number for s-block ele-
ments is equal to its group number but for p-block
elements it is equal to group number minus 10
(except for noble gases). However, the highest
negative oxidation number for p-block elements is
equal to eight minus the number of electrons in the
valence shell. In other words, the highest positive
oxidation state increases across a period in the
periodic table. For example, in the third period, the
highest positive oxidation number increases from
+1to +7 as shown below :

Na* (+1), Mg2* (+2), AP* (+3), Si (+4 as
in 8iCl,, SiO, etc.), P (+ 5 as in PF, , P,O g etc.), S
(+6 as in SFg, SO; etc.) and Cl (+7 as in CL,O, or
ClO; ion).

As stated above oxidation numbers are also
called oxidation states. For example, in H,O, the
oxidation number and oxidation state of hydrogen
is + 1 while that of oxygen is —2.

We shall now illustrate the use of above rules
in determining the oxidation numbers and also for
identifying the reductants and oxidants in redox
reactions.

LXAMPLE 9.2. Calculate the oxidation num-
ber of (i) § in H,S, (ii) Cin COy, (iii) Cin CH)Cl,,
{iv) Nin (NH,),80,, (v) Pb in Pb,O, and (vi) P in
Na PO,
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Solution. (i) § in H,S. Let the oxidation
number of S in H,S be x. Writing the oxidation
number of each atom above its symbol,

il i
H, 8§
(-.- Oxidation number of H is +1)

Sum of oxidation numbers of vartous atoms in
H,S

=2+1)+x=2+x

But the sum of the oxidation numbers of

various atoms in H,S (neutral) is zero (Rule 7).
R (N DTS = e 20

Thus the oxidation numberof S in H,S is —2.
b (if) C in CO,. Let the oxidation number of C
in €O, be x. Writing the oxidation number of each
atom above its symbol,

x =2
C O
(. Oxidation number of O is —2)

2. Sum of the oxidation numbers of various
atomsinCO, =x+2—2)=x—-4

But the sum of oxidation numbers or various
atoms in CO, (neutral) is zero (Rule 7).

x—4=0 or x=+ 4

Thus the oxidation number of Cin CO4is +4
e  (iii)C in CH,Cl,. Let the oxidation number of
C in CH,Cl, be x. Writing the oxidation number of

cach atom above its symbol,
T T =
C H, Cl
(. Oxidation number of His +1 and
that of Clis —1)
. Sum of the oxidation numbers of various
atoms in CH,Cl, = x+ 2(+ 1)+ 2(—1)=x
But the sum of the oxidation numbers of
various atoms in CH,Cl, (neutral) is zero (Rule 7).
x=0
Thus, the oxidation number of C in CH,Cl, is
2ero
¢  (iv) Nin (NH,),S0,. Let the oxidation num-
ber -of nitrogen in (NH,),SO, be x. Writing the

oxidation number of hydrogen above its symbol and
that of SO~ ion above its formula.

x +l -2
N H, |, SO,
(. Oxidation number of SO~ is —2)
.. Sum of oxidation numbers of all the atoms
in {(NH,), SO,
= 2x4+2+1x4)+(-2)=2x+6
But the sum of oxidation numbers of all the
atoms in (NH,),S0, (neutral) is zero (Rule 7).
2x+ 6= Qorx= —3.
Thus the oxidation number of nitrogen in
(NH,), 80, is -3
¢ (v) Pbin PbyQ,. Let the oxidation number of
Pb in Pb,0, be x. Writing the oxidation number of
each atom above its symbol
x =2
Pb, 0,
(.- Oxidation number of O is —2)
. Sum of the oxidation numbers of all the
atoms in Pb;O,
2 =3)x+4-2)=3x—-8
But the sum of oxidation numbers of all the
atoms in Pb,0, (neutral) is zero (Rule 7).
3x—8=00r x=8/3
Thus the oxidation number of Pb in Pb,O, =
&8/3.
(vi) Pin Na,PO,. Let the oxidation number of
P in Na,PO, be x. Writing the oxidation number of

cach atom above its symbol,
LML 2 X
Na, P O,
(. Oxidation number of Na is + 1 and that of O
is —2)
Sum of the oxidation numbers of various
atoms in Na,PO,
=3+ +x+4-2)=x-5
But the sum of oxidation numbers of all the
atoms in Na;PO, (neutral) in zero (Rule 7).
x— 5=00r x= 435
Thus the oxidation number of P in Na,PO, is
+5
DRAMUPLLE Bk Calculate the oxidation num-
ber of
(i) N in NOy ; (ii) P in H,P,07 (iii) C in
CO§_, fiv) Clin ClIO, and (v) Crin CJ'ZO-Z,_.
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Solution. (i) N in NO;. Let the oxidation
number of N in NO;~ be x. Writing the oxidation

number of each atom above its symbol.
x -2
N O
~. Sum of the oxidation number of all the
atoms in NOy ion= x+3(—-2)=x~6
But the sum of oxidation numbers of all the
atoms in NOj ion is equal to the charge present on
it, i.e. — 1 (Rule 8)
x=6=—lorx= +5
Thus the axidation number of N in NOy is +5
(ii) P in H,P,0; . Let the oxidation number of
P in H,P,07 bex. Writing the oxidation number of

cach atom above its symbol.
= x -1
H, Bp |0,

(- Oxidation number of His +1 and
that of Q is —2)

Sum of the oxidation numbers of all the atoms
in H,P,OF

=+1xX3+2x)+7(—2)or 2x—-11

But the sum of oxidation numbers of all the
atoms in H,P, O3 is equal to the charge present on

iti.e. —1 (Rule 8)
2x—=1l= —lorx= +5
Thus the oxidation number of P in H,P,05 is
435
(iii) C in CO3}". Let the oxidation number of
C in CO%™ be x. Writing the oxidation number of

each atom above its symbol,
=2
C O
.. Sum of the oxidation numbers of all the
atomsin CO3"ion = x+ 3(-2)=x -6
But the sum of oxidation numbers of all the
atoms in CO2™ ion is —2 (Rule 8)
-2
or M=y
Thus the oxidation state of Cin CO%™ is +4
¢ (v) Clin C1O; . Let the oxidation number of
Cl i ClO; be x. Writing he oxidation numbers of
each atom above its symbol,

x— 6=

Xepor =
Cl O,
. Sum of oxidation number of all the atoms
inClOT ion =x+4-2)=x—-28
But the sum of oxidation numbers of all the
atoms in C1O, ion 1s equal to the charge present
onit, ie., —1 (Rule 8)
SR e dia N e ) el e e < 7]
Thus the oxidation number of Clin CIO, is
+7
# (v) Crin Cr,0%". Let the oxidation number
of Cr in Cr,03~ be.x. Writing the oxidation number
of each atom above its symbol.
x =7
Cr, O,
. Sum of the oxidation numbers of all the
atoms in Cr,037ion = 2(x) + 7(~ 2) =2x — 14
But the sum of oxidation numbers of all the
atoms in Cr,02" is equal to the charge on it, i.e.,
—2 (Rule 8)
' 2x~14=2 or x= 6
Thus the oxidation number of Crin Cr,0%™ ion
ir +6
* _ EXANIPLEY.4. Whatis the the oxidation num-
ber of metals in (i) [Fe(CN)¢]*~ and (ii) MnO; ?
Solution, (i) Fe in [Fe(CN)G]‘—. Let the
oxidation number of Fe in [Fe(CN)¢J*~ be x. Writ-
ing the oxidation number of each atom above its
symbol and that of cyanide ion above its formula,
we get

x —d] 4
Fe  (CN)g
. Sum of oxidation numbers of all the atoms
in [Fc(CN)5]4_ =x+6(-1)=x—-6
But the sum of oxidation numbers of all the
atoms in Fe(CN)4J*~ is equal to —4. (Rule 8)
Xx—6=—-4 or x=+2
Thus the oxidation number of Fe in
[Fe(CN)J*~ is +2.
(ii) Mn in MnOyj . Let the oxidation number
of Mn in MnO;~ be x. Writing oxidation number of

each atom above its symbol, we get
x -2

Mn 04
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x—8=—
=t T
Thits, the oxidation numbper of Mn in MnQy is

R ; i R
= r—- '-

OWLEPGE ™

<. Sum of the oxidation numbers of all the
atomsin MnO; = x+4(-2)=x—8 or

But the sum of oxidation numbers of all the
atoms in MnO; is —1 (Rule 8) +7

D YO

The O.N. of C in its various compounds containing only H and O atoms can be easily calculated by the
no {2y~ ny (1)
e

application of the following formula : ny (1) + ng (- 2) + n, (O.N. of C)=0or O.N. of C =

where ny, , ny and ne are the number of H, O and C atoms in the given compound. For example,

| Compound ng ng e Gl (2) - ng (1)
fic
CH, 4 0 1 02)—4()/1=-4
CH, 6 0 2 0(2)-6()/2= -3
C,H, 4 0 2 0@Q) —4(l)/2=-2
CH,0H 4 1 1 W) =d(1)/1=—2
GH, 2 0 2 0(2)~2(l)y/2=-1
CH,O0 2 1 1 1@ -2(1)/1=0
HCOOH 2 )] | 1 2 -2(1)/1=+2

If a compound contains two or more atoms of the same element, the O.N. determined by the application of
the abave rules is only an average of the O.N. of all the atoms present in the molecule. For example, O.N. of
Fe in Fe;0, (magnetic oxide of iron) is 3x + 4 x — 2= 0 or x = + 8/3. Similarly, in ferriferrocyanide,

Fe, [Fe(CN)4], molecule the average O.N.of Feis 7x+18x -1=0 or x= 18/7.

The actual oxidation numbers of individual atoms can, however, be determined if the stoich iometry or the structure
of the compound is known as discussed under ‘Additional Useful Information for Competitive Examination.

a7

Ny

e R
o i X Mgl

5. Find out the oxidation number of sulphur in the

PROBLEMS FOR |

1. Find the oxidation number of the element in bold

in the following species :
(i) SiH,, BH,, BF;, $,03~ BrO; and HPO} ™~
(NCERT)
() PbSO,, U,03~, B,0%~, CrO}~, K,MnO,.
2. Determine the oxidation number of Cin the follow-
ing:
GHg, C4Hyq, CO, CO, and HCOy. (N C ER T)
3. Determine the oxidation number of O in the fol-
lowing :
OF;, Na,0, and CH,COOH. (NCERT)
4. Find out the oxidation number of Clin HCt, HCIO,
ClO,, Ca0Cl, and CIO,. (NC.ERT)

following species :
(NH,),50,, H;80,, 5,03, 5,037, HSO; and

HSO; . (NCERT)

6. Determine the oxidation number of all the atoms
in the following well known oxidants

KMnO,, K,Cr,0, and KCIO,,. (NCERT)

7. Determine the change in the oxidation number of
S in H,S and SO, in the following industrial reac-

tion :
2H,S (g) + 50, (§)— 38 (5} + 2H,0 ()
(NC.ERT)
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L()Si=-4inSiH, B=-3inBH,;, B= +3in
BFy, § = +2in 5,037, Br = + 7in BrO; and
P =+ 5in HPOZ™,
()S=+6inPbSO,, U=+5inU,04" B=+
3in B,0}~,Cr= + 6in CrO¥ and Mn = + 6 in
K,MnoO,.

2. O.N.of C = -3in GHg, -2-5in CyHypp, + 2in
CO, + 4in CO, and + 4in HCO; .

J3ON. of O = + 2in OF,,-1in Na, O, and - 2

4. ON.of CI = - 1in HCl, + 1 in HCIO + 7 in
ClOy” in CaOCl, and + 4 in CIO,.

50N of § = + 6in (NH 4),80,, H,80, and
HSO; and S,03™, + 4 in HSO; and + 3 in
5,02,

6 K=+1Mn=+70=-2K=+ 1,Cr=+ 4,
0=-2;K=+1,Cl=+70=-2

7. O.N. of S changes from - 2 in H,S and + 4 in
S0, to zero in elemental sulphur.

in CH,COOH.

2.8. Hedeox Reactions in Terms

Number ssssmmmsrsmys

relclatior
JXiCaton

9.8.1. Oxidation and Reduction in terms of
Oxidation Number,

In terms of oxidation number,

Oxidation may the defined as a chemical change
in which there occurs an increase in the oxidation

number af an atom or atoms whi!e'i'edtgction may
be defined as a chemical change in which there

occurs a decrease in the oxidation number of an

alom or atoms. A redox reaction muy then be
defined as a reaction in which the oxidation number
of atoms undergoes a change.

For example, consider the reaction between
zinc and hydrochloric acid. Writing the oxidation
number of all the atoms above their respective
symbols, we have,

[ D=idised —==4
1] HF =1 21, 0
Znis) +2H CI —— Zn (), +H,

Rt:du::t'.cl———"A

In this reaction, the oxidation number (ON)
of zinc increases from 0 to +2, that of hydrogen
decreases from +1 to 0 while that of chlorine
remains unchanged. Thus, zinc is oxidised while
hydrogen is reduced.

For further illustration, consider the following
examples.

r—Oxidised——‘L
Hling =1MpiED 0 )
@O2H 1+ ¢l ——L({s) + 2ZH (I

L——Reduced——j‘

Here, the oxidation number of iodine in-
creases from —1 to 0, that of chlorine decreases
from 0 to —1 while that of hydrogen remains un-
changed. Therefore, Hl is axidised to I, while Cl, is

reduced to Ci~ ions.

I——Oxidiscd
+4 -2 0 0 +3 -2
(#)3Mn O, + 4Al —— 3Mn + 2AlL, O
Reduced

Here, the oxidation number of Mn decreases
from +4 to 0, that of Al increases from () to +3
while that of oxygen remains unchanged. Thus,
MnO, is reduced to Mn while Al is oxidised fo

ALO,.

|——Reduccd——¢
+7-2 = gy +2 0 -2
(fi})2Mn O +10C| +16H—2 Mn+5 CL,4+8 H, O
Oxidised

In this reaction, the oxidation number of man-
ganese decreases from +7 in MnOJ to +2 in

Mn?* jons, that of chlorine increases from —1 in
CI™ ion to 0 in Cl, gas while that of oxygen and
hydrogen remain unchanged. Therefore, MnO; is
reduced while CI™ is oxidised.

9.8.2. Oxidising and Reducing agents in
terms of Oxidation Number

Oxidising agents or Oxidants. Since oxidising
agents are electron acceptors and acceptance of
electrons causes a corresponding decrease in the
oxidation number, therefore, in terms of oxidation
number,
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An oxidising agent or an oxidant may be
defined as a substance the oxidation number of
whose atom {or atoms) decreases.

For instance, in the above examples, f.e., (f) to
(ifi), the oxidation number of chlorine decreases
from 0 in Cly to —1 in C1™ ion ; that of managanese

decreases from +4 in MnO, to 0 in Mn ; that of
manganese decreases from +7in MnOj to +2in
Mn?t ion. Therefore, all the three, ie, Cl ,
MnO, and MnO; are oxidising agents or oxidants.

Similarly, the oxidation number of N decreases
from +5 in KNO, to +3 in KNO,, therefore,

KNO, is an oxidising agent.

|—-—O.N. decreases i
+5 +3
2KNO, 2KNQ,

—

Likewise, KCIO, is an oxidising agent since
the oxidation of Cl decreases from +5in KCIO; to
—1in Cl”™ ion.

O.N. decreases
+5 -1
2K ClO, 2KCl + 30,

—————

Therefore, KCIO, also acts an oxidising agent

Reducing agents or Reductants. Since reduc-
ing agents are electron donors and donation of
clectrons causes a corresponding increase in the
oxidation number, thercfore, according to the
oxidation number concept,

A reducing agent or a reluctantmay be
definéd as a substance, the oxidation number af
whose atom {or aloms) increases.

For instance, in the examples (i) to (iii), the
oxidation number of iodine increases from —1 in
HI to 0 to 1, ; that of aluminium increases from 0 in

Alto +3 in ALO; and that of chlorine increases
from —1in Cl~ ion to 0 in Cl,. Therefore, all the

three, i.e., HI, Al and CI™ ion are reducing agents.
Further consider the following redox reaction be-
tween H,S and HNO,.

O.N. increases —,
2 +5 ) 0

H,S +HNO; NO + S +H,0
i O.N, dccrcasch

Here, the oxidation pumber of S increases
from — 2in H,S to 0in elemental sulphur, while that

of N decreases from +5 in HNO; to +2 in NO,
thercfore, H,S is a reducing agent while HANO;inan

——

oxidising agent.
* ENAMPLL Y.5. fdentify the oxidant and reduic-
tant in the following reactions :
(a) 10H* (aq) + 4Zn (s} + NOy (ag)—
4Zn** (aq)y + NH} (aq) + 3H,0 ()

(b) 1, (8) + HyS (g)—> 2HI (&) + 5 (5)
(N.C.E.R.T)
Solution, (2) Writing the O.N. of all the
atoms above their symbols, we have
+1 0 +5
10H (aq) + 4Zn (s) + NO; (ag) —>
+2 =) +1-2
4Zn*t (aq) + NH (aq) + 3H,0 (/)

Thus, there is no change in the O.N. of H and
O-atoms. O.N. of Zn changes [rom zero in Zn to
+2in Zn?" and, therefore, it is oxidised and hence
Zn acts as a reductant.

The O.N. of N decreases from +35in NOj to
_3inNH; and, therefore, it is reduced and hence
NO; acts as the oxidant.

(b) Writing the O.N. of all the aloms above
their symbols, we have,

0 +1-2 +1 -1 0
I,(g) + H;S (g — 2HI(g) + 5 ()
Here O.N. of H does not change. The O.N. of

I, decreases from zeroinl, to —1in HI, therefore,
1, is reduced and hence it acls as an oxidant. The
O.N. of § increases from —2 in H;S to zero in S,
therefore, H,S is oxidised and hence it acts as the
reductant.

9.9. Distinction between Valency
and Oxidation Number see s

The term oxidation number and valency
have different meanings as discussed below
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Yalency

Oxidation Number

1. Valency is the combining capacity of an element.
It is defined as the number of hydrogen atoms or
double the number of oxygen atoms with which
an atom of Lhe element combines.

2. Valency is only anumber. As such it does not have
plus or minus signs attached to it. For example, in
H,0, the valency of oxygen is two and that of

hydrogen is one.
3. Valency of an element cannnot be zero.

4. Since atoms always combine in simple whole
numbers, therefore, valency of an element is al-
ways a whole number.

5. In some cases, the valency of an element is fixed
in all its compounds. For example, the valency of
C is 4 in all its compounds viz
CH,, CHg, CH,Cl, C,H,
GH,, CH,Cl, , CHCl, and Ccl,.

6. Thevalency of an element may be variable but the
variation is limited to only two values. For the
valency of nitrogen is either 3 or 5 in all its com-
pounds, viz., N,O, NO, N,O,, NO,,

N,Os, Ny, NH,, N;H, and NH,.

Oxidation number is the charge which an atom has or
appears to have when present in the combined state.

Since the oxidation number refers to the charge, it can
be positive or negative. For example, in H,0, the

oxidation number of oxygen is —2 and that of
hydrogen is +1.

Oxidation number of an element can be zero. For
example, the oxidation number of carbon in CH,Cl,

is zero.

Oxidation number may have fractional value. For ex-
ample, the oxidation number of Fe in Fe;0, is + 8/3

and that in Na,S,0, is + 2-5.

The oxidation number of an element may be different
in different compounds. For example, the oxidation
number of carbon is —4 in CH, — 3 in GHg —2in
CH,Cl, - 1in GH,, zero in CH,Cl,, + 2in CHCl,
and + 4in CCl,.

The oxidation number of an element may also be

variable but the variation is too large. For example
oxidation number of N is +1 in N,O, +2in NO, +3

in N;Oy, +4 in NO,, +5 in N,Os, 0 in N, —1 in
N;H;, —2in N,H, and —3 in NH,.

9.10. Oxidation Number and | ature

The compounds of metals which show more
than one oxidation states are distinguished from
one another by placing a Roman numeral such as 1,
IL, III, IV, 'V, VI, VII etc. indicating the oxidation
state of the metal within parenthesis after the sym-
bol or name of the metal. For example, copper
forms two oxides, i.e., Cu,0 and CuO. In Cu,0, the

oxidation number of of copper is + 1 while that in
CuQ, it is +2. Therefore, these two oxides are
distinguished as Cuy(I)O and Cu(I)O oxide

respectively. This system of nomenclature was in-
troduced by Stock and is commonly known as Stock
notation after his name. As anillustration, consider
the stock notations for the following compounds :

’JFﬁ'i"muln and ‘chemical name of the compound Stock notation
Cu,Cl,, Cuprous chloride Cuy(HCl,
CuCl,, Cupric chloride Cu(I)Cl,
FeSO,, Ferrous sulphate Fe(ISO,
Fe,(SO,),, Ferric sulphate Fe,(II1)(SO,),
Cr, 05, Chromiuin trioxide Cr (1IN0,
Na,CrO,, Sodium chromate Na,Cr(VI)O,
V,054 Vanadium pentoxide V,(V)Oq
K,Cr,0,, Potassium dichromate K,Cr(VIDO,
Mn,O,, Manganese heptoxide Mn(VID)O,
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However, in case of compounds of non-metals
which show variable oxidation states, stock nota-
tion is not generally used. For example, two halides
of phosphorus such as PCl, and PClg having phos-

phorous in oxidation state of +3 and + 5 respec-
tively are distinguished by names only, ie.,
phosphorus  trichoride and phosphorus  pen-
tachloride respectively.

9.11. Balancing of Chemical
Equations of Redox Reactions B

According to the ‘Law of Conversation of
Mass’, each chemical equation must be arithmeti-
cally balanced, i.e., the number of atoms of each
element on both sides of the chemical equation
must be equal. Two methods which have been used
to balance all types of chemical equations are

(i) Hit and Trial Method

(ii) Partial Equation Method

However, chemical equations which involve
oxidation and reduction (i.e., redox reactions can
more casily be balanced with the help of the follow-
ing two methods

1. Oxidation ber Method

M. Lon-Electron Method or Half Equation
Method

1. Oxidation Number Method

The various steps involved in the balancing of
redox equations by oxidation number method are :

Step 1. Write the skeletal equation of all the
reactants and products of the reaction.

Step 2. Indicate the oxidation number of each
element above its symbol and identify the elements
which undergo a change in the oxidation number
(O.N.).

Step 3. Calculate the increase or decrease in
oxidation number per atom and identify the oxidising
and reducing agents. If more than one atom of the
<ame element is involved, find out the total increase
or decrease in O.N. by multiplying this increase or
decrease in O.N. per atom by the number of atoms
undergoing that change.

Step 4. Multiply the formulae of the oxidising
and the reducing agents by suitable integers 50 as to
equalise the total increase or decrease in oxidation
number as calculated in step 3.

Step 5. Balance all atoms other than H and O.

Step 6. Finaily balance H and O atoms by
adding H,0 molecules using hit and trial method.

Step 7. In case of ionic reactions,

(a) For acidic medium, First balance O atoms
by adding H,0O molecules to whatever side deficient
in O atoms and then balance H atoms by adding
H* ions to whatever side deficient in H atoms.

(b) For basic medium. First balance O atoms
by adding H,0 molecules to whatever side deficient

in O atoms. The H atoms are then balanced by
adding H,0 molecules equal in number fo the

deficiency of H atoms and an equal number of
OH~ ions are added to the opposite side of the
equation. Remaove the duplication, if any.

These rules are illustrated by the following
examples.

EXAMPLE v.6. Balance the equation,
Mg (aq)+ HNO; (ag) —
Mg(NO3), (ag)+ N;0 @)+ H;0 ()

Solution. Step 1. Find out the elentents which
undergo a change in oxidation number (O.N.}

O.N. increases by 2 per Mg atom

0 +1+5-2 +2 +5-2 Fl 20152

T (0

O.N. decreases by 4 per N atom

Here, O.N. of Mg increases from 0 in Mg
metal to +2 in Mg(NO,), and that of N decreases

from +5in HNO; to +1in N;O.

Step 2. Find out the total increase and decrease
in O.N.

Since there is only one Mg atom on either side
of Eq. (i), therefore, total increase in O.N. of Mg is
2. Further since there are two N atoms in N,O on

R.H.S. and only one in HNO; on L.H.S. of Eq. (i),
therefore, multiply HNO, on LH.S. of Eq. (i) by 2

and thus the total decrease in O.N. of N is
2x4=8

Step 3. Balance increase/decrease in O.N.
Since the total increase in O.N. is 2 and decrease is
8, therefore, multiply Mg by 4. Combining steps 2
and 3, we have,

4 Mg (s) + 2HNO; (aq)—

Mg(NO,), (2g) + N0 (g) + H;0 () ...(i0)
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Step 4. Balance all atoms other than O and H.
To balance Mg on either side of Eq. (i), multiply
Mg(NO,), by 4, we have,

4 Mg (5) + 2 HNO, (ag) —»
4 Mg(NO,), (ag) + N,O (g} + H,0 (1) ...Giid)

Now, there are 10 nitrogen atoms on R.H.S.
of Eq. (i) and only 2 on LHS,, therefore, to
balance N-atoms, change the coefficient of HNO,

from 2 to 10 HNO, by 10, on L H.S. of Eq. (iii}, we
have,
4 Mg (s) + 10 HNO, (ag) —»

4Mg(NO,), (aq) + N,0 (g) + H,0 (1) ()

Step 5. Balance O and H atoms by hit and trial
method.

Since there are 30 oxygen atoms on L.H.S. but
only 26 axygen atoms on R.H.S. of Eq. (iv), there-
fore, to balance O atoms, change the coefficient of
H,0 from 1 to 5, we have,

4 Mg (s) + 10 HNO; (aq) —
4 Mg(NO,), (ag) + N,O () + 5H,0 () ...(»)
The H atoms get automatically balanced.
Thus, Eq. (v) represents the correct balanced equa-
tion.

* EXAMPLE 9.7. Dichromate ion in agqueous
acidic medium reacts with ferrous ion to give ferric
and chromic ions. Write the balanced chemical equa-
tion corresponding to the reaction. (N.C.E.R.T.)

Solution, Step 1. Write the skeletal equation
of the given reaction,
Cr,03" (aq) + Fe** (ag) —>
Cr** (aq) + Fe3* (ag)
Step 2. Identify the atoms which undergo a
change in O.N.

O.N. increases by 1 per Fe atom

+6 -2 +2 3+ 3+
[ Cry O; *~ (aq) +Fe (ag) —> Cr (ag)+Fe (ag)

)

O.N. decreases by 3 per Cr atom
Total decrease =2 x 3 =6
Here O.N. of Fe increases from +2 in Fel*
to +3in Fe** while that of Cr decreases from +6
in Cry0%~ to +3in C3+.

Step 3. Calculate the total increase!decrease in
O.N. Since there is only one Fe atom on either side
of Eq. (i), therefore, total increase in O.N. of Fe is
1. Further since there are two Cr atoms in Cr,05™

onL.H.S. of Eq. () but only one in Cr**, therefore,
multiply Cr** onR.H.S. of Eq. (i) by 2 and thus the
total decrease in O.N. of Cris2 x 3 =6

Step 4. Balance increase/decrease in O.N.
Since total increase in O.N. is 1 and decrease
is 6, therefore, multiply Fe2* by 6. Combining steps

2 and 3, we have,

Cr,03~ (ag) + 6 Fe?* (ag)—

2Ce* (ag) + Fe* (aq) ...(ii)
Step 5. Balance all atoms other than H and O.

To balance Fe on either side of Eq. (i), multiply

Fe** on R.H.S. of Eq. (ii) by 6, we have,

Cry0%" (ag) + 6 Fe?* (ag) + H* —»

2Cr** (aq) + 6 Fe? (ag) (i)}

Step 6. Balance O atoms by adding H,0
molecules. Since there are 70 atoms in Cr, 02" but
only one in H,0, therefore, to balance O atoms,
multiply H,0 by 7 on R.H.S. of Eq. (jii), we have,

Cr,0%” (aq) + 6 Fe?* (ag) + H* (ag) —
2Ce* (ag) + 6 Fe* (ag) + 7 H,0 (1) ..(iv)
Step 7. Balance H atoms by adding H* ions

since the reaction occurs in acidic medium. Since

there are 14 H atoms on R.H.S. and only one on

L.H.5,, therefore, multiply H* by 14 on L.H.S. of

Eq. (iv), we have,

Cr20-2,_ (aq) + Fe?* (eq) + 14 H* (ag) —»
2Cr* (ag) + 6 Fe3* (ag) + TH,O () ...(v)
Thus, Eq. (v} represents the correct balanced

equation.

* EXAMPLE 9.8, Permanganate ion reacts with
bromide ion in basic medium to give manganese

dioxide and bromate ion. Write the balanced cheni-
cal equation for the reaction. (N.CE.R.T.)

Solution, Step 1. White the skeletal equation.
The skeletal equation for the given reaction is :

MOy (ag) + Br™ (ag)—
MnQ, (s) + BrO;j (aq)

Step 2. Find out the elements which undergo a
change in oxidation number (O.N. )
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Q.N. increases by 6 per Br atom Thus, Eq. (v} represents the correct balanced
r | equation.
+7 o +4 +5 N ANIPE 0.0, Balance the oxidation reduc-

MnO; (aq)+Br~ (ag) —>Mn0O, (5)+BrO;’ (aq)
| 1 )
O.N. decreases by 3 per Mn atom

Here, O.N. of Brincreases from —1 inBr~ to
+5in BrOj, therefore, Br™ acts as reductant. Fur-

ther, O.N. of Mn decreases from +7 in MnOy" (o
+4 in MnQ,, therefore, MnO{ acts as oxidant.

Step 3. Find out total increase/decrease in O.N.

Since there is only one Br atom on cither side,
therefore, total increase in O.N. of Bris 6. Further,
since there is only one Mn atom on either side,
therefore, total decrease in O.N. of Mn is 3.

Step 4. Balance increase/decrease in ON
Since the total increase in O.N. 1s 6 and decrease in
O.N. is 3, therefore, multiply MnO; by 2. Combin-

ing steps 2 and 3, we have,
2MnQ; (agq) + Br™ (ag)—
MnO, (s) + BrO;3 (ag) ..Gi)
Step 5. Balance all atoms other than O and H.
To batance Mn on either side of Eq. (i), multiply
MnQ, by 2, we have,
2MnQ; (ag) + Br™ (aq} —
2MnO, (s) + BrOy (aq) ....G#)
Step 6. Balance O atoms by adding H,0

molecules. Since there are 8 oxygen atoms on
L.H.S. of Eq. (iif) and only 7 on the RH.S,, there-
fore, add one H,0 to the R.H.S. of Eq. (iif), we

have,
2MnQ; (ag) + Br™ (ag)—
2MnO), (s) + BrOj (aq} + H,0 () ..(v)
Step 7. Balance H atoms by adding H,0 und

OH~ since the reaction occurs in basic medium.
Since there are two H atoms on R.HS. and none
onL.H.S. of Eq. (iv), therefore, add 2H,O to LHS.

and 20H™ to R.H.S. of Eq. (iv), we have,

2MnQy (aq) + Bt~ (aq) + ZH,0 =
2Mn0Q, (5)+BrOj (ag)+H,0 () +20H” (2q)

or MnOj (¢g) + Br~ (aq) + H,O ()—
2MnQ, (s) + BrOj (aq) + 20H" (aq) ...(v)

tion reaction,
FeS, + Oy —= Fe 05+ 50,

Solution. This is an cxample of a reaction
which occurs in absence of acids and bases and
hence balancing of O atoms cannot be done by

addition of H,0 molecules but has to be done on

the basis of gain or loss of electrons. To balance
such reactions, following steps are followed :

Step 1. Identify atoms whose oxidation nmun-
bers undergo a change. Writing the oxidation num-
ber of each atom above its symbol, we have,

+2-1 0 +3 -2 +4-2
FeS,+ 0, — Fe, 0;+50,

Here, the oxidation number of Fe has in-
creased from + 2 to +3 and that of S has increased
from — 1to + 4 while that of O has decreased from
(i to —2. In other words, both Fe and § have been
oxidised. Since Fe and § must maintain their atomic
ratio of 1 : 2, therefore, the change af axidafion
number of these two atoms must be considered
together.

Step 2. Determine the total increase and
decrease in oxidation numbers.

Indicating the increase and decrease in oxida-
tion numbers in cach case, we have,

+2 +3
Fe — Fe 11
=1 +4 =1t @)
Sp—== 2§ 107
7 2-
and O, — 20 4] (i)

Step 3. Balance the total increase and decrease
in oxidation numbers.

To balance the total increasc in oxidation
number of Fe and § and decrease in oxidation
number of O, multiply Eq. (if) by 4 and Eq. (iif) by

11, and adding, we have,
+2 -1 A =i -2
4[Fc + S, + 110, —4Fe + 88 +220
(i)
2_

Since O does not occur independently so the

2_.
22 O must be factorized in such a manner that they
become parts of Fe,0; and 50,. Rearranging, Eq.

(iv), we have
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+2 -1 F3 3L 2" W4 2—
4[Fe+S,]+110,—> [4 Fe +6 O]+([8S + 16 O

or 4FeS; + 110, —» 2 Fe,0, + 850,

This represents the required balanced equa-
tion.

II. Ion Electron Method or Half-Reaction
Method

This method of balancing redox equations is
based upon the principle that electrons lost during
axidation half reaction of any redox reaction are
equal to the electrons gained during reduction half
reaction. The various steps involved in this method
are :

Step 1. Write the skeletal equation and indicate
the oxvidation number (O.N.) of all the elements
which appear in the skeletal cquation above their
respective symbols,

Step 2. Find out the species which are oxidised
and which are reduced.

Step 3. Split the skeletal equation into two haif
reactions, i.e., oxidation half reaction and reduction
half reaction .

Step 4. Balance the two haif reaction equations
separately by the niles described below :

(£) In each half reaction, first balance the atorns
of the elements which have undergone a change in
oxidation number.

(1) Add electrons to whatever side is necessary
{o make up the difference in axidation number in
each half reaction.

(iii) Balance charge by adding H* ions if the
reaction occurs in the acidic medium and by adding
OH™ ions if the reaction occurs in the basic
medium,

(iv) Balance oxygen atoms by adding required
number of H,0 molecules to the side deficient in O

atoms.

(v) In the acidic medium, H atoms are
balanced by adding H ions to the side deficient in
H atoms. However, in the basic mediom, H atoms
are balanced by adding H,0 molecules equal in

number to the deficiency of H atoms and an equal
number OH™ ions are included in the opposite side
of the equation. Remove the duplication, if any.
Step 5. The two half reactions are then multi-
Plied by suitable integers so that the total munber af
electrons gained in one half reaction is equal to the
number of electrons lost in the other half reaction.

The two half reactions are then added up. These
rules are illustrated by the following cxamples.

#  EXANMPLE 900, Permanganate ion reacts with
ferrous ion in acidic medium to give Fe’t and
Mn*" ions. Write balanced chemical equation forthe
reaction. (N.C.E.R.T.)

Solution. Step 1. Write the skeletal equation
for the given reaction

MnO; (aq) + Fe?* (eq)—
Mn** (aq) + Fe®* (aq) ...¢)
Step 2. Write the O.N. of all the elements above

their respective symbols.
O.N. decreases by 5 per Mn atom
| ¥
+7-2 +2 2+ I+
MnO) "1 + Fe — Mn + Fe

Q.N. increases by 1 per Fe atom

Step 3. Find out the species which have been
oxidised and reduced and split the given skelcton
equation into two half reactions.

Since the O.N. of Mn decreases from +7 in
MnO; to +2 in Mn?* while that of Fe increases
from +2 in Fe?* t0 +3 in Fe®*. Therefore,
MnOJ gets reduced while Fe* gets oxidised.
Thus, the above skeletal Eq. (i) can be divided into
the following two half reaction equations :

Oxidation half equation :
Fe’* (ag) — Fe** (ag) (i}

Reduction half equation :
MnOy (aq) — Mn** (ag) (i)

Step 4. To balance axidation half equation (i)

(a) Balance all atoms other than O and H not
needed since Fe is already balanced.

(b) Balance the axidation number by adding
electrons. The O.N. of Fe on L.H.S. of Eq. (i) in
Fe?* is +2 while on the R.HLS. in Fe3* is +3.
Therefore, add onee ™ to R.H.S. of Eq. (i), we have,

Fe** (ag) — Fe?* (aq) + e~ (V)

(c) Balance charge by adding H* ions. Not
needed since the charge is already balanced. Thus,
Eq. (i) represents balanced oxidation half reac-
tion.

Step 5. To balance the reduction half equation
(iii)
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(«) Balance all the atoms other than H and Q.
Not needed since Mn is already balanced

MnO; (ag)— Mn*" (aq)

(b) Balance the oxidation mumber by adding
electrons. The oxidation number of Mn in MnO,’
on L.H.S. of Eq. (jii) is +7 and +2 on the RH.S.
Therefore, add Se~ to L.H.S. of Eq. (i), we have,

MG (g S0 == Mn?t (aq) -.(V)

(¢) Balance charge by adding H" ions since the
reaction ocewrs in acidic medium. The total charge
onthe L.HS.of Eq. (v) is —6 and on the R.HS,
it is +2. Therefore, add 8H™ to the LH.S. We
have,

MnOj (ag) +8H (ag) +5¢~ —
Mn2* (aq) ...(vD)
(d) Balance O atoms by adding H,0 mole-
cules. Since there are four O-atoms on the L.H.S.
of Eq. (v) but no O-atom on the RH.S., therefore,
add 4 H,0 to the R.H.S. of Eq. (vi), we have,
MnOj (aq) + 8H™ (ag) + 5S¢~ ——
Mn?t (ag) +4H,0 (agq) ...(vif)
The H-atoms get automatically balanced.

Thus, Eq. (vii) represents the balanced reduction
half equation.

Step 6. To balance the electrons lost in Eq. (iv)
and gained in Eq. (vii), multiply Eq. (iv )by 5 and add
to Eq. (vii), we have,

5Fe (ag) — SFe’* (aq) +5¢
MnOj (ag) + 8H” (ag) + 5¢” —
Mn** (agq) + 4H,0 (/)

MnO; (aq)+5Fe?" (aq)+8H" (ag) —
Mn?t (aq) + SFe*T (ag) + 4H,0 ()
This gives the final balanced redox cquation.
& INAMPLL 901 Balance the equation,
As,S; (5) + NOj (ag) + H (aq) —

AsO3™ (ag) + S (5) + NO (g) + H,O (D)

(N.C.E.R.T.)

Solution. Step 1. To identify the atoms whose

oxidation numbers have undergone a change. Writ-

ing the oxidation number of each atom above its
symbol, we have,

-.(Hi) -

+3 =2 +5
As, S; (5) + NOj (ag) + HY (ag) —>
+5 0 +2
AsO}~ (aq) + S (g) + NO, (g) + H,O ()

Here, the oxidation number of As has in-
creased from +3to +5 and that of S has increased
from —2 to 0 while that of N has decreased from
+5to +2. In other words, both As and § have been
oxidised while NO; has been reduced. Since As
and S must maintain their atomic ratio of 2: 3 (as in
As,Ss) therefore, the change in oxidation numbers of
these two atoms must be considered together. Keep-
ing in view these points, the above redox reaction
can be split up into the following two half reactions :

Oxidation :
8= +5 0
As,S3 (5) — AsO;™ (aq) + S (5) @
+5 +2

Reduction : NO3 (aq) — NO (g)  ..(d)

Step 2. To balance the oxidation half Eq. )]

() Balance all the atoms other than H and 0.
Multiply AsO3~ by 2 and S by 3 on R.H.S. of Eq.
(§), we have,

+3-2 +5 0

AsyS4 (5) —> 2As0}™ (ag) +3S(s) (W)

(b) Balance the oxidation number by adding
electrons. Since each As atom loses two electrons
and there are two As atoms, therefore, due to the
oxidation of As alone add 4 e ~ to R.H.S. of Eq. (iii).
Further, since each S atom loses two electrons and
there are three S atoms, therefore, due Lo the oxida-
tion of S alone, add 6¢~ to R.H.S. of Eq. (iii).
Combining those two oxidation steps together, add
10 e~ to R.H.S. of Eq. (jii). We have,
As,S5 (s)—> 2 AsOy (eq) +3S(s) + 10e¢”

iV

(c) Balance charge by adding H™ ions. The

total charge on R.H.S. of Eq. (iv) is — 16 and zero

on the LH.S,, therefore, add 16 H* to RH.S. of

Eq. (iv) we have,

As,S; (s) — 2AsOy (aq) +3S (%)

4+ 16 HY (ag) + 10e™ ...(v)

(d) Balance O atoms by adding H,0

molecules. Since there are eight O-atoms on the
R.H.S. of Eq. (v) but none on the L.H.S,, therefore
tobalance O-atoms, add 8 H,0 tothe L.H.S. of Eq.

(v). We have,
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As,S, (s) + 8 H,O (1) — 2 AsO} ™ (aq)
+3S(16HY +10e™ ...(vi)

The H-atoms get automatically balunced.
Thus Eq. () represcats the balanced oxidation
half equation.

Step 3. 7o balance the reduction half Eq. (ii)

(@) Balance oxidation number by adding
electrons. Oxidaticn of Nis +5on L H.S. whilc it is
+2onR.HS., therefore, add 3 ¢ ™ to L.H.S. of Eq.
(#i). We have,

(b) Balance charge by adding H* ions. The
total charge on L. H.S. is —4 while it is zero on
R.H.S,, therefore, add 4 H* to L.H.S. of Eq. (vif).
We have,

NO; (aq) + 4H* (ag) + 3¢~ —> NO (g)

we{ViED)

(c) Balance O atoms by adding H,O molecules.

Since there are three O-atoms of the L.H.S. of Eq.

(viii} but only one on the R.H.S,, thercfore, add
2 H,0 to the R.H.S. of Eq. (viii). We have,

NOj (aq) + 4H* (ag) + 3¢~ —
NO (g) + 2H,0 () ..(ix)
The H-atoms are automatically balanced.

Thus, Eq. (ix) represents the balanced reduction
half equation.

Step 4. To balance the electrons lost in Egq. (vi)
and pained in Egq. (ix), multiply Eq. (ix) by 10 and
Eq. (vi) by 3 and add. We have,

3 As,S3 (5) + 24 H,O (1) — 6 AsO3 ™ (4a9)
+9S(s) +48H"* (ag) + 30e”
10NO3 (ag) + 40 H™ (ag) + 30¢™ —
10 NO (g) + 20 H,0 (/)

3 As;S;(s) + 10NO3 (ag) +4H,0 () —
6 AsO}™ (ag) + 95 (s) + 10NO (g) + SH* (aq)
This gives the final balanced redox equation.
¢ EXAMPLE 912 In passing chlorine gas
through a concentrated solution of alkali, we get

chioride and chiorate ions. Obtain balanced chemi-
cal equation for this reaction. (N.CEERT)

Solution. Step 1. White the skeletal equation for
the given reaction g

CL; (g)+OH ™ (aq)—Cl" (aq)+ClO; (ag) ..3)

Step 2. Write the O.N. of all the elements above
their respective symbols.
O.N. of Cl increases by 5 per Cl atom

| ¥
0 1 +3

Cl, ) + OH™ (ag) — CI” (ag) + CIO3 (ag)

O.N. of Cl decreases by 1 per Cj atom
Total increase =2 x 5= 10
Total decrease =2 x —1=-=2

Step 3. Find out the oxidant and the reductant
and split the skeletal Eq. (i) into two half reactions.

Here, O.N, of Cl decreases from 0 in Cl, to
~1 in CI7, therefore, Cl, acts as an oxidant. Fur-
ther, the O.N. of Cl increases from 0in CL, to +5
in ClOy, therefore, Cl, acts as a reductant. In other
words, Cl, acts both as an oxidant as well as a
reductant. Therefore, the two half reactions are :

Reduction half : Cl, (g)— CI™ (aq) ...()

Oxidation half : Cl, (g)— ClO3 (aq) ...(iif)

Step 4. To balance the reduction half equation
(ii).

(a) Bualance all atoms other than O and H.
Since there are 2 Cl atoms. On L.H.S. of Eq. (i)
and only one on the R.H.S,, therefore, multiply
Cl™ ion by 2, we have,

Cl, (ag) — 2CI~ (aq) i)

(b) Balance oxidation number by adding
electrons. The O.N. of Clin Cl, on L.H.S. of Eq. (iv)

is 0 while on the R.H.S. it is —1. Thus each C]
accepts one electron. Since there are two Cl atoms
on the R.H.S,, therefore, add 2¢ ™ to L.H.S. of Eq.
(iv), we have,

Clh(g) +2e~— 2CI™ {ag) «(v)

(¢) Balance charge. Not needed since charge
on cither side of Eq. (v) is balanced. Thus, Eq. (v)
represents the balanced reduction half reaction.,

Step 5. To balance the oxidation half equation
(i)

(@) Balance all atoms other than O and H.

__ Since there are 2 Cl atoms on L.H.S. of Eq.

(iii) and only one on the R.H.S,, therefore, multiply
ClO7 ion by 2, we have,

Cl, &) — 2CIO; (aq) (Vi)
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(b) Balance oxidation number by adding
electrons. The O.N. of Clin Cl, on L.H.S. of eq. ()

is zero while in the R H.S. in ClIO;, it is + 5. Thus,
each Cl atom loses five electrons, Since there are

two Cl atoms on R.H.S., therefore, add 10e™ to
R.H.S. of Eq. (vi), we have,

Cl, (g) — 2CIO5 (aq) + 10e™ ...(vii)

(c) Balance charge by adding OH™ ions since
the reaction occurs in the basic medium. The total
charge on the RH.S. of Eq. (vii) is — 12 and zero
on the R.H.S. Therefore, add 12 OH™ ions to the
L.H.S., we have,

Cl, (g) + 120H" (ag) —> 2CIO; (aq) + 10"
...(viif)
(d) Balance O atoms. The R.H.S. of Eq. (viii)

contains six O atoms but on the L.H.S,, there are
12. Therefore, add 6H,O to the R.H.S., we have,

PROBLEMS FOR PR/

1. Balance the following equations in acidic medium
by both oxidation number and ion electron
methods and identify the oxidanis and the reduc-
tants :

({) MnOy (ag) + C;H,0, (ag)—
Mn?* (aq) + CO, (8) + H,0 ()
(NC.ERT)
(i) H,S (ag) + Cly (8) — S (5) + C1™ (ag)
(NC.ERT)
(iif) MnO;} (aq) + C,H;OH (ag) —
Mn?* (ag) + CH,COOH (aq)
(NCE.RT)
(iv) Bi () + NO3 (ag)— BP¥ (ag) + NO, (g)
(v) Cr,0%7 (ag) + C,H,0 (ag)—
Cr* (aq) + C;H,0; (aq)
(vi) MnOj (aq) + Br ™ (@g)—
Mn?T (ag) + Br; (aq)

(vii) Cu (ag)+NOj (ag)— Cu?* (a)+NO, (8)
(NC.ERT)

Cl (g) + 120H™ (ag)—
2CI05 (aq) + 6H,0 () + 10e™ ..(ix)

By doing so, H atoms are automatically
balanced, therefore, Eq. (ix) represents the
balanced oxidation half equation.

Step 6. To balance the electrons gained in Eq.
(v) and lostin Eq. (ix), multiply Eq. (v) by 5 and add
to Eq. (ix), we have,

5ClL, (g) + 10e™ — 10C1™ (aq)

Cl, (g) + 120H™ (aq) —*
2CIO;5 (aq) + 6H,0 (1) + 10e™

6Cl, (g) + 120H™ (aq) —
16C1™ (ag) + 2ClO; (ag) + 6H,0 ()

or 3CL (g) + 60H" (aq) —>
5CI™ (aq) + ClO5 (ag) + 3H,0 ()

This represents the final balanced redox
cquation.

e

(viii) HyS (g) + Fe*™ (ag) —
Fe?*t (ag) + S (s) + H™ (ag)

(x} 1™ (aq) + 105 (aq) + HY (ag) —

() Bi(s) + NOy (ag) +H* (ag)—
Bi** (ag) + NO, (g) +H,0 ()
()17 (ag) + 0, @) +H,O0 () —
I, (3g) + OB~ (ag)
(@) Cu + Aut — Au + Cu??
(i) Sn () + NO; (aq) + H (ag) — e
Sn** (ag) +NH{ (ag) +H,0 ()
(tiv) Cu (s) + NOJ (ag) + HY (ag)—
Cu** (ag) + NO (g) + HO (D
() Zn () + NO; (aq) +H™ (ag)——
Zn? (ag) +N,0 () + H,O ()
(xvi) Sn (aq) + NOj (ag) + H” (ap)—
Sn0%™ (ag) +NO4 (€) + H,0 (D
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(xvit) As (5) + NO; (ag) + H™ (ag)—
ASO}™ (ag) + NO, () + Hy0 ()
[ @ 2MnO; (ag) + 61 Y (ag) + 5C,H,0, (ag)
— 2Mn?" ¢ag) + 10C0, (g) + BH,O ()
(i) HyS (agq) + C, () —
S(s) +2C1 (ag) + 2H T (aq)
(iii) 4MnOy (ag) + SC,HOH (aq) + 12H ™ (ag)

—s 4Mn?* + SCH;COOH (ag) + 11H,0 ()
{iv) Bi (5) + 3NO3 (ag) + 6H T (ag)—
B (ag) + 3N0, (g) + 3H,0 (§)
() Cry077 (ag) + 3C,H,0 (ag) + 8H ™ (ag)
— 2CP7 (ag) + 3C,H,0, (ag) + 41,0 ()
(vi) 2MnOy (aq) + 10Br™ (ag) + 16H ™ (ag)
— 2Mn?" (ag) + 5Br, (ag) + 8H,0 ()
(vii) Cu (5) + 2NO3 (ag) + 4H ¥ (ag)
— Cu?¥ (aq) + 2N0, (g) + 2H,0 ()
(viii) H,S (g) + 2Pe>Y (ag) ——
2Fe?* (ag) + s (s) + 20 (ag)
(ix) 5I” (ag) + 103 (39) + 6H™ (ag) ~——
31, (aq) + 3H,0 ()
(¥ Bi () + 3NO; (aq) + 6H* (ag)—
BP™ (ag) + 3NO, (g) + 31,0 ()
(xi) 41" (aq) + 05 (g) + 2H,0 (h) —
2I, (a9) + 40H ™ (aq)
(xii) Cu (5)+2Au* (ag) — 2Au s)+Cu?™ (ag)
(xiii) 48n (s) + NO; (aq) + 10 H ¥ (ag)——
45n** (ag) + NH lag) + 3 H,0 ()
(xiv)3Cu (s) + 2NO; (ag) + 8 H (aq)——
3Cu* (ag) + 2 NO (g) + 4 H,0 (§)
(@) 4 Zn (5} + 2NOj (ag) + 10 HY (a) —
4 Zn** (ag) + N,O () + 5 H,0 @)
(i) Sn(s) + 4 NO; (ag) + 2 WY (aq)—
SnO% ™~ (aq) + 4 NO, (g) + H,0 ()

(wif) As (5) + 5 NO; (ag) +2 H ™ (ag)——
AsO}™ (ag) + 5 NO, (8) + H,0 ()]

. Balance the foliowing equations in basic medium by

both axidation number and ion electron methods and
identify the reductants and the oxidants.

() P () + OH™ (ag)— PH,; (g) + HyPO7 (ag)
(NC.ERT)
(#) NaHy () + C105 (a9)— NO (g) + CI™ (ag)
{NCERT)
(iif) CLO; (g) + W40, (ag) —
ClO; (aq) + 0, (8) (NC.ER.T)
(%) Cr(OH)y™ (ag) + H,O, (ag) —
CrO3~ (aq) + H,O ()
(V) Zn (9)+NO3 (ag)— Za** (aq)+NH] (aq)
(vi) Al (5) + NOJ (ag) —
Al(OH);" (2g) + NH; ()
(vii) PbO, (5) + CI™ (ag) —
Pb{OH); (ag) + ClO™ (ay)
(viif) Fe(OH), (a9)+H30; (ag) — 2Fe(OH), (5)
(&) Bi(OH); (5) + $n03 ™ (ag)—
Bi (s) + Sn03™ (ag)
x)}Cr(s) + ClO4 (ag) —
Cr(OH), (5) + €105 (aq)
[vas @) 4P (5) + 30H ™ (aq) + 3H,0 (h—
FH, (g) + 3H,PO; (aq)
(i) 3N, H, (g) + 4CI105 (ag)—
6NO (g) + 4C1™ (ag) + 6H,O ()
(i) CLLO; (g) + 4H,0, (ag) + 20H ™ (aq)
— 2CI0; (@q) + 40, (g) + 5H,O ()
() 2Cr(OH), " (ag) + 20H ™ (ag) + 31,0, (aq)
— 2Cr0% ™ (ag) + 8H,0 ()
() 4Zn (s) + NOy (ag) + 7H,0 (H
— 4Z0** (aq) + NH} (ag) + 100H ™ (ag)
{vi) BAl (5)+3NO; (ag)+18H,0 (H+SOH ™ (ag)
— BAJOH), (aq) + 3NH, (g)
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(vif) PbO, () + CI™ (aq) + H,0 (H + OH ™ (aq)
— Pb(OH); (aq) + CI0™ (ag)
(viti) 2Fe(OH), () + H,0; (aq) —
2Fe(OH); ()
(ix) 2 Bi(OH), (5) + 3 Sn03 ™ (ag) —
2Bi(s) + 380027 (ag) + 3 H,0 ()
(x) 2Cr (s) + 3 ClIO4 (ag) + 3 H;,0—
2 Cr(OH), (5) + 3 €105 (ag)]
3, Balance the following redox reactions :
(i) SnO, + C— 5n + CO
(if) Fe,0, + C—= Fe + CO
(ifi) I, + ANOy — HIO, + NO; + H,0
(iv) FeSO, + HNO; + H,S0, ——
Fey(SO,); + NO + H;0

| SR =

Stoichlometry of redox reactions means cal-
culation of the quantities of the oxidising and reduc-
ing agents and their products in oxidation-reduction
reactions.

Stoichiometric calculations can be done
either by using mole concept or by redox titrations
using normality or molarity equation.

9.12.1, Determination of stoichiometry using
mole concept. For carrying out stoichiometric cal-
culations, we need a balanced redox equation for
the reaction since the stoichiometric coefficients in
the balanced equation tell us the ratio by moles in
which the reactants combine and the products are
formed. The following examples will illustrate the
method.

J How many grams of potas-
sium dichromate are required to oxidise 15-2 g of
FeSO ,in acidic medium.

Solution. Step 1. To write balanced chemical
equation of the redox reaction

Cr,03~ + 14HY + 6¢” —> 2CC" + TH,0

Fel*t— Fe3t + e~ | x6

Cr,03~ + 6 Fe?t + 14H* — 2CP* + 6 Fe?F

Step 2. To calculate the amount of K,Cry,0;
required.

(v) Fe + HNOy —
Fe(NQ,), + NH,NG; + H,0
(vi) 8b + HNO; — H,8b0, + NO, + H,0
(vii) Hg + HNO; —— Hg,(NO3), + NO + I1,0
[ Ans. () SnO, + 2C— Sn + 2CO
() Fe,0, + 4C— 3Fe + 4CO
(@ii) L,+10 HNO; — 2 HIO; + 10 NO, +4 H,0
(iv) 6 FeSO, + 2HNQO, + 3 H,50, ——
3Fe,(50,); + 2NO + 4 H,0
(v)4Fe + 10HNOy——
4 Fe(NQ;), + NH;NO; + 3 H,0
(vi) Sb + 5 HNO; ——= H,5b0,+5 NGO, +H,0
(vii)) 6 Hy + 8 HNO, ——
3 Hgy(NO;), + 2NO + 4 H,0]

It is evident from balanced equation that
1 molc of Cr,03~ = € moles of Fe?*
or 1 mole K,Cr,0, = 6 moles FeSO,
or 2X304+2x52+16xTg=
6 X (56 + 32 + 16 x 4)
or 294p K,Cr,0, =6 x 152gFeSO,
Now 6 x 152g of FeSO, are oxidised by
K,Cr,0, = 294 g
" 15-2 of FeSO, will require K,Cr O,
294 x 15-2
== G152 + WO B
2:68 % 1073 moles of a
solution containing an ion A" require 1-61% 1073
moles MnOJ for the oxidation of A** to AO7 in
acid medium. What is the value of n 7

Solution. Step 1. To write the reduction and
oxidation half reactions.

Reduction : MnO; + 8HY +5¢7—>
Mn2t + 4 H,0 ..(0)
Oxidation : A"* + 3 H,0—
+5
AO; +6HY + (5 —n)e™ ..(i)
Step 2. To find out the value of n.

Since inarcdoxreaction, number of electrons
lost = number of electrons gained, therefore, mul-
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tiply oxidant of Eq. ({) i.e. MnO, by (5-n) and
reductant of Eq. (if) i.e. A" by 5 and equate, we
have,
(5 — n) MnOy =5 A"*
i.e., (5-n) moles of MnO; will oxidise A% =
5 moles
or 1-61 X 1073 moles of MnO;" will oxidisc

An+

5 hs
= 6x1 les ..
5_n:)t:ltﬁ 07> moles ...(ii)
But the number of moles of A" actually
oxidised
= 2-68 X 1073 moles ..(iv)

Equating the values of Eq. (iif) and (iv), we
have,

2 X 161X 107 = 2:68 x 1073

or 5x1-61=(5—n)x2-68

or 2:68n=5(2-68—1-61)

=5%x107=535
or _§i§_2
e

0,122, Determination of stoichiometry using
Redox titrations. These titrations involve the reac-
tion between oxidising and reducing agents in
acidic medium. Depending upon the nature of the
oxidising agent, these are divided into the following
categories :

1. Potassium permanganate titrations. In these
titrations, reducing agents like FeSO,, Mohr's salt
[(NH,),S0, . FeSO, . 6 H,0], H,0,, As,0,,
oxalic acid (COOH), and oxalates (COONa), etc.
are directly titrated against KMnO, as the oxidising
agent in acidic medium. For example,

(?) Oxidation of ferrous salts.

5Fe?* + MnO; + 8H'—

Ferrous ion Permaganate
ion
5Fe’* + Mn?* + 4H,0
Ferric ion
(i) Oxidation of exalates :
CcOo~
S + 2MnO; + 16 Ht —»
Co0o~
Ogxalate ion 2Mn?t + 10 CO, + 8H,0

2. Potassium dichromate titrotions

In these titrations, the above listed reducing
agents are directly titrated against K,Cr,0, as the
nxidising agen! in acidic medium. For example,

(i) Oxidation of ferrous salts :
6 Fe?* + Cr,02~ + 14H* —
2Cet + 6 Fe?* + 7TH,0

(i) Oxidation of Mohr’s salt :

Mohr’s salt is a double salt of (NH,),80, and
FeSO, i.e. (NH,),80,.FeS0,.6H,0. Out of thesc
two salts, Cr,03~ oxidises FeSO, to Fe,(S0,), as
per the equation shown under oxidation of ferrous
salts.

3. Ceric sulphate titratlons. In these titra-
tions, the reducing agents such as Fe?* salts, Cu*
salts, nitritcs, arsenites, oxalates etc. are directly
titrated against ceric sulphate, Ce(SO,), as the
oxidising agent. For example,

{i) Oxidation of ferrour salts :

Fel* 4+ Ce*'-—Fe’* + Ce**

Ferrousion Cericion Ferricion  Cerousion

(i) Oxidation of aresinites (AsO3~) to ar-
senates (AsO3 7).

AsO}™ + 2Ce** + H,0—

Arsenitejon  Cericion
Cett +2H?

Cerous ion

AsQ]- +
Arsenate ion
(iii) Oxidation of oxalic acid :
(COOH), + 2 Ce*t —
Oxalic acid

2C0O, +2Cr** +2HY

4, lodimetric titrations. These titrations in-
volve the direct use of iodine as the oxidising agent
(in neutral or slightly acidic medium) using starch
as an indicator. The various reducing agents used
in these titrations are thiosulphates, suiphites, ar-
senites and anfimonites.

I, + S0 — 21"+ S0}

Thiosulphate ion Tetrathionate ion

I, + SO~ + H,0 — 21" + SO~ + 2H*

Sulphite ion
I, + AsO}~ + H,0 — 21~ + AsO}~ + 2H*
Arsenite ion Arsenate jon

I, + SbO3™ + HO— 21~ + SbO3}~ + 2H™
Antimonite ion

5. lodometric titrations. These titrations are
carried out in two steps. In the first step, oxidising
agents such as KMnO,, K,Cr,0, CuSO,,

peroxides ete, are treated with an excess of KI when

Antimonate ion



9/26

New Course Cheniistry B89

I, is liberated quickly and quantitatively. For ex-
ample,
2MnO; + 16 HY + 1017~

2Mp** + 51, + 8H,0
Cr,03~ + 14H* + 61" —>

2CPt +3L, +7H,0
2C*t +417 — Cu L +1,

In the second step, the liberated iodine is
titrated against a standard solution of sodium
thiosulphate using starch as an indicator. All such
titrations in which iodine liberated from potassium
iodide with the help of an oxidising agent is titrated
against a standard solution of sodium thiosulphate
are called iodometric titrations.

Before we solve problems on stoichiometry of
redox reactions we must be familiar with the follow-
ing three concepts :

(i) Equivalent weights of axidising and reducing
agents.

(ii) Normality equation.

(iii} Molarity equation.

(i) Equivalent weights of oxidising and reduc-
ing agents. The equivalent weights of oxidising and
reducing agents can be calculated by the number of
electrons gained or lost. Thus, the equivalent weight
of an oxidising agent is equal to the molecular weight
of the substance divided by the number of electrons
gained as represented in the balanced chemical equa-
tion.

Further, we know that the total number of
electrons gained or lost in any balanced oxida-
tion/reduction half reaction is equal to the total
change in the O.N. of a particular atom of the
oxidising/reducing agent. Therefore, equivalent
weights can also be determined simply by diving the
molecularweight of the substance/species by the total
change in the O.N. of a particular atom. For example,

(i) Equivalent weight of KMnO,

(a) In acidic medium,

MnO; + 8H* + 57— Mn2t + 4 H,0

No. of ¢lectrons gained = 5

Total change in ON. of M =7—-2=15
Mol. wt. of MnO

- Eq.wt. of MnQ = 3

35+64
5

I

=23-8

Mol. wt. of KMnO,
5

or Eq. wt. of KMnO, =

39 + 55 + 64
= 5
(b) In neutral or alkaline medium
MnOj +2H,0 + 3¢~ —> MnO, + 4 OH™
Total number of electrons gained = 3
Total change in O.N.of Mn=7-4=3
_ Mol.wt. 55+ 64

=316

- Eq. wt. of MnO, = 3 3
= 39-66
Eq. wt. of KMnO), = w = 5266

(if) Equivalent welght of K,Cr,0,
Cr,03” + 4H* + 6e”—2CP* + TH,0O
Total number of electrons gained = 6
Total change in O.N. of Cr
=2X6—-2X3=6
Mol. wt. of Cr,0%~
6

. Eq.wt. of Cr,03~ =

=2XS2;7X16=36

Mol. wt. of K,Cr, 0,
6
_2Xx39+2x52+7x16 _

6
Likewise, the equivalent weight of a reducing
agent is equal to its molecular weight divided by the
number of electrons lost as represented in the
balanced chemical equation. For example,

() Equivalent weight of H,O, :

or Eq.wt of K,Cr,0, =

49

H,0, — 2H* + O, +2e”
(acidic medium)
H,0, + 20H™ —2H,0 + O, +2¢~
(basic medium)

Total number of electrons lost = 2

Total change in ON.of O =0 — (- 2) =2
Mol. wt. of H,0,

Eq. wt. of H,0, =

b
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(¢¥) Equivalent weight of (COOH), :
CH,0, — 2CO, +2H* +2¢”
Oxalic acid

Total no. of electrons lost = 2

Total change in ON. of C=2%x4-2x3=2
. Eq. wt. of oxalic acid
Mol. wt. of CH,0,
= 2

_24+2+64
i 2

= 45

(#if) Equivalent weight of FeSO, :
Total number of electrons lost = 1
Total change in O.N.of Fe =3 -2=1
Mol, wt. of FeSO,
1
a 56 +32+4X%16
1

FeSO, +

Eq. wt. of FeSO, =

= 152

PROBLEMS FORPRACTICE v

1. Find out the equivalent weight of the underlined
species in terms of its molecular weight M in each
of the following redox reactions.

() 2CUSO4 4 4 KI — Cu,l, + I; + 2K,;50,
(7)) 2N8;5;,0; 4 1, —» Na,5,04 + 2 Na
Giiy KHS04 4+ MnO; ~— MnO, + 2 CO,
@v) FeS3 + O, _, Fe,0, + SO,
) A5 + HY + NO; —
NO + H,0 + AsO}~ + S0~
[ Ans. () M i) M (ifi) M/2 (iv) M/14 (v) M/28)

2. Determine the equivalent weight of the underlined

speciesfcompounds in the following equations :
2__
@520 +5H,0+4C,—
280}~ +8CI” +10H"

()2HS” 4, 4HSO; L3502 +3H,0
(c)3MnO;, + 6 KOH + KCIO; __,

3 K;MnO, + KCl + 3 H,0

(d)3 Cly + 6 NaOH —
5 NaCl + NaClO, + 3 H,0

(e) 4 Fe?™ + 2NH,0H __,
4Fe?t + N0 +4HY
(H10y +3HSOy _, 1= 1 3H* + 3503
@ MnO; + 4 HCI — MnCL, + Cl, + 4 H,0
)] .S_n + 4 HNO, {conc.) —»
H,5n0, + 4 NO, + 2H,0
()3 Ag + +HNO; (ain
3 AgNO; + NO + 2 H,0
()4 Zn + 10 HNO; caipy —,
4Zn (NOy), + NH,NO, + 3 H,0
[ Ans.(2) 14; (b)) HS™ = 8-25, HSO; = 40-5;
(c) MnO, = 43-5,KCIO, = 20-4; (d) 213
(¢) 165 (/) 105 = 87-5,HSO; = 40-5;
(g) 43:5 (k) Sn = 29-7, HNO, = 63 ;
(i) 21 ; (j) 7-88}

HINTS FOR DIFFICULT FROBLEME

{w!ﬂnv\wh.{ R e S S

. M s

1. (iv) Calculate the total change in O.N. of one

molecule of Fe§,
FeS, = Felt + 282

2+ O.N. increases +3

2 Fe Fe,0,
by2x1=2
2= O.N.increases +4
2SS 280,

by2 X 6 = 12

Total increase in ON. =2 + 12 =
Hence, Eq. wt. = M/14

{v) Calculate the tota! change in O.N. of one
molecule of As,S,

A8, =2As°F + 382

5P O.N. increases +5
2A ———— 2 A50}"

by2x2=4
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2-  O.N.increases +6 wl. of NaClO, = 2. X Mol wt.
8% 3 (SO~ i 3 10
by3 X8 =24 ~2(3+355+48) _, .
Total increase in O.N. = 4 + 24 = 28 10 .
Hence, Eq. wt. = M/28. = +1
2. Lo e o (¢)2NH,0H — N,0
(@) 5; O3 — 25 0, Totalchangein ON. =2 %1 -2(~1}=4
Total change in ON.ofS=2x6 -2x2 =8 - 2 X Mol wt.
_ i - Eq. wt. of NH,OH = 2=
-~ Eq. wt. 0of 5,037 = Mol. wi./8 .
—112/8 = 14 =28 65
22— : L =1
(6) () 2 [H S srq—-s 0, @O0y —1
Total change in O.N. of § Total changein ON.of [ = +5 - (~1) =56
=2x(+2)-(2x~2)=8 - Eq.wi.of 10y = MoLuwt. 218 s
5. EqIWE, ORHS — w2 +4 +6
8 (ify HSO; — SO3~
=123 g Total change in O.N.of HSO; = + 6 — 4 = 2
- Mol wt. 81
+4 +2 - Eq.wt. of HSO; = ==—=40-5
(i) 2ZHSO;” — S, 03~ i 3 2 2
, +4 +2
Totalchange in ON. of S=2 x4 -2 x2 =4 (8) MnQ, ~— MnCl,
— 2 X% Mol wt.
~ Eq. wt. of HSO5 =_:1-9-L Eq. wt. of MnO, =£9¥"ﬁ=82—7=43.5
= 2 XB!) A ] +4
& A ss () (i) Sn — 11,Sn0,
+4 +6
(¢) (i) MnO, — K,MnO, - Bq.wt.of Sn = AL¥l 1187 _ 59
‘Iotal change in O.N.ofMn =6 — 4 =2 +5 +4
- Bq. wi. of MnO, = Mcnl2 wt. _ 55 ; 32\ 435 (i’ HNO, — NO,
Eq. wi. = Mol. wi, =1 + 14 + 48 = 63
i KCIO —_— KC[ +35 +2
(i) Y (i) HNO; — NO
Total change in O.N.of Cl=5 - (- 1) =6
ot e Eq. wi. = Mol. wt./3 = 63/3 = 21
- Eg. wtofkqor%-!g——zo«; Il -3
(/) HNO; —» [NH,]
(d) Clz -— ZNaClO3 Total change in ON.of N=5 — (- 3) =8
Total change in O.N.of Cl=2 x5 -0 = 10 - Eq.wi. = Mol wi./B=63/8 =7-88
o 000 B A ot oo
(/) Normality* equation. This equation is . V| em® of Ny KMnO, contains KMnO,
based upon the law of chemical equivalents which N,
states that substances react in the ratio of their x V. gram eguivalents
5 ; 5 : ; 1000 180 q
equivalent weights. To derive this equation, let us
consider the volumetric titration between acidified and V, cm® of N,FeSO, contain FeSO,
KMnQ, and FeSQ, solutions. Let N, and N, be the N,
normalities of KMnQ, and FeSQ, solutions respec- = 000 < V, gram equivalents
tively. Suppose V; em’ of Ny KMnO, solution react Since substances react in ratio of their gram
completely with V, cm?® of FeSO, solution. equivalent weights, therefore,

*Normality is defined as the number of gram equivaient weights of a substance dissolved per litre of the solution.
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N, V,/1000 = N,V,/1000
or N‘><V]=N2><V2

This is called t;omall}y Ve_q-uation. With the
help of this equation, we can easily determine the
normality (N,) of any unknown solution if we know
the volume (V) of this solution which rcacts com-
pletely with another solution of normality (N,) and
volume (V). Having delcrmined be normality of

the desired solution, its strength can then be calcu-
lated by the relation,

Strength = Normality of the solution
X Eq. wt. of the solute

The above method of determining the stoichio-
metry of redox reactions requires the knowledge of
equivalent weights which are not easy to determine
as discussed above. Furthermore, like atomic
weight and molecular weight, equivalent weight is
not a fixed quantity ; it varies from reaction to
reaction. In view of these difficulties, it is easier to
express the concentration of a solution in terms of
molarity (ie., number of moles/litre) rather than
normality. Therefore, these days, morality equation
is more commonly used.

(i) Molarity equation. In order to derive
molarity equation, we must know what are
steichiometric coefficients. For this purpose, con-
sider the following general balanced chemical
equation for a redox reaction,

aA+bB —cC+dD

Here A and B are the reactants while C and
D are the products. The coefficients a, b, candd
are called stoichiometric coefficients. These coef-
ficients indicate the number of moles of the reac-
tants used and the products obtained in the
reaction. In the previous section, we have discussed
how to balance redox reactions and determine the
value of these coefficients. With the help of these

A T
1)
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coefficients, we can derive the molarity equation.
Consider for example, the vol-umetric titration be-
tween KMnO, and FeSO, solutions. The balanced

chemical equation for this reaction is
2KMnO, + 10FeSO, + 8H,SO, —

K,SO, + 2MnSO, + 5Fe(SO,); + 8H,0
el ()]
Suppose V; cm?® of M; KMnO, solution react
completely with V, em® of M, FeSO, solution.
< Vy em® of My KMnO, contains KMnO,
M,

= m X V, moles

and V, cm?® of M, FeSO, contain FeSO,
M,
" 1000

But according to balanced redox Eg. (i), the
molar ratio in which KMnQ, and FeSO, react com-

pletely is 2 : 10. Therefore,
M, V,/1000 -
M,V,/1000 =10 & T2

where 2 and 10 are the stoichiometric coefficients in

the balanced chemical equation (i}. If we now repre-
sent these stoichiometric coefficients by n; and n,

respectively, therefore, Eq. (i) can be rewritten as
MV, MV,

X V, moles

M V; o MZVZ (i0)
10

ny Ry
This is called morality equation and can be

used to determine any unknown quantity if the
other three quantities are known.

In general, for any volumetric titration involving
reaction between A and B, the molarity equation is
Molarity of sol. A x Vol. of sol. A
No. of moles of A in balanced Eq.
. Molarity of sol. B x Vol. of sol. B
" No. of moles of B in balanced Eq.

PRI i ket o e AT AT TTPrIevy

In all types of titrations, N, V, = N, V, but MV, = M,V,

However, in acid-hase titrations when the basicity of the acid or acidity of the base are equal or in redox
titrations, the number of moles of the reducin £ agent and the oxidising agent taking part in the balanced redox
equation are equal (i.e., the number of electrons lost by the reducing agent per mole is equal to the number
of electrons gained by the oxidising agent per mole), the molarity equation, MV, = M,V, isalways applicable.

....... g T i
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A partrcular ac:d rain water
contains sulphite (SO3 ™) ions. If a 25-0 cm’ sample
of this water requires 35-0 cm’ of 0-02 M KMnO,
solution for titration, what is the amount of SO3~
ions per litre in rain water ?

Solution. Step 1. To write the balanced equa-

tion for the redox reaction.
MnO; + 8H* + 5¢”— Mn** + 4H,0] x 2
SO} + H20 —rSOZ" +2HY +2e7| %5

2MnO; + 5805 +6H* —
2Mn*t + 5807 + 3H,0
Step 2. To determine the molarity of SO3~ ion
solution.
Let M, be the molarity of SO}~ ions in acid
rain water. Applying molarity equation,

MIV]
—— (5087) =
"l

we have, °
M X 2 35y, 0:02
5 2
IS5x0-02x5
= e 2% 25
Thus, the molarity of SO~
water = 0-07 M.
Mol. wt. of SO ions = 32 + 48 = 80

. Amount of SO}~
=007x8=0-56gI .

CAANILE U6 1-44 g of pure FeC,0, was
dissolved in dil. H,50, and the solution diluted
to 100 cn’. Calculate the volume of 0-01 M
KMnO, required to oxidise FeC,0, solution com-
pletely.

Solution. Step 1. To write the balanced equa-
tion for the redox reaction.

Both the cationic and anionic components of
FeC,0, (ferrous oxalate), i.e., Fe?* and C,0} ™ are

oxidised by KMnO, to Fe3* and CO, respectively.
the complete balanced redox cquation is
SFe?* + MnO; + 8HY —

5Fe3* + Mn?t + 4H,0

or
=007

ions in actd rain

ions in rain water

JE@ELEM&‘: .‘N REDOX TITRATIONS

sgoz" + 2Mn04 + 16Ht —
10 CO, + 2Mn?* + 8 H,0

5FeC,0, + 3MnO; + 24 Ht —»
5Fe3* + 10CO, + 3Mn?t + 12H,0

Step 2. To determine the molarity of FeC,0,
solution
Mol. wt. of FeC,0,
=56+2X12+4x16=144g
Wt. of FeC,0, dissolved = 1-44¢

Volume = 100 cm?
Weight 1000
Mol. wt. ~ Volume
i-44 1000
Nl

Step 3. To calculate the volume of 0-01 M
KMnQO, solution

Applying molarity equation tobalanced redox
equation,

Molarity =

1
"t
2 0-1x100 001xV,
i Rch 3

Thus, volume of -01 M KMnO, solution re-
quired = 600 cm?,

EXAMPLE 9.17.25-0 cm?® of a solution con-
taining 150 g of a partially oxidisied sample of green
vitriol (FeSO, . 7 H,O) per litre required 200 cm’®
mi of @-01 M potassium dichromate solution for
oxidation in acidic medium. Find out the percentage
purity of the given sample of green vitriol.

Solution. Step 1, To write balanced equation
for the redox reaction

K,Cr,0, + 4 H,50, —
K,SO, + Cr,(SO,); + 4 H,0 + 30
2FeSO, + H,80, + O —»
Fe,(SO,); + H0 [x 3
K,Cr,0, + 6 FeSO, + 7 H,80,—
K,SO, + Cry(SO,); + 3 Fey(SO,); + 7H,0
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From the above cquation
I mole of K,Cr,0; = 6 moles of FeSO,

Step 2. 7o find percentage purity of green vitriol.
Let M, be the molarity of the oxidised sample
of green vitriol. Applying molarity cquation, we
have,
M, x 25 20 X 0-01
T (FeSO,) = ST ] (K;Cr07)
20X 0-01 x6
25
Mol. wt. of FeSO,.7 H,0
=56+32+4x16+7x%x18=278
Wt. of pure FeSQ,.7 H,0
=278 X 0-048 = 13-344 g ™!
‘% purity of green vitriol

or M, = = 0048 M

13-444
15 104 3
EXAMPLE 9.1825 - 0 cm® of an aqueous solu-

tion of H,0, was treated with excess of KI solution
in acidic medium and the liberated iodine required
10-0 cnv’ of 0- 1 M thiosulphate solution. Find out
the concentration of H,0, in grams per litre ?

Solution. Step 1. 7o write the balanced cherni-

cal equation of the redox reaction.

2Kl + H,80, + H,0, —
K80, + I, + H,0
2 Na,5,0; + 1, —> Na,S,0, + 2 Nal

2KI + H,;80, + 2 Na,8,0, + H,0,—»

K;80, + Na,5,0; + 2 Nal + 2 H,0
From the above equation,
1 mole of H,0, = 1 molc of L,

= 2 moles of Na,$,0,

Step 2. 7o find out the concentration of H 50,
Let the molarity of H,0, solution = M,
Applying molarity equation,

M,V.
22 (Na,§,0;)

M,V TR
S 0y = =2

M X25 10x0-1
1 o 7

10 X 0-1
or M=%

Mol. wt. of H;O, =2 x 1 + 2 x 16 = 34
- Concentration of H,0,
=0-02x34=0-68gL"1.

or

=0-02M

PROBLEMS FORPRACGTICE v

1. Calculate the volume of 0-05 M KMnO, solution
required to oxidise completely 2- 70 g of oxalic acid
(H,CG,0,) in acidic medium. I Ans240 cm¥)

2. How many grams of K;Cr,0, are required to
axidise Fe2* present in 15-2g of FeSO, to Fe3* it
the reaction is carried out in an acidic medium.

[ An=4-9g)

3. 15-0 cm® of 0-12 M KMnO, solution are requircd
to oxidise 20-0 m! of FeSO, solution in acidic
medivm. What is the concentration of FeSO, solu-
tion. [ AnsD-45 M]

4. Caleulate the percentage of oxalate ions in a given
sample of oxalate salt, 3-0 g of which has been
dissolved per litre of the solution. 10 mi of the

oxalate salt solution required 8 ml of 0-01 M
KMn0, solution for complete oxidation.

| Ans58-67%]

5. Asolution of ferrous oxalate has been prepared by

dissolving 3-6 g L™, Calculate the volume of 0-01
M KMnO, solution required for complete

neutralization of ferrous cxalate solution in acidic
medium, l Ans. 150 ml]

. Metallic tin in presence of HC] is oxidised by

K;Cry0; to stannic chioride. What volume of

decinonnat dichromate solution will be reduced by
lgoftin ? At. wt. of Sp = 118-7)

[ 41:336-9 cm’]

- How many millimoles of potassium dichromate is

required to oxidise 24 cm® of 0-5 M Mohr's salt
solution in acidic medium ? [ Ans2 milimoles]

+ 2:48 g of Na,8,0; .x H,O Was dissolved per litre

Of the solution. 20 cm? of this sojution required 10

cm? of 0-01 M iodipe solution. Find out the value
ofx [ Ly 5]
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9. 0-2g of asample of H,0, reduced 20 ml of -1 M decimotar KIO, for comptete oxidaticn of I ions

KMnO, solution in acidic medium. What is the to ICL. Find out thevalue of V. | 20 em?)

percentage purity of the sample of H;0, 7 25— X
[ 85%] 11. Both Cr,03" (ag) and MnO, (ag) can be used to
0

: 2+ ; ; R 3

10. 16-6 g of pure potassium iodide was dissotved in WimiEE (C“R_ Iina given titration, 24-50 cm
watcr and the solution was made uplo one |1tre v of 0-1 M Cr207 WEre used, then what volume of
cm? of this solution was acidified with 20 cm® of 2 0-1 M MnO; solution would have been used for

M HC!. The resulting solution required 10 cm® of the same titration ? [ 29-4 cm®]

2.

JINTS FORDIFFIC'JLTPROBLEME

fﬁvw".v::-w"“:ﬁa' A e oo S e 2 L PR e P A L P Py o e A A A gt LA ] P o o A e A
. Balanced equation for the redox reaction is : 15 % 0-12 20 %
2 KMnO, + 5 (COOH), + 3 H,80,— Lx012 kMn0y) = g (F=SO)
K,SO, + 2 MnSO, + 10 CO, + 8 H,0 aF Ml=1_5’<_20'x12mﬁ=0.45M
No. of moles of oxalic acid = 2-70/90 = 0-03 mole 4. Balanced chemical equation for the redox reaction
From the balanced equation, is *
5 males of (COOH), = 2 moles of KMnO, 2 MnOj + 16 HY +5 Czoi_ Lo
0-03 mole of (COOH ), = 2/5 % 003
( " 2Mn?t + 10CO, + BH,0
= 0-012 mole of KMnO, ’ r ’
. Applying molarity equation,
Now 0-05 mole of KMnO, is present in solution M. x 10
1 o2 0- 01 X R n
=1000Cﬂ'13 C’l 4 )- (Ml‘l 4)
_ 0-012 moale of KMnO, is present in solution or M, = 0-02 M
- 1000 %9012 — 240 em’ Mol. wt. of 03~ = 88
0-0
The balanced chemical equation for the redox reac- Conc.of C,03 " ingL™! =88 x 0-02 =176
tion is :
2~ _ 1:76 x 100 :
K,Cry0; + 6 eSO, + 7 H,80,— TG T = =g =S
K,SO, + Cry(S0y); + Cry(SOy)y + T HyO 5. Molarity of T'eC, 0, solution
From the balanced #guation, it is clear that WeingL ™!
6 moles of FeSO, = 1 mole of K,Cr,0, Mol. wi
or 6 x 152 g of FeSO, are oxidised by = L—g =0-025 M
K,Cr,0, = 294g The balanced chemical equation for the redex reac-
or 15-2 g of FeSO,, are oxidised by K,CryO4 S
294 5 FeC,0, + 3MnOj + 24 H —
== %152
G 5 Fe3* + 3Mn2t + 10CO, + 12H,0
=4-9g o . 3
, The balanced chemical equation for the redoxreac- Apglymgv ey equauon,swi h:;vc,
tion is : Q0¥ MnOy) = 0:025 X 120 (ReC309)
S0, —
2 KMnO, + 10 FeSO, + 8 H;S0, 0025 X 100 %3
K,S0, + 2MnSO, + 5 Fey(SOy); + 8 H0 S =T E% 001
Applying motarity equation to the above redox =150 em®

reaction,
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6. Balanced chemical equation is :

2K,Cr.0, + 350+ 28HCl —
22%39+2x52+7x16 3 *1187
=2x294 =RLhs
=588g
4KCl + 4 CrCly + 38nCl, + 14 H,0
Now 356-1 g Sn react with K;Cr,0, = 588¢
: . 588
1 g Sn will react with K,Cr, 0, = 56 78
=1-651g
Mol. wt. 294
Eq wt. ofKZCrZO,. i [ s 49.

Decinormal K,Cr,0, solution means 1000 cm?
solution contains 4-9 g K,Cr,0,, ie 49 g
K,Cr, 0, are present in 1000 cm? solution

1-651 g K,Cr, 04 will be present in

%Q%QXI 651 cm® = 336-9 cin?

- No. of millimoles of K, Cr,Q,, present in 24 cm? of
(-5 M solution = 24 x 05 = 12
The balanced chemical equation for the redox reac-
tion is :
KyCry0; + 6 (NIL,).SO, . FeSO, . 6 H,;C + 7H,S0,
—> K;S0, + 6 (NH,),S0, + 3 Fe,(SO,),
+ Cro(80,); + 43H,0
From the balanced equation,
6 moles Mohr's salt are oxidised by K;Cr, 0,
= 1mole
12 mllllmoles of Mohr's salt will be oxidised by

K, Cry0; == x 12
= 2 millimoles
8. The balanced equation for the redox reaction is -
2Na 8,04+ 1, — Na 5,0, + 2 Nal
Let the molarity of Na,5,0, .x H,0 solution = M,

Applying molarity equation to the above redox
reaction, we have,

M; x 20 10 % 01
—— (NaS,05) = 220
MI =0-01M

Mol. wt. of Na,S,0, . xH,0
=2X23+2%x32+3%x16+xx18

10.

11,

=158 +18=x
Amount of Na,S,0y . xH,O present per litre

=~ (158 + 18x) X 0-01 g
But the actual amount dissolved = 2-48 g

Equating these values, we have,
(158 +18x) x0-01 =248 or x=§

- No. of moles of KMnO, present in 20 ml of 0- 1 M

20

— X

1000
‘The balanced equation for the redox reaction is :

2KMnO, + 5 H,0, + 3 H,80, —
K,50, + 2MnSO, + 8 H,0 + 5 0,

From the equation,
2 moles of KMnO, = 5§ moles of H,0,

KMnO, solution = 0-1=2x10"3

2 x 1073 moles of KMnO, will react with
5 -3 -3
Hy0; =5 %2 x 1077 = 5 x 107 moles
Mol. wi. of H,0, = 34
Amount of H,Q, actually present

=34 x5 x 10_3=0-17g

%oage purity of H,0, = x 100 = 85

20
The chemical equation for the redox reaction is :
I0; +217 + 6 HCI—— 31ICI + 3C1™ + 3H,0

Molarity of KI solution = %ﬁ- =01M

Applying molarity equation,

0-1xV 10 x 0-1
——— (KI) = =3 (KIO)
or V=20 cm?

Suppose V, em® of M, Felt
24-50 cm® 0-1 M Cr,02~ and Viem? of 0-1 M
MnO," solutions, then,

is titrated against

245:-(0]

(Cry03~ J-T(Fe }

\Z xO 1
and ~———- (MnQ;) = —S—(Fe )

D)

(i)
Equating () and (ii), V, = 29-4 cm?

e TR FRPRN
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343, Indirect Redox Reactions—
Electrochemical Cells mwmapimms

We have discussed in Sec. 9.5 that when a zinc
rod is placed in CuSO, solution, a redox reaction
occurs. During this reaction, Zn is oxidised to
Cu?* ions while Cu** ions are reduced to Cu by
direct transfer of electrons from Zn to Cu** ions,
Since here transfer of electrons occurs directly over
chort-distances  (generally within molecular
diameters) no useful electrical work can be ob-
taincd. Instead, the chemical energy of the reaction
appears as heat. If, now the same redox reaction is
carried out in such a manner that the transfer of
electrons is allowed to take place only indirectly
over large distances through metallic wires so that
chemical energy is converted into electrical encrgy.
This is possible only if zinc rod is separated from
CuSO, solution, Such a device for carrying out an

indirect redox reaction is called an electrochemical
cell. Thus,

An electrochemical cell or simply a chemical cell
may be deﬁmdu-;mmmmm
energy produced in an indirect redox reaction into
electrical energy. Electrochemical cells are also
called galvanic cells or voltaic cells after the
names of the scientists, Luigi Galvani (1780)
and Alessandro Volta (1800) who were the first
to perform experiments on the conversion of
chemical energy into electrical energy.

9.13.1. Construction
of an Electrochemical
Cell

Each beaker constitutes a half cell. It is also called
as an electrode or a redox couple.

A redox couple may be defined as combination of
the ovidised and reduced forms of the same sub-
ﬂmmﬂn;mmmpﬁduihnwrdmﬁmhf
reactions.

A redox couple is usually represented by
separating the oxidised form and the reduced form
by a vertical line or a slash which represents the
interface (solid/solution). For example, in the
above experiment, two redox couples are repre-
sented as Zn®*/Znsand Cu?*/Cu. In both cases,
oxidised form is put before the reduced form.

Now connect the zinc and the copper rods by
a copper wire through a voltmeter or ammeler and
an on-off switch (Fig. 9.2). Also connect the solu-
tions in the two beakers by a salt bridge which
provides electric contact between the two solutions
without allowing them to mixwith each other. A salt
bridge consists of a U-tube containing a semi-solid
paste obtained by adding agar- agar or gelatine in
the solution of a strong but inert* electrolyte such
as KCl, KNO,, K;50,, NH/NO, etc. which does

not change chemically during the process. In the
present case, a solution of K;50, is used in the salt
bridge.

When the switch is in the off position, no
reaction takes place in either of the beakers and no

In order to carry out
the above redox reaction
indirectly, place zinc rod
in 1M ZnSO, solution in

the left beaker and a cop-
per rod in a IMCuSO,

solution in the right
beaker. No reaction takes
place in either of the two
beakers, and at the inter-
face of the metal and its
salt solution in ecach
beaker bath the reduced
and oxidized forms of the
same species are present.

ELECTRON
FLOW
-—P /
CURRENT
FLOW
SALT BRIDGE le 3
CONTAINING K50, |
CATHODE
COPPER
ROD
CuSO,
SOL.

: FIGURE 9.2. An electrochemical or galvanic cell.

»An inert electrolyte is one whose ions do not take part in the redox reaction and also do not react with the solutions of the
clectrolytes taken in the beakers. For example, KC! cannot be used if onc of the electrodes is silver electrade containing AgNO,

solution becausc KCl reacts with AgNO3 salution to form white ppt. of AgCl.
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current flows through the metallic wire. As soon as
the switch is in the on position, the voltmeter shows
a deflection thereby indicating the flow of current
through the circuit. .

Let us investigate as to why this current flows.
This current is due to chemical reaction taking
place in two beakers,

Left beaker. Zinc rod starts dissolving and zinc
sulphate solution becomes mare concentrated, i.e.,
each zinc atom loses two electrons to form
Zn** (aq) ion. The zinc ions then migrate away
from the rod into solution while the electrons move
through the wire, via voltmeter and ultimately reach
the copper rod. The change taking place may be
represented as :

Zn(s) — Zn** (ag) +2¢  .(5)

Right beaker. Copper sulphate solution starts
getting more diluted and metallic copper starts
depositing, i.e. the electrons released by zinc atoms
in the left beaker on reaching the copper rod com-
bine with Cu?* (ag) ions present in the solution to
form neutral copper atoms which, in turn, gel
deposited on the copper rod. The change taking
place may be represented as :

Cw?* (aq) + 2¢~ — Cu(s) ()}

The overall reaction taking place in two
beakers is

Zn (s) + Cu** (aq) — Zn** (ag) + Cu (s)

It may be noted here that this is the same
reaction which takes place when zinc rod is placed
in copper sulphate solution. The only difference is
that by this arrangement we have se parated the two
half reactions, i.e., oxidation of zinc occurs in one
beaker and reduction of Cu®* ions takes place in
another beaker. Further, the transfer of electrons
now does not take place directly from Zn to Cu?*
but through the metallic wire connecting the two
rods as shown by the deflection in the voltmeter
which shows the flow of current.

The cell based on the above reaction is com-
monly called Daniell cell. A popular form of this
cell is shown in Fig. 93. Here, salt bridge is
replaced by a porous pot through which SO;~ ions

migrate from CuSQ, solution to the ZnS0Q, solu-
tion. .

9.13.2. Salt bridge and its functions. The two
main functions of the salt bridge are as follows :

(@) It allows the movement of ions from one
solution to the other without mixing of the two

®  copper

VESSEL
— POROUS FOT

3~

CusO,

—""50 ¢
ZINC ROD

FIGURE 9.3. A popular form of Dantell cell.

solutions. Thus, whereas electrons flow in the outer
circuit in the wire, the inner circuit is completed by
the flow of ions from one solution to the other and
hence the current flows.

(7)) It helps to maintain the electrical
neutrality of the solutions in the two half cells due
to flow of ions (¢.g. SO~ ions may shift and com-
bine with the Zn?* ions in the first half cell).

If the salt bridge is not employed, the flow of
electric current will not occur as explained below :

The moment the two rods are connected bya
copper wire, the flow of clectrons from zinc to
copper rod occurs for a short while. As a result of
this transference of electrons, a net positive charge
is developed near the zinc rod, On the other hand,
Cu?*(aq) ions accept the electrons released by zinc
rod and get deposited on the copper rod as Cufs).
This leads to an excess of SO~ ions in the solution

and hence a net negative charge is developed
around copper rod. The positive charge accumu-
lated around zinc rod will prevent electrons to flow
from zinc rod towards copper rc! while the nega-
tive charge developed arouv d co; qer rod will not
allow Cu**(ag) ions to accept the electrons
released by zine rod. Consequently, the reaction
will stop and no current will flow. The use of salt
bridge, on the other hand, avoids this situation as
explained below

As Zn?* jons are produced near the zinc rod,
an equal number of SO2™ ions will move from the

salt bridge towards zinc rod thereby mcutraliz‘mg
the positive charge around zine rod. Similarly, K

ions will move from the salt bridge towards copper
rod thereby neutralizing the negative charge (due
to an excess of SO~ ions around copper rod). As
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a result, the solutions in the two beakers remain (vii) The electrons flow from the negative pole

electrically neutral and thus allow the electric current 1o the positive pole in the external circuil. However,

to flow. conventionally, the current is said to flow in the
9.13.3. Salient features of an Electrochemical PP ite direction.

cell. Some important features of an electrochemi- (viii) As copper from copper sulphate solu-

cal cell are sumarized below: tion is deposited on the copper electrode and sul-

(i) The zinc rod at which the axidation occurs  phate ions migrate to the other side, the
is called the anode while the copper rod at which concentration of copper sulphate solution
the reduction takes place is called the cathode. decreases as the cell operates. (?ﬂn-‘“‘l“ﬂ“ﬂ}'* the
(ii) The overall reaction taking place in an current falls with the passage of time.
electrochemcial cell is due totwo halfreaction ; one (ix) As a result of redox reaction, the weight
occurring in each beaker. Each beaker constitutes a of copper TO_d NCreascs while {hﬂt of zinc rod
half cell also called the electrode or the redox couple. decreascs. This gain andloss in '.wc:lghts ofthe metal
Thus, a half cell or an electrode consists of a metal rods is in the ratio of their equivalent weights. For

rod dipped in the solution of its own ions. example,

(iif) The reaction taking place in a half cell is Loss in weight of zingrod _ Eq. wi. ol Zn
called a half cell reaction. Thus, equations {i) and Gain in weight of copper rod — Eq. wt. of Cu
(i) represent two half cell reactions. 3250

(iv) The half-cell reaction occurring at anode = 3175
is called axidation half cell reaction while that oc- Some imporatnt generulizations about un

‘:“”i!"'E at the cathode is called reduction half cell  electrochemical cell may be summed up as follows :
reaction. For example, equation (i) represents —— ; :
oxidation half cell reaction whereas equation (i) Oxidation eccurs ¢t the anode while reduction
represents reduction half cell reaction. The overall occurs di the cathode _ _ it
redox reaction is then obtained by adding the two Anode acts us a negative pole while cathode acts
half cell reactions. as the positive pﬁh :

(v) The two half reactions always take place Eﬁ}ﬂm{h Wf ;m anode to cathode in th: 5’;‘9” :
simultancously, i.e., half cell reactions cannot take ﬁad‘:”"‘" while current flows from cathode fo

: g ;
P Chemical energy of the redox reaction occurring in

(vi) Sine electrons are produced at the'zine 0 savanic cell is co :
: ol i nverted into electrical energy.
electrode, this electrode is rich in electrons and = ey

pushes these electrons into the external circuit and The two main functions of the salt bridge are
hence acts as the negative pole or electrode. The 45 follows :-
copper electrode, on the other hand, is de icicni in (i) Tt allows the ions to flow through it from

electrons (since it needs clectrons to reduce  one solution to the other without mixing the two
Cu?* (aq) ions into Cu) and thus pulls the clectrons  solutions. This helps to complete the inner circuit
from the external circuit. As a result, it acts as @ (whereas electrons flow in the outer circuit in the
positive pole or electrode. wire).

R .-*.iﬁ;i:&f?’émﬁ?f*E??23‘;":’?:'?5.%3123"fﬁéﬁ'ﬁﬁffﬁﬁf?ﬁfﬂﬁ:"?:'é'.v- g s T e e R R Q‘y T
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|, Only those electrolytes for which cations and anions have nearly the same ionic mobilities (i.e. distance travelled
by an ion per second under a potential gradient of one volt/metre) are used as elecrrolytes in the sals bridge. Thus
KCi, KNO,, K;50, and NH NO, are pre ferred over NaCl, NaNO; and Na,SO,.

Among cations, H + jon has the highest ionic mobility and among anions, OH™ has the highest ionic mobility.
‘The ionic mobility of some common cations and anions fotiows the order .

Cations: HY > NHF =KV > Ag™ > Ca?* < Mgt Na* > LiT
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Anions: OH™ > SO}~ > CI” > NOy > CO}™ > F~ » CH,C0O0 ™.

. Agar-agar is a seaweed colloid. It i a miaure of two polysaccharides, i.e. agarose (main) and agaropectin. It

di5§olvcs in hot water and sets, on cooling, to a jelly at concentration as low as 0-5%. Its chief uses are as a
solid medivm for cultivating micro-organisms, as a thickner, as an enwision stabilizer in food industry and as

a laxative.

9.13.4. Representation of an Electrochemical
Cell
An electrochemical cell is represented in a
manner as illustrated below for the Daniell cell :
Zn | Zn** () [|Cu**(cp) | Cu

By convention, the electrode on which oxida-
tion occurs is written on the left hand side and the
electrode on which reduction occurs is written on
the right hand side. The electrode on the left hand
side is written by writing the symbol of the metal (or
the gas) first followed by the symbol of the ion with
its concentration in brackets. The electrode on the
right hand side is written by first writing the ion
along with its concentration in brackets followed by
the symbol of the metal (or the gas). Single vertical
lines represent the interface between the two
phases (eg solidliquid or liquid/gas) and the
double line represents the salt bridge ; ¢y and ¢,
represent the concentration of Zn?* (aq) ions and
Cu?* (ag) ions respectively.

In a similar manner Cu — AgNO; cell may be
represented as Cu | Cu**(c)) ||Ag*(cy) | Ag

Instead of writing single vertical lines, some-
times sermicolons are vsed. Thus, the above cells
may be represented as

Zn ; Zn?*(c,) ||Cu?t(cy) ; Cu

Cu; Cut*(c;) [|Ag™¥(cy) ; Ag

Further, when the ions are in direct contact
e.g. for Daniell cell using a porous pot, a single
vertical line instead of a double vertical line is used.
Thus, in such a case, we have :

Zn; Zo**(c,) | Cu*t(ey) ; Cu
9.14. Electrode I_:'ptgntial

9.14.1. Definition.

It has been discused above that cach
electrochemical cell consists of two electrodes or
half cells. Each electrode, in turn, consists of a
metal dipped in the solution of its own ions. At one
of these electrodes, oxidation occurs while at the
other, reduction takes place. In other words, one
electrode has a tendency to lose electrons while the
other has a tendency to gain electrons.

The tendency of an elecirode to lose or gain electrons
iv called electrode potential. Since each electrade
represents a half cell, therefore, electrode potential
is alsa called potential for half cell.

Further, the clectrode potential is termed as
oxidation potential if the electrode loses electrons
and is called the reduction potential if the
electrode gains electrons. Oxidation and reduction
potentials are just reverse of each other. For ex-
ample, if the oxidation potential of an electrode is
x volts then its reduction potential is — x voifs.

9.142. Effect of Concentration {or metal
ions) and Temperature on the Electrode Potential
- Standard Electrode Potential.

When an electrode say zinc rod is dipped in
the solution of its own ions, the following two op-
posing tendencies may occur :

(f) The zinc atoms of the rod may lose electrons
to form Zn** ions which pass into the solution and
the electrons thus released accumulate on the rod
(Fig. 9.4 a).

Zn (s)— Zn** (aq) + 2 e~ (oxidation)

(#) These accumulated electrons may attract
the Zn?* ions from the solution to form atoms of
zinc metal which get deposited on the zine rod.

SOLUTION SOLUTION

@
(00

®
® e
D ©
® e

Zn2* IONS § Cu?* IONS
& IN SOLN. § & INSOLN.
® ©
OXIDATION TENDENCY REDUCTION TENDENCY
2]

FIGURE 9.4. Development of a
potentiat difference between (a) Zn and Zn2+
ions and (b) Cu and Cu¢+¥ ions.
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Zn*t (ag) + 2¢” — Zn (s) (reduction)

These two opposing Lendencies will continue
and eventually (he following cquilibrium is
reached.

Zn(s) e==2n"" (ag) + 2e”

Now if the metal has a higher tendency to get
oxidised, then at equilibrium the metal rod will
acquire a net negative charge wort. the solution. If,
however, the metal jons have a higher tendency to
get reduced (Fig. 9.4 b), a net positive charge will
develop on the rod wrt. the solution. This separa-
tion of charges, in turn, creates a potential dif-
ference between the metal rod and (he solution.
This potential difference which is set up between the
metal and its own fons in the solution is called the
electrode potential, The magnitude of this potential
difference, however depends upon the following
factors.

(i) the nature of the metal and its ions

(it) the concentration of the ions in solution

(it} temperature

Thus, we conclude that clectrode potentials
depend upon the concentration of the metal ions in
solution and the temperature. Therefore, electrode
potentials are generally measured under standard
conditions i.e. 1 molar concentration of metal ions
(1 mol LYY and a temperature of 298 K and are
called standard electrode potentials and are
denoted by E°.

Thus, to define a standard electrode potential
for a hulf cell or an clectrode, we write

C’*(Imol L7}, aq) + 26~ —— Cu(s)

The equation for the half cell is written as a
reduction reaction and the electrode potential is
called standard reduction potential.

9.14.3. Measurement of Standard Electrode
Potential,

The absolute value of potential for a single
clectrode cannot be measured direetly because of
the following (wo rcasons :

(1) A half cell reaction cannot take place inde-
pendently.

(i) It is a relative tendency to lose or gain
electrons.

(ifi) For purpose of measurement, as soon as
another metal conductor is put into the solution, it
will set up its own potential.

In view of these difficulties, the electrode
potential has to be measured against some refer-
ence electrode. The reference electrode used is the
standard or normal hydrogen electrode (NHE).

It consists of a platinized platinum electrode
(platinum electrode having a coating of black
platinum}) dipped in 1 M* (more precisely unit
activity) solution of H* ions (1 M HC}) at 298 K
and pure hydrogen gas maintained at a pressure of
1 bar* is bubbled through the solution containing
platinized platinum electrode (Fig. 9.5).

Hx GAS AT
1 BAR PRESSURE

X,

COPPER WIRE

BUBBLES
OF Hy GAS

Z3-——IM HCI SOL.

=— PLATINUM FOIL
COATED WITH
Pt BLACK

blg b eemee

FIGURE 9.5. Standard Hydogen Electrade.

The finely divided black platinum coated over
platinum absorbs H, and thus helps to establish a

rapid equilibrium between 1, and H* ions :

Whenin a cell, this electrode acts as the anode
Le. oxidation takes place, the following reaction
occurs, i.e., some hydrogen gas changes into H*
ions which go into the solution.

H,(g) —— 2HY(ag) + 2¢~

When this electrode acts as the cathode, i.e.
reduction takes place, the following reaction oc-
curs

2HY(aq) + 2= ——> H,{g)

i.e. some H* ions from the solution change
into H, gas. Thus, the electrode is reversible with

respect to H™ ions. This electrode is usually repre-
sented as : Pt, H,(g, 1 bar), H* (ag, conc=¢)

The electrode potential of the standard
hiydrogen electrode is taken as zero.

*The activitics of pure solids and liquids are taken as unity and in dilute aqueous solutions, the activity of a given solution is
nearly equal to its molanty. For gaseous species, the activity is nearly equal to its partial pressere expressed in bar. Thus at 1 bar

pressure, the activity of the gascous species is nearly one.
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To determine the electrode potential of any
electrode, a cell is set up using this electrode as one
of the electrodes and the second clectrode is the
standard hydrogen electrode. The EMF of the cell
is measured. As the EMF of the cell is the dif-
ference in the electrode potentials of the two half
cells and since the electrode potential of the stand-
ard hydrogen electrode is taken to be zero, there-
fore the EMF of such a cell will directly give the
electrode potential of the cell under investigation.

The direction of flow of current further indi-
cates whether oxidation or reduction takes nlace at
the electrode under investigation with respect to
the hydrogen electrode. According to IUPAC con-
vention, the electrode potential is given a positive
sign if reduction occurs and a negalive sign if oxida-
tion occurs at the electrode under investigation
with respect to the hydrogen electrode.

The determination of electrode potential may
be further illustrated with the help of the following
two simple examples :

() Determination of standard electrode
potential of Zn**/ Zn electrode. A cell compris-
ing of zinc electrode, ie., Zn rod immersed in
1 M ZnS0, solution is on the left and the standard

hydrogen electrode on the right is set up as shown
in Fig. 9.6.

Here, the reading of the voltmeter is 0.76 volts
and the direction of flow of electrons is from zinc

VOLTMETER

electrode to the hydrogen electrode. Since oxida-
tion occurs at the zinc clectrode, therefore, the
standard electrode potential for Zn?* /Zn half cell
is —0.76 volt.

The two half reactions taking place in this cell
are:

Zn(s)—> Zn**(aq) + 22~ (oxidation)

2H*(eq) + 26™——H,(g) (reduction)

(ii) Determination of the standard electrode
potentiat of Cu?*/Cu electrode. A cell comprising
of standard hydrogen electrode on the left and
copper clectrode, ie., Cu rod immersed in
1M CuSO, solution on the right is set up as shown
in Fig. 9.7,

Here, the EMF of the cell comes out to be 0.34
volt and the direction of flow of electrons is from
the hydrogen electrode to the copper electrode i.e.
reduction occurs at the copper electrode. Since
reduction occurs at the copper electrode, there-
fore, the standard electrode potential for Cu2*+/Cu
half cell is + 0.34.

The two half reactions taking place in this cell
are:

H,(s)—— 2H%(aq) + 2¢~ (oxidation)
Cu?*(aq) + 22~ —— Cu(s)  (reduction)

Similarly, we can defermine the electrode

potential for non- metals which give negative ions

ZINC—
ROD

ZnSOy4
SOL. —

%~ H, GAS AT
1 BAR
PRESSURE

-1 M HCI
S0lL

Pt FOIL

FIGURE 9.6. Measurement of standard electrode potential of Zn2+/ Zn
electrode using standard hydrogen as the reference electrode.
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VOLTMETER

Hz GAS AT
1 BAR
PRESSURE

FIGURE 9.7. Measurement of standard electrode potential of Cu2+/Cu
electrode using standard hydrogen as the reference electrade.

in aqueous solution. For example, the standard
electrode potential of chlorine can be determined
by using an electrode consisting of Cl, gas at one
bar pressure in equilibrium with 1 molar concentra-
tion of chloride ions. The half reaction for such an
electrode is

Cly(g)+2e~ — 2CI™(ag)

Further, by using standard hydrogen
electrode, we can determine the electrode poten-
tial for metal ions involving variable oxidation
states. For example, the electrode potential for the
system, Fe3¥(aq) /Fe?* (aq) is obtained by measur-
ing the EMF of the cell given below using Pt as the
inert electrodes,

Pt |H,(g) |H;0" (aq) |{Fe**(aq) ; Fe?* (ag) | Pt.

From the above discussion, it follows thal a
metal in contact with its own ions constitutes a half
cell and if we join two half cells together via a salt
bridge, we get an electrochemical cell. For ex-
ample, Daniell cell can be made by joining the two
half cells ie., Zn (s)/ Zn** (ag) and Cu (5)/Cu**
(aq) by a K,SO, salt bridge or the two half cells are

separated by a porous pot.

VEMBE s,

SRR ‘.;5‘_‘::’1:" o .;-{.;\...: R

The standard electrode potentials of a
large number of electrodes have been determined
using standard hydrogen electrode as the reference
electrode, for which the electrode potential has

been arbitrarily taken as zero. By convention,
standard electrode potentials refer to reduction reac-
tions. It is because of this reason that earlier they
were referred to as standard reduction electrode
potentials. H, however, reactions are written in the
oppositc way i.e. as an oxidation reaction, the
electrode potentials are referred to as standard
oxidation electrode potentials. Since reduction half
reaction is just the reverse of oxidation half reac-
tion, the oxidation potential of any electrode is
obtained from the reduction potential just by
changing the sign. For example, the standard reduc-
tion potential of the clectrode Zn** /Zn(aq) for the
reaction,

Zn?Y (ag) + 26~ — Zn(s)is —0.76 V,

then the stendard oxidation potential of the
electrode Zn/Zn?* (ag) for the reaction,

Zn(s)— Zn®*(ag) + 2" is + 0.76 V.

According to the latest convention adopted by
IUPAC, the terms standard oxidation electrode
potential and standard reduction electrode poten-
tial are not used but only the term standard
electrode potential is used and the half cell reac-
tions are always written as reduction reactions.
Further,

Standard electrode potential is given a posi-
tive sign if reduction occurs at that electrode w.rt. the
standard hydrogen electrode and is given a negative
sign if madation occurs at the electrode w.rt. the
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standard hydrogen electrode. Futher, the magnitude
of the standard electrode potential is a measure of the
tendency of the half reaction to occur in the forward
direction i.e., in the direction of reduction.

The standard electrode potentials of a num-
ber of electrodes at 1 M concentration of the dis-

solved ions at 298 K arec given in Table 9.1. In this

table, the reducing agents are written in decreasing
order of their strength ie., the tendency of the
oxidation half reaction goes on decreasing as we
move from top to bottom. Such a list of reducing
agents arranged in decreasing order of their strength
is called the activity or electromotive or
electrochemical series.

T R R R R

Electrode Reaction Standard electrode potential %4 (in volts)
Lit@ag) + e~ ~— Li(s) —3.0§
Ktaq +¢” — K(5) —2-93
Ba’t(ag) + 2¢” — Ba(s) —2.90
Cat*(aq) +2¢~ — Ca(y) —2.87
Nat(aq) + ¢~ ——  Na(s) —2-71
Mg?t(ag) + 2¢” —  Mg(s) =aian
AP*(ag) + 3¢~ — Als) —1-66
2H,0¢) + 2¢~ —  H,(g) + 20H ~(aq) —0-83
Zn**(@aq) + 2¢” —= Zn(s) —0-76
cot (ag) + 3¢~ —  Cr(s) —0.74
Fcz+(aq) +2e” — Fe(s) —0-40
Cd**@ag) + 2¢~ —  Crfs) —0-40
PbSO,(s) + 2¢™ ——  Pb(s) + O3~ (ag) —0.31
Co?*(ag) + 26~ ——  Co(s) —0-28
Ni2* (ag) + 2¢~ —— Ni(s) —0.25
Sn?t(ag) + 2¢” — Sn(s) —0-14
Pb2tiag) + 2¢™ —+ Pb(s) —0-13
Fe**(ag) + 3¢~ —  Fe(s) —0-036
2H" (ag) + 2¢~ —— Hy(g) (Standard electrode) 0-00
AgBr(s) +e” —— Agg) +Br~ + 0-10
AgCl(s) + e~ — Ag(s)+CI™ +0-22
Cult@ag) + e~ —  Cu*(ag) +0:18
Cult@aq) + 2¢~ — Cufs) +0-34
Cut(ag) +e~ —  Cu(s) +0-52
L(s) + 2¢~ — 21 (ag) +0-54
Oyfg) +2H™ + 2~ — H,0,() +0-68
Fe’* (ag) + ¢” — Fe’T(ag) +0.77
;" (ag) + 2¢” — 2HyD +0-79
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Aptag +e” —  Agl) + 080
Hg**ag) + 2¢ — Mg +0-85
NOj (ag) +4H™ + 3¢~ —— NO() +2H,0 () +0-97
Br,(g) + 2¢7 —— 2Br (agq) +1-08
%Oz(g) + 2H407 (aq) + 2¢~ ~~-s  3H,0@) +1:23
Cr,03 (aq) + 40" + Ge~ — 20t (ag) + ™H,0 (5) +1:33
Cly(g) + 2¢~ —— 201 (ag) +1-36
MnO; (aq) + 8H;0  (ag) + 5¢~ — Mn?t(ag) + 12H,00) +1-49
At (ag) + 3¢~ —  Au(s) +1-50
H,0,(09) + 2HY +2¢~ — 2H,0() +178
Co* (aq) + ¢” — Co’*ag) + 181
Fo(g) + 2¢~ —— 2F 7 (ag) + 2-87

9.15.1. Applications of the Electromotive
Series

Some of the important applications are given
below :

1. To compare the reducing and oxidising
capability of elements. If the standard electrode
potential is greater than zero, then reduced form is
more stable than hydrogen gas. Similarly, if the stand-
ard electrode potential is negative, then hydrogen gas
is more stable than the reduced form of species. in
other words, a negative E° means that the redox
couple is a stronger reducing agent than the H* /H,
couple and a positive E° means that the redox couple
is a weaker reducing agent than the H* /H, couple.
The standard electrode potential of fluorine is the
maximum in the Table 9.1, therefore, F, is the
strongest oxidising agent and F~ ion is a very poor
reducing agent. Since the standard electrode
potentials of halogens decreases in the order
F, > Cl, > Br, > 1,, therefore, their oxidising
power decreases in the same order, ie.,
F, > Cl, > Br, > [;. Conversely, the standard
clectrode potentials for halide ions decreases in the
order : I (—~ 053 V) > Br~ (- 1:08 V)
Cl™(—1-36V) > F (—2-87V), therefore,
reducing powers of the halides decreases in the
same order, ie.,I” > Br™ > Ci™ > F~

Among alkali metals, Li (-~ 3-05 V) has the
lowest while Li* (+ 3-05 V) has the highest

»

clectrode potential, thercfore, Li metal is the
strongest reducing agent while Lit is the weakest
oxidising agent. Since the electrode potentials in-
crease in the order Li < K < Na therefore, their
reducing power decreases in the opposite, ie.,

Li > K > Na,

Besides the above applications, electrochemi-
cal cells are extensively used for determining the
activity coefficient of electrolytes, pH of solutions,
solubility product and for potentiometric titrations.
Electrode potentials can also be used to determine
the stability of inorganic and organic species.

From the above discussion, it follows that a
metal which lies higher up in the series is a better
rcducing agent in the aqueous solution than the one
which lies below it. Thus, whereas zinc can displace
tin, lead, copper and other metals lying below it
from the aqueous solutions of their salts but copper
cannot displace lead, tin, zinc and other mectals
lying above it from the aqueous solutions of their
salts. Similary, copper can displace silver from its
salts but the reverse does not happen.

2. To prodict whether a metal will liberate
hydrogen from the aqueous solutions of acids or
nat. All metals with negative clectrode potentials
are stronger reducing agents than hydrogen and
hence would liberate hydrogen from the aqueous
solutivns of acids. Conversely, all metals with posi-
tive values of electrode potentials are weuker
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reducing agents than hydrogen and hence will not
liberate hydrogen from the the aqueous solutions
of acids. Thus, metals like Mg, Al, Zn, Fe, Sn eic.

will liberate hydrogen but metals like Cu, Hg, Ag
etc. do not liberate hydrogen from the aqueous
solutions of acids.

PROBLEMS OMN FLECTROMOTIVE SERIES

o e R e e e S L R SR L SRR B e R S S R S S R CE T e e e e

PXNAMPLID .19, The standard electrode
potential  corresponding  to  the  reaction
Au*(aq)+3 e —>Au (s) is 1-50 V. Predict if gold
can be dissolved in IM HCl solution and on passing
hydrogen gas through gold salt solution, metallic goid
will be precipitated or not. (N.CE.R.T)

Solution. Consider the half reactions,

2HY (aq) +2¢ ——H, (g);E° =00V

Audt (aq) + 3e”—> Au(s);E° =150V

PROBLEMS F(

axn
.

can oxidise oxidise
(@} ClI™ (aq) 10 CL (2)
(b) Fe (s) to Fe?* (aq) and

()17 (ag) to I, (aq) (NCER.T)

With the help of table 9.1 select the oxidant which

Smcc E° (1-50 V) for Au?*/Au is higher than
that H* /% S H (0-0 V), therefore, Au** can be

more easily reduced than H* ions. This implies that
Au’* ions can be reduced to metallic gold by H,

gas but H* ions cannot oxidise metallic gold to

Au*? ions. In other words, metallic gold does not
dissolve in 1 M HCI. Instead H, gas can reduce gold

salt to metallic gold.

2 W|th the hclp of tablc 9 1 select the reducing agent
which can reduce the following tons Lo their metallic
state (a) Ag ¥ (ag), (b) AP™ (ag) and
(¢) Ni*t (ag). (NC.EERT)

3. Identify the strongest and weakest reducing agents
from the following metals : Zn, Cu, Ag, Na, Sno.

(NC.ERT)

i Qv@&\.v\-’”ﬁﬂ&'\i(\- .{h—o--o-‘c-.l\- o>-ss<><+w ,, 5, <\3 H.h

AN ST E T RS RN

L. (a) All species having E° higher than ClI~/Cl,

electrode, ie, Fp, MnOp,Awdt,  acidified
@4, 0a*” ele.

(b) All species having E° higher than Fe**/Fe
electrode, gl ke
0, Agt, Hg?t, NO7', Br,, Cr,03
oxidants listed under Ans. 1 (a).

(¢) All species having E° higher than 1™ /I,

and all other

electrode, Le. Bry, Cr,_O?,_, (1, and other oxidants
listed under Ans. 1 (a).

2. (a) All metals having E° lower than Ag*/Ag
electrode, ie., Mg, Al, Zn, Fe, Ni, 8n ctc.

(b) Al melals having )i° tower than APt/Al
electrode, e, Li, K, Ca, Na, Mp etc.

{c) All metals having E® lower than Ni2* /Ni
electrode, fe., Fe, Cr, Zn, Al, Mg, Na, Ca, K, Li
elc.

3. Amonyg the elements listed, Na has the most nega-
tive I:® and hence it is the strongest reducing agent
while Ag has the highest E® and hence it is the
weakest reducing agent.

9.16. EMF of an Electrochemical Cell zmesen

It is a well known fact that whenever a cur-
rent flows through two points, a potential dif-
ference is said to exist between them. The potential
difference generated by a ccli when the circuit
draws no current (under conditions of zero
electron flow) is called electromotive force (EMF)
or the cell potential.

We know that an electrochemical cell consists
of two half cells, ic., clectrodes. One of these
electrodes must have a higher clectrode potential
(higher tendency to lose clectrons) than the other
electrode. As u result of this potential difference,
the electrons flow from the electrode at a higher
potential to the electrode at a lower potential, i.e.,
from negative electrode Lo lsss negative or positive

v
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electrode or from less positive electrode to more
positive electrode. However, current flow is in a
direction opposite to the electron flow. Thus,

EMF of a cell may be defined as the difference in
the electrode potentials of the two half cells when the
cell is not sending current through the circuit.

The standard EMF of the cell (E°,,) may be
obtained by subtracting the standard electrode
potential of the anode from that of the cathode, i.c.,

E° _ |Standard electrode

g potential of cathode

4 [Standard electrode

potential of anode i)

L Eocell = Eocathode — E’anode (i)

Further by convention, the anode is placed on

the left and cathode is placed on the right while

representing an electrochemical cell, therefore, the
EMF of the cell is given by the expression

E'y = Ep — EL (173

where E°; and E° refer to the standard

electrode potentials of the cathode and anode
respectively.
In order to determine the reaction taking
place in the cell, the following steps are followed.
(i) Write reduction equations for both the
electrodes along with their electrode potentials, one
dafter the other.

(if) Balance the electrical charges and the num-
ber of atoms of each element on either side of each
of the above two reduction equations.

(i) Multiply each reduction equation by a
suitable integer so that the number of electrons in-
volved in both the half reactions are equal.

It may be noted that while multiplying half reac-
tions with suitable integers, their E° valtes are not
multiplied by any such integers because these values
simply convey the tendency for reduction.

(iv) Subtract the equation with lower electrode
{reduction) potential from the one having higher
electrode potential. This difference gives the EMF of
the cell.

The electrode with higher reduction potential
has a strong tendency (o gain electrons and hence acts
as the cathode while the electrode with lower reduc-
tion has a strong tendency to get oxidised potential
acts as the anode. -

& EXAMIPLE 9.20. A cell is prepared by dipping
a chromium rod in 1 M Cry(S0,); solution and an
ironrodin I M FeSO 4 solution. The standard reduc-

tion potentials of chromium and iron electrodes are
—0-75 V and —0- 45 V respectively.

(a) What will be the cell reaction 7

(b) What will be the standard EMF of the cell 7
(c) Which electrode will act as anode ?

(d) Which electrode will act as cathode ?

Solution. The two half cell reduction equa-
tions are ;
Fe?* (ag) + 2¢e” —> Fe (s);
E°=—0-45V ..(})
Ce** (ag) + 3¢~ —— Cr (s);
E°=—0-75V ..(i)
Since Cr*/Cr electrode has lower reduction
potential, therefore, it acts as the anode while

Fe?™* /Fe electrode with higher electrode potential
acts as the cathode.

To equalise the number of electrons, multiply
Eq. (i) by 3 and Eq. (#) by 2. But do not multiply
their E° values. Thus,
3Fe?t (aq) + 6e” —> 3Fe (5) ;
E° = — 0-45V _.(ii})
2C3Y (ag) + 66~ —> 2Cr (5) 5
E=—0-75V .(iv)
To obtain equation for the cell reaction, sub-
tract Eq. (v) from Eq. (iif), we have,
2Cr (s) + 3Fe?t (ag) —
2Cr* (aq) + 3Fe (5);
E'y=—045-(=0-75V) = +0-30V
Thus, the EMF of the cell = + ¢-30V

@ EXAMPLE 9.21. The haif cell reactions with
their oxidation potentials are

Pb(s) — Pp*t (ag) + 2¢~;
Espa=stdiai3 vV

Ag(s) — Aglag) +e ;E°,, =080V

Write the cell reaction and calculate its EMF,

Solution. Rewrite the two equations in the
reuction form. Thus,

Pb?* (aq) + 2e~—> Pb (5} ;
E'=-013V ..(i)

Agt(ag) + e”—> Ag(s);
E°= +0-80V ..(if)
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To obtain the equation for the cell reaction,
multiply Eq. (¢#) with 2 and subtract from Eq. (i),
from Eq. (ii), we have,

Pb (s) + 2 Ag? (ag)—
Pb*+ {ag) + 2 Ag (s);
E'=+0-80—~(—0-13) = + 0-93V

PROBLEMS FOR PRACTICE ©

1. Calculate the standard e.m.{. of the cells formed by
different combinations of the following half cells :
Zn (s) | Zn*T (aq), Cu (5) | Cu?™* (ag),
Ni(s)/Ni** (ag), and Ag (5) | Ag™ (ag)

(NC.ERT)
@ Zn(s) | Zn®* (ag) || Cu®* (ag) | Cu ) ;
E'q=+0:34 - (-0.76)=+1-1V

(i) Zn (s) | Za®* (ag) | | Ni(aq) | Ni(s);
E’=-044~(-0-76) = + 0-22V

() Zn sy | Za2Y (aq) || Ag™ (@9) | Ag (5);
E°p=+080-(-0.76)=+1-56V

(M Ni @) | Nt (aq) | | cu?™ (ag) | Cu (5);
Efay=+0340- (—0-44)= + 0-78V

)N | N2* (ag) |] Ag™ (@) | Ag (5);
Efoon=+0-80 — (= 0-44) = + 124V

() Cus) | Cu®* (ag) || Ag™ (@) | Ag ()
E° = +080—(-0-34)=+046V,
2. A cell is prepared by dipping copper rod in 1M

copper sulphate solution and zinc rod in 1M
Zn50, solution. The standard reduction potentials

of copper and zincare 0-34 and - - 76 V respective-
ly.
{f) What is the cell reaction ?

(if) What will be the standard electromotive force
(EMF) of the cell ?

(5i7) Which electrode will be positive ?
{iv) How will the cell be represented ?
[Ans. @) Zn (s) + CuSO (29) —+ ZnSO, (2q) + Cu
(s} (i) E° = 1-1 V (§if) Cu electrode
(v) Zn | ZnSO, (1 M) | | CuSO, (1 M) | Cu]
3. Following cell is st up between copper and silver
electrodes: Cu | Cu®* (aq) || Ag™ (aq) | Ag

If its two half cells work under standard conditioﬁs,
calculate the e.m.f. of the cell

[Given E°q24 ey (B = + 034 volt
E°A8+/AS (Eored) = +0-80 VD"]
(A.LS.B. 1986, P.S.B. 1988, 1989) (4. 0-46 volt]

4. Write the cell reaction and calculate the standard

E° of the cell :
ZnlZn*t My |)ca?t My | cd
Given E"z“_ znlt = 0-763 volt
E°Cd, catt = 0-403 volt

[ns. 0360 volt, Zn + Ca2t — Zn?+ 4 Cd]

5. The standard EMF of the cell

Ni | Ni** || cu?* + Cu
is 0-59 volt. The standard electrode potential
(reduction potential) of copper electrode is 0-34
volt. Caiculate the standard electrode potential of
nickel electrode. JAns E’ni2t, = —0-25 volt]

6. The e.m.£. (E®) of the following celis are

Ag| Ag* (1M) || Cu** A1 M)Cu;

E° =046V
Zn | Zo*t (1M || Cu?T (1M) | Cu:
E°=4+1-10V

Calculate the e.m.f. of the cell

Zn | Zn*t (1 M) || AgT (M) | Ag
(A.LS.B. 1989) [ 1-56V)

7. Two half cells are

AP* (aq) 7 Al and Mg?* (aq) / Mg

The reduction potentials of these half cells are
—1-66'V and —2-36 V respectively. Calculate the
celi potential. Write the cell reaction also.

(BS.B. 1997) [“os 0-70Y,
3Mg+ 2APY — 3 Mt 4 2 Al

8. Calculate E° for the cell

Al | APY (1M) || Cu?* (1 M) | Co.
Given: E®,p+,,,and E°cy?t /o, @8 —1-66 vand
0-34 V respectively. (H.PS.B. 1997) [':=. 2-0V]
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9.16.1. To predict the Spontaneity of a Redox
Reaction

The EMF of a cell is an important property. It
can be used to predict the spontaneity of a redox
reaction as discussed below.

To predict whether a given redox reaction is
feasible or not, the EMF of the cell based upon the

given redox reaction is calculated. If the EMF
comes oiit to be positive, the reaction takes place. 1f,
however, the EMF comes out to be negative, the
forward reaction as shown by the redox equation
does not oceur ; instead, the reverse reaction oc-
curs. The following examples will illustrate this
point :

PROBLEMS ON PREDICTING SPONTANEITY OF A REACTION

et o T g e S i e S

@  EXAMPLE 921, Predict whether zinc and sil-
ver react with 1 M sulphuric acid to give out hydrogen
or not. Given that the standard potentials of zinc and
silver are — 0.76 volt and + 0.80 volt respectively.

Solution. (a) To predict reaction of zinc with
sulphuric acid :

If Zn reacts, the following reaction should
take place

Zn + H,SO, ——> ZnSO, + H,

ie., Zn+ 2Ht—— Zn** + H,

By convention, the ccll will be represented as
Zn | Zn?t||H* | H,

Standard EMF of the cell

Eucell =(E°right) Vi Ec.Iet't
= 0-(—0.76) = +0.76 valt

Thus the EMF of the cell comes out to be
positive. Hence the reaction takes place.
(b) To predict the reaction of silver with sul-
phuric acid .
If Ag reacts, the following reaction should
take place :
2Ag + H,80,—— Ag,50,; + H;
ie.  2Ag+2HY —— 2ag* + H,
By convention, the cell may be represented as
Ag| Ag*{HY | H,
E'e = E'utn, — E'agtag
=0-080
= —{1.80 volt

cell

R e B R R

Thus the EMF of the supposed cell comes out
to be negative. Hence this reaction does not take
place.

# LEXAMPLI Y.23. Can a solution of I M copper
sulphate be stored in a vessel made of nickel metal g
Given that E°y; ni2+ = +0.25 volf,

E’cy, cutt = —0.34volt.
or Isit possible to store copper sulphate solution
in a nickel vessel 7 (N.C.E.R.T)

Solutipn, In this problem, we want to see
whether the following reaction takes place or not

Ni + CuSO, — NiSO, + Cu
ie. Ni+ Cu?t —— Ni#* + Cu
By convention, the cell may be represented as

Ni | N2t |{Cu?t | Cu
We are given that the oxidation potentials as
Ey w2t = 1 0.25 volt

and E°, ¢t = —034volt
Hence the reduction potentials will be
ENi2* ni = — E'ni nitt
= —0.25volt
and EoCu2+,Cu e ol E«Cu , cutt
= + 0.34 volt
Now Ecel = Eignt — Eltent
=" & 34 —(— [)25)
= + -59 volt

Thus EMF comcs out to be positive. This
implies that CuSQ, reacts with nickel. Hence

CuSO, solution cannot be stored in u nickel vessel.
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1. Predict reaction of 1N suiphuric acid with the fol- 3. Is it safe to stir 1 M AgNOj; solution with a copper

WoRag

o S by all 5poon ? Given E°p + 4, = 0.80volt B, 2+
(f) copper (i) lead (i) iron =—0.34 volt. Explain i [ Ans. No]
Given E°, 2+ ¢, = 0-34 volt ; E°py2+ g 4. Can we use a copper vessel to store 1 M AgNO,
=—0.13volt ; and E°g 2+ g, = —0.44 volt solution ? Given that E°q, 2+ ;o = +0-34 V

2. Can asolution of 1 N:Znsg) :: (tii) ‘:T (i::-m]l and E'ag*/ag = + 0-80V. [0+ Noj

g ORI ST i 5. Why blue colour of copper sulphate sotution gets
made of copper ? Given that E°z, 7.2+ = +0.76 discharged when zinc rod is dipped in it ?
volt, and E°¢, 2+ ,cu = 034 volt {Given E°,2+ 7cy = 0-34 V and
{40 Yes] Bz, 7.2+ =0-76 V)

CW eptual Questions

R AR o e SR e LA

Q. 1. What are the maximum and minimum oxidation numbes of N,SandClI?

Ans. (i) The highest axidation number (O.N.) of N is +5 since it has five clecirons in the valence shelt (2 52 2 p3)
and its minimum O.N. is -3 since it can accept three more electrons to acquire the necarest inent gas (Ne)
configation.

(@) Simitarly, the highest O.N. of S is +6since it has six electrons in the valence shell (3 #2 3 p*) and its minimum
O.N. is -2 since it needs two more electrons to acquire the nearest incrt gas (Ar) configuration.

(itf) Likewise the maximum O.N. of Clis +7 since it has seven electrons in the valence shell 3s*3p% and its
minimum O.N. is -1 since it needs only one more electron 1o acquire the nearest (Ar) gas configuration.

. Nltric acld acts only as an oxidising agent while nitrous acid acts both as an oxidising as well as a reducing
agent. Why ?

Ans. (/) HNO, : Oxidation pumber of N is HNO; = +5

Maximum oxidation number of N = + 5
Minimum axidation number of N = -3
Since the axidation number of N is HNO, is maximum (+35), therefore, it can only decrease. Hence HNO, acts
only as an axidising agent.
(i) HNO, : Oxidation number of N in HNQ, = +3
Maximum oxidation number of N = + 5
Minimum oxidation number of N = -3
Thus, the oxidation number of N can increase by losing electrons or can decrease by accepting electrons.
Therefore, HNO, acis both as an avidising as well as a reducing agent.
Q. 3. Can the reaction, Cry0§~+H;0 " 2 Ct02~ +2 H* be regartded as a redox reaction ?

Ans. Oxidation number of Cr in Cr,03~ = + 6

Orxidatioh number of Crin Cro2~ = + 6
Since during this reaction, the axidation number of Cr has neither decreased nor increased, therefore, the above
reaction cannor be regarded as a redax reaction.
. 4. Identify the oxidants and reductants in the following reactions :
@) CH, (g) + 4C1, (g) —» CCl, (g) + 4HC1 (¢)

=~
[

(6) C;H,0, (aq) + 2H™ (ag) + MnO, (s) — Mn?* (a9)+2C0, @) +2H,0 ()
(€)1, (ag) -+ 28,07 (ag) — 21~ (ag) + §,02~ (aq)

@) Cl, ) + 2Br™ (aq) —» 2C1™ (ag) + Br, (ag). (NCE.RT)
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Ans.

0. 5.

Ans.

Q. 6.

Ans.

Q.7.

Ans.

Writing the O.N. of all the atoms above their symbols, we have,
-4 +1 0 +4 -1 -1
(a)C H, (g)+4CIz(g)—+C Cly (g +4H Cl (&)

O.N. of C increases from - 4 in CH, to +4 in CCl, and that of Cl decreases from 0 in Cly to - 1in CCl, or
HC, therefore, Cl, acts as the axidant and CH, acts as the reductant,

-3 +1 -2 +4 +2 +4
() C, H, O, (ag) +2HY (ag) + Mn O, (s) — Mn (a9) +2CO, §) + 2H,0 ()

O.N. of C increases from - 3 in CoH,0, to +4 in CO, and that of Mn decreases from +4 in MnO, to +2in
Mn?*, therefore, MnO, acts as the axidant while Cof1,0, acis as the reductani.

0 +2 2- A Ty 9
(€)1, (aq) + 2 S, Oy (aq) — 217 (aq) + S4 Og(29)

Here, O.N. of I decreases from 0in 1, to -1 in I~ and that of S increases from +2 in szog- to +2-5in
5,02", therefore, 1, acts as the oxidant while $y03 acis as the reductant,

0 = <. 0
(d)Cly (g) + 2 Br~ (ag) — 2CI” (aq) + Bry (29)
Here O.N. of Cl, decreases from 0 in Cl, to—1in CI™ ion while that of Br increases from -1 in B~ ion to 0
in Br,, therefore, Cl, acts as the axidant while B ion acls as the reductant.

The electrode potential of four metallic elements (A, B, C and D) are + 0-80, —0-76, +0-12 and +0-34V
respectively. Arrange them in order of decreasing electropositive character.
Higher the electrode potential (E”) lower is the tendency of the metal to lose electrons and hence lower is the
electropositive character of the metal. Since the electrode potentials increase in the order:
—0-76 (B), +0-12(C), + 0-34 (C) and +0-80 (D), therefore, electropasitive character decreases in the same
order: B, C, D A.
I, and Br, are added to n solution containing Br~ ond I” jons, What reaction will occur if,

I +2¢” —21 ;E°= +0-54Vand Bry+2e” — 2Br ;E°=+1-09V ?
Since E° of Br, is higher than that of I,, therefore, Br, has a higher tendency 1o accept electrons that I,.

Conversely, I ion has a higher tendency to lose electrons than Br~ ion. Therefore, the following reaction will
aceur :

217 — I, +2e”
Br, +2¢” —— 2Br~

217 + Br,——1, +2Br™

Int other words I ion will be oxidised to I, while Bry will be reduced to Br— ions.

Is it possible to store :
(i) Copper sulphate solution In a zinc vessel ? (ii) Copper sulphate solution in a nickel vessel ?
(iif) Copper sulphate solution in a silver vessel 7 (iv) Copper sulphate solution in a gold vessel ?

(N.CERT)
(i) We cannot place CuSO, solution in a zinc vessel, if the following redox reaction occurs :

Zn + CuSO, — ZnSO, +Cu or Zn+ Cu?t — Za?* + Cu
By convention, the cell may be represented as Za | Zntt || Cu?* | Cu
o By = Bledt o~ B4, za B him GRE- 1601 1 10V
Since EMF comes out be positive, therefore, CuSO, reacts with zinc. In other words, CuSQO, solution cannot

be stored in a zinc vessel.
(b) Same as solved in example 9.23 on page 9/46.
(c) We cannot store CuSO, solution in a sitver vessel if the following redox reaction occurs :

2Ag+ Cutt —2Ag* + Cu
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By convention, the cell of the above redox reaction may be represented as
Ag| Ag* || cu?*t | Cu and E'con = E'cy2+, oy~ E'agt, Ag=034-080=-0-56V
Since the EMF of the cell is —ve, therefore, CuSO, does not react with silver. In other words, CuSO,, solution
cannot be stored in a silver vessel.
(4) We cannot store, CuSO, solution in a gold vessel if the following redox reaction occurs :
2Au+3Cu?t — 2A8%F L3 Cu
The cell corresponding to the above redox reaction may be represented as
Au | At || Cu?* | Cu and E°,, = cut, cu = E'agdt, Ay =034 ~1-50 = — 126V
Since the EMF of the above reaction is -ve, therefore, CuSO, soiution does not react with gold. In other words,
CuSQ, solution can be stored in a gold vessel,

VieryShort Answer Questions GcarrviNG TMARK:
B, R S R R i e S ST WA ol i
Q. 1. Define oxidation and reduction in terms of electrons.
Ans. Oxidation involves loss and reduction involves gain of electrons.
Q. 2. What is a redox reaction. Give one example,

ABs. Oxidation—reduction reactions are called redox reactions, Mg + F; — Mgt (F7),.

Q. 3. Define oxidising and reducing agents in terms of electrons.

Ans. Oxidising agents are electron acceplors while reducing agents are efectron donors.
Q. 4. What is a standard hydrogen electrode ?

Ans. Refer to the text on page 9/38.

Q. 5. The standard electrode potentials of a few metals are given below :

Al (-1-66V), Cu (+ 0-34V), Li(- 3-05V), Ag (+ 0-80V) and Zn (-0-76V),

Which of these will behave as the strongest oxidising agent and which as the strongest reducing agent ?
Ans. Liis the strongest reducing agent while Agtisthe strongest axidising agent,
Q. 6. In the reaction, MnO, + 4HCl — MnCl, + Cl, + 2H,0 which species Is oxisied ?

(B.I.T Ranchi 1990)
Ans. HClis oxidised to Cl,.
Q. 7. What is the oxidation number of
() Cin CH,0 (M.LNR Allahabad 1990)
@) Ptin [Pt(C,H,)Cly) ™ (M.LLNR. Allahabad 1993)
Ans. ({) zero (i) 2.
Q. 8. What is the oxidation state of Ni in Ni(CO), ? (A.1.5.B. 1995)
Ans. Zero.,
Q. 9. Why is it not possible to measure the voltage of an isolated reduction half reaction 7 (H.S.B, 1995)
Ans. Consult sec. 9.14.3 on page 9/38.
Q. 10. What is a redox couple ? (INCERT)

Ans. A redox couple consists of oxidised and reduced form of the same substance taking part in an oxidation or

reduction half reaction. For example, Zn?* (ag)/ Zn, CL, (2)/ Q1™ (ag) ete.
Q. 11. On the basis of stoichiometry, determine the oxidation number of

()) Fe in Fe,0, and Fe, [Fe(CN),] (%) Clin CaOCl,, (NC.ERT)

Ans. (i) The composition of Fe,0, is FeO.Fe,0,.
. The O.N. of Fe in FeO is + 2 while in Fe O, it is + 3.
In Fe, [Fe(CN)], the O.N. of Fe inside the coordination sphere is + 2 while that of Fe outside the coordination
sphere is + 3.

(i) The composition of CaOCl, is Ca(OCNCI. Hence, O.N. of Clin OCI™ is + 1 while in Cl™ ion, it is - 1.
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2

3.
4.

s
6.

7.
3.

9.

10.

11.
12,
13.

14.
15.

R R R R R R A S e

Explain the terms : oxidation and reduction in terms of electrons. Give one example in each case.

Define the terms : oxidising agent and reducing agents according to the elect ronic concept. Give one
example in each case.

Comment upon the statement : oxidation and reduction reactions go side by side.

What do you understnad by the terms : direct redox reaction and indirect redox reaction ? Give one
example in each case.

Explain axidation-reduction reactions occurring in a beaker. Give two examples to illustrate your answer.
Fxplain what happens when a zinc rod is dipped in CuSO, solution ?

What are half cetts and half cell reactions ? Expiain with examples.
Write the following redox reactions using half equations.

(i) Zn(s) + PbCly(ag)— Pb(s) + ZnCl, (aq) (i) 2Fe3t (ag)+21 (ag) — Ly(s)+2Fe’ T (aq)
(#if) 2Nags) + C(g) — 2 NaCls) (iv) Mg(s) + Cl(g)i— MECLE)

() ZnGs) + 2 * (@g)— Zn* " @)+ 1,(8)

In each of the reactions given above, mention

(i) which reactant is oxidized ? To what ? (ify which reactant is the oxidiser ?

(é#i) which reactant is reduced ? To what ? (#v) which reactant is the reducer ?

[Ans. (i) Zn(s)— Zn** + 2¢7 (oxidation), Po2t (ag) + 2¢7 —— Pb(s) (reduction)

Zn is oxidised to Zn2 ¥, Pb?* is reduced to Pb; Pb?™ is the oxidiser and Zn is the reducer.

(i) 2F3* + 2¢7 —— 2Fe?*  (reduciion), 21 — I+ 2~ (axdation)
Fe3* is reduced to Fe?*, 17 is oxidised to I, ; [ is the reducer and Fe3™ is the oxidiser.

(iii) 2Na — 2Na* + 227 (oxidation), Cly + 2~ — 2Ci~ (reduction)
Na is oxidised to Na* and Cl, is reduced to CI™ ; Na is the reducer and Cl, is the oxidiser.

(v) Mg—— Mgt + 227 (oxdation), Cly+ 26~ —— 2017 (reduction)
Mg is oxidised to Mgt while Cl, is reduced to Ci—;  Mgis the reducer and Cl, is the oxidiser.
) Zn—— Zntt + 2% (axddation), 2HT + 27 — H, (reduction)

Zn s oxidised to Zn?* while H is reduced to H, ; Zn is the reducer and H is the oxidiser ]

Define oxidation and reduction in terms of oxidation number. Give examples in each case to illustrate
your answer.

Define oxidising and reducing agents in terms of oxidation number. Cite two examples i each case
tO support your answer.

H,S acts only as a reductant whereas SO, acts oxidant and reductant both. Why.

H,0, acts as reductant as well as oxidant. Explain.

Explain the difference between valency and oxidation number.

State and explain the ‘Stock notation’ used toname inarganic compoundsimvolving different oxidation states.
Starting with the correctly balanced half reactions, write the overail net ionic reaction in the following
changes :

(i) Chloride ion is oxidised to Cl, by MnO, (in acid solution)
(#) Nitrous acid (HNO,) reduces MnO;, (in acid solution)

(ii?) Nitrous acid (HNO,) oxidises I~ 101, (in acid solution)
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3

16.
L7,

18.
19.

20.
21,

22.

23.

LongAnswer Questions  eas

1.

2.
<h

(tv) Chlorate ion (CIO;" ) oxidises Mn2* (o MnQ, (5) (in acid solution)
{+) Chromite ion (CrOy) is oxidised by H,0; (in strongly basic medium)
Also find out the change in the oxidation number of the underlined atoms.
fAos. (i) 2MnO;" + 16H* + 10CI~ —5Cl, + 2Mn?* + 8H,0
Oxidation number of Ma changes from +7 in MnO, 10 +2in Mn2*

(if) 2MnOy + 6H™ + SNO; —— SNOj + 3H,0 + 2Mn?+
Oxidation number of N changes from +3 in NO; ion to +5 in NO; ion
() 217 + 4HT + 2NO; — I, + 2NO+2H,0

Oxidation number of N changes from +3 is NO, to +2in NO

() 3Mn** + CIO7 + 6HY -— 3Mn** + O + 31,0
Oxidation number of CL changes from + 5 in ClO; to~t inCI™
(1)2CrO7 + H,0,+20H™ — 2Cr02~+2H,0

Oxidation number of Cr changes from +5 in CrOj to +6in CrO2 ™|

What do you mean by iodometric and iodimetric titrations. Give one example of each type.
Draw a labelled diagram for the Daniel cell. Discuss its working.

Discuss briefly the function of the salt bridge in an electrochemical cell.

Give the construction of S.H.E. What is its standard reduction potential ? How does it help 1o
determine the standard elecirode potentials of other elements ?

Write a note an standard hydrogen electrode.

What is an electrachemical serics ? How can this be used to explain the axidising and reducing abilities

of elements ?
Why does the blue colour of copper sulphate solution get discharged when an iron rod is dipped into

it ? Given : E°q 2+ -, =0-34 V and E'Lelt /g =— 044V
Arrange the following metals in increasing order of reactivity. Which one will be the strongest reducin g
agent and which is the weakest ? Mg, Na, Ag, Cu, Fe, Zn

Explain the terms : (7) oxidation, {i7) reduction, (#r) oxidising agent and (iv) reducing agent in terms
of electrons. Give two examples in ech case to justify you answer.

Briefly cliscuss some redox reactions occurring in aqueous solutions.

Define oxidation number, How does it differ from valency ? Write the general rules of assigning
oxidation numbers to various atoms in ions and molecules,

Explain the terms : (i) oxidation, (i) reduction, (téf) oxidising agent and (iv) reducing agent in terms
of cxidation number. Give two examples in each case to illustrate you answer.

Giving one example in each case discuss (¥) axidation number method and (i¥) ion-electron method
for balancing redox reactions.

Discuss briefly stoichiometry of redox reactions in aqueous solutions.

What is an etectrochemicat cell ? Briefly discuss its construction and working. How is it represented ?

What is a standard hydrogen electrode ? How can it be used to determine standard electrode potential
of an electrode.

What is electrochemical series ? How does it help us (i) comparing the oxidising and reducing power

of differcnt elements and (§) predicting whether a metal will react with a mineral acid to give hydrogen
gas or not ? :
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Exceptional Cases on the Determination of Oxidation Number

JL INFOR

Although the rules discussed in Sec. 9.7 can generally be used to determine the oxidation number (O.N.yof

a particular atom in simple molecules, but these rules often fail in the following cases. In all such cases the
determination of axidation number should be made by using the original concept of chemical bonding.
Case L. mmwwcmmmm;mmw bonds, For example,
(a) Oxidation number of Cr in CrO;

ass?
(i) By conventional method: Cr Og or x+5X% (=0 or " x ="l (wrong)

Bul this is wrong because the maxinmum O.N. of Cr cannot be more than +6 since it has 5 electrons in

3d-orbitals and one electron in 4s-orbital. This problem has arisen because four of the five oxygen atons initare

present as two peroxide bonds :

0] O
(if) By chemical bonding method : The structure of CrOg 1s Cr
- O.N. of Cr in CrOg can be calculated as follows:
SR (5 ((—2) S 4x(-1y =0 or x-2-4=0 or x=+6

(for Cr) (one=0) (for 0O-0)
Thus, the O.N, of Crin CrOg = +6

{#) Oxidation mumber of S in H,50¢ (Caro’s acid or permonosulphuric acid)

LSS =0
(i) By conventionalmethod:  H; 8§ Og or 2x (+D+x+5x(=2)=0 or ' x= + 8 (wrong)

But this is wrong because the maximum oxidation number of § cannot be more than +6 since it has onlysix

electrons in its valence shell. This unusual value of O.N. for § is due to the reason that the two of the oxygen atoms
in H,SOs are joined by a peroxide linkage.
0]

(ii) By chemical bonding method. The structure of Hy80g is H—O——\!——O——O-—H

- The O.N of S can be calculated as follows :
Ix(+1) + x + Ix(=2) + 2x(-1) =0 or 2+x—6—2=0 or x=+6
(forH) (forS) (forather  (for 0-0)
O atoms)

Thus, the O.N. of S in H;SOgis = + 6

9/52
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ADDITIONAL USEFUL INFORMATION cortd.

Case IL. When the compound contains covalens and coordinate covalent bonds. To calculate the oxidation
number of atoms in such molecules, the following rules are generally used.

(a) For ench covalent bond between two dissimilar atoms, assign an oxidation number of +1 to the less
electronegative atom and —I 10 the more electronegative element.

For example, O.N. of the two carbon atoms in CH;COOH may be calculated as follows :
H O

udd o

2%
H

C, is attached to three H-atoms (less electronegative than carbon) and one —COOH group (more
electronegative than carbon), therefore, ON. of G is 3x (+ N +x+1x(-1)=0 or x=- 2

C, is, however, attached to one oxygen atom by a double bond, one OH (O.N. = —1) and one CH4 (O.N.
= + 1) group, therefore, O.N.of C;is + 1 +x X (=2)+1x(-1)=00r x=+2
If, however, the covalenl bond is between two similar atoms or between two similar atoms which are further

attached to similar species, each atom is given an O.N. of zero. For example, the central C atom in carbon suboxide
(C40,) has an O.N. of zero while each terminal carbon has an oxidation state of +2.

+2 0 +2
OISIE=IC=C =0
Similarly in tetrathionate ion (5402"), O.N. of each of the S-atoms linked with each other in the middle is
zero while that of each of the reamining two S-atoms is +35.
O

il e e
s

(#) In case of coordinate covalent bonds, fwo cavey arise .

(i) If a coordinate bond is formed between same atoms or dissimilar atoms but the donor atom is less electro-
negative than the acceptor atom, assign an oxidation number of +2 1o the donor atom and —2 o the accepior atom.

(if) Conversely, if the donor atom is more electronegative than the acceplor atom, neglect the contribution of
the coordinate bond.

The following examples wili illustrate the above rules :

{¢) Oxidation numberof Cin H-C=NandH -NZC

(i) By conventional method. Since there are no standard rules for determining the axidation numbers of C
and N, therefore, conventional method cannot used to calculate the O.N.of Cin HCN or HNC.

(ii) By chemical bonding method. Since N is more electronegative than C, therefore, each covalent bond
gives an O.N. of —1 to N. Now since there are three covalent bonds, therefore, the O.N. of N is HCN is —3.

+1 x -3
Now, H C N . +1+x—3=0 or x=+2

Thus, the oxidation numnber of C in HCN = + 2.

Oxidation number of C in H—N 2 C. Here the contribution of coordinate bond is neglected because

the donor atam, i.e. N is more electronegative than the acceptor atom, Le., C. Thus, the O.N.of NinH—NZ C
remains to be —3 since it has three covalent bonds. Thus,

1x(+1) + 1x(—3)+ «x =0 or +1—3+x=0 or x=+2
(for H) (for N) {for C)
Thus, the oxidation number of Cin HNC = + 2.
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ADDITIONAL USEFUL INFORMATION contd.

Case II. When the compound contains two or more atoms of the same element in different oxidation states.
For example
(a) Oxidation numbers of § atoms in Na,S,0,

S A )
() By conventional method: Na, 8, Oy or 2x(+1)+2x+3x(-2)=0 or x=42 (wrong)

But this is wrong because both the sulphur atoms cannot be in the same oxidation state as is evident from
the fact that when Na,S, 05 is treated with dil. H,SO, , one S atom gets precipitated while the other gets converted
into 50, . The oxidation numbers of these two S atomis can, however, be determined by the chemical bonding
method.

S
T
(o

(i) By chemical bonding method. The structure of Na,S,0;is Na* “0 -S - O~"Na*

e

Since there is a coordinate bond between the two S atoms, therefore, the acceptor S atom has an O.N. of
—2. The O.N. of the other § atom can be calculated as follows :

2x(+]) + 3x(-2) +x + 1x(-2) =0 or +2—6+x—2=0 or x=+6

{for Na) {for O atoms) (for coordinate S)

Thus, the two S atoms in Na,S,0, have oxidation numbers of —2 and +6.

(%) Oxidation number of iron atoms in magnetic oxide (Fe 300

X =D
({) By conventional method. Fe; Oyor3x —2x4=00rx = + 8/3.
(i) By stoichiometry. Fe,0, is known to be a mixture of FeO and Fe,0, having the composition :
FeO.Fe,0,. Therefore, O.N. of Fe in FeQ is +2 while in Fe O itis +3.
The value of 8/3 for the O.N. of Fe as obtained by conventional method is infact the average of the actual
O.N. of all the Fe atoms in the formula, eg, (1 x 2 + 2 x 3)/3 = 8/3.
(c) Oxidation number of iron in Fe +[Fe(CN)],

o 2l
(¥) By conventional method. Fe, [Fe (CN)gl; or 4x+3x[k+6x ~1]=0 or x = 18/7
{if) By stoichiometry. From our knowledge of coordinate compounds, we know that Fe, isthe +ve part while
the complex ion, Le. [Fe(CN);]; is —ve part. Therefore, total +ve charge on 4 Fe atoms outside the coordination

sphere is balanced by total -ve charge on the complex ion. Since Fe has two oxidation states, Le. +2 and +3,
therefore, Fe in the complex ion has an O.N. of +2 while the Fe atoms outside the coordination sphere have an
O.N. of +3 and the average value of O.N. of the Fe atoms in the molecule = (4x3+3x2)/7=18/7.

(d) Oxidation number of chlorine in bleaching powder, Ca0Cl,

2+ -2 x
Average O.N. of Clin CaOClyis Ca O Clyor2x+2-2=00rx=0

(if) By stoichiometry. The composition of bleaching powder is Ca2*(OCI™)CI™. Here O.N. of Cl in OC1~!
is + 1 while that in C1™ is —1 and the average of two oxidation numbers = 1 x + 1 +1 x — 1 = 0.

\
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A. SUBJECTIVE QUESTIONS (Common with 1.1.T)

Q.1

Ans,

Q.2.

Q.3.

Capper dissolves in dilute nliric acid but not in
dilute HC. Explain.

Since E° of Cu?t /Cu electrode (+ 0-34 V) is
higher than that of H* /H, electrode (0-0 V),
therefore, H' ions cannot axidise Cu to Cu?*
jons and hence Cu does not dissolve in dil. HCL
In contrast, the electrode potential of NO;™ ion,
ie., NOy /NO, electrode (+ 0-97 V) is higher
than that of copper electrode and hence it can
oxidise Cu to Cu?* ions and hence Cu dissolves
in dil. HNOj. Thus, Cu dissolves indil. HNO, due
to uxdation of Cu by NO7 ions and not by HY
ions.

Arrange A, B, C, D, E and H in order of increas-

ing electrode potential in the electrochemical
serles if

A+ H,80, — ASO,+ H,
ACl + C —— CCL + A
ECl, + C —— No reaction

2BCl+D —— DCl, +2B
H,S0,+D —— No reaction

{i) Since A reacts with H,50, to liberate H, but
D does not, therefore, A lies above and D lies
below H in the elecirochernical series.

(i) Further since D displaces B from BCl, there-
fore, E° of D is lower than that of B, ie., D lies
above B in the electrochemical series.

From (i) and (&), the order of increasing E° of the
four elements ie., A, H, D, B.

(i) Since C displaces A from ACL, but not E
from ECl,, therefore, E* of C is lower than that
of A and that of E is lower than that of C.

From (i}, (&) and (i), it is evident that thc overall
order of increasing electrode potentials of these
five elements is : E, C, A, H, D, B.

What is the difference in the definition of an

equivalent in an acid-base reaction and an
equivajent in an oxidation-reduction reaction ?

(BLT. Ranchi 1990)
Equivalent weight in acid-base reaction is the
weight in grams which supplies or accepts one
mole of H* ions

[c.BS.E-P.M.T.(MAINS) spscmz.

T S Mmmamahvwamxmﬂ R

Equivalent weight in oﬁdan'on-reducrion reaction
is the weight of the substance which gains or loses
one mole of electrons,

. Find out the ratio of equivalent weight of

H,C,0,.2 H,0 as an acid and its equivalent
weight as a reductant.

(West Bengal ] E.E. 2004)
() Mol. wt. of H,(50, -2 H,0 (oxalic acid) =
126

Basicity
126
2

- Eq. wt. of acid =

=63

(ii) Oxidation of oxalic acid involves 2e™
change, ie.,

coo~
| — 2CO; +2e”
Coo™

Thus, Eq. wt. of H,C,0, . 2H,0

£ Mol. wt.
No. of electrons lost

126
~ 5= =630

- Ratio of Eq. wt. of oxalic acid as an acid to its
Eqg. wt. as a reductant is 63/63 = 1.
How does Cu,0 act os both oxidant and reduc-

tant ? Explain with proper reactions showing
the change of oxidation numbers in each ex-
ample. {West Bengal J.E.E. 2004)

Cu,0 undergoes disproportionation to form
Cu?* and Cu.

2Cut (ag) —= Cu** (ag) + Cu ()
Thus, Cut or CuyO acts both as an oxidant as well

as a reductant
(i) When heated in air, Cu, O is oxidised to CuO

+1 2

CuO +1/20, — 2CuO
and Cu,0 acts as a reductant and reduces O, io
(&
(i) When heated with Cu,S, it exidises §2~ 10
50, and hence Cu,O acts as an axidant

+1 +1 0
2Cuy0 + Cu,§ — 6Cu + 50,



9/56

Pradeep’s New Course Chemistry K10

3 (. Balance the following equations by oxidation
number method :
(i} S + HNO,— §0, + NO, + H,0
(i) Py + NaOH + H,0— PH, + Nal,P0,.

(West Bengal J.E.E. 2004)
Ans. (S + 4 HNOy; —— S0, + 4 NO, + 2H,0

(@) Py +3NaOH + 3 H,0 —
PH; + 3 NaH,PO,
B, PROBLEMS

6-70 g of an alkali metal oxalate was
dissolved per litre of the solution. 10 cm?® of this solution

required 20 em® of 0-01 M potassivm permanganate
solution in acidic medinm. What is the atomic weight of
the alkali metal.

Solution. The balanced chemical equation for the
redox reaction is

2KMnO, + 5 (COOM), + 8 H,50,—

K,SO, + 2 MnSO, + 5 M,SO, + 10 CO, + 8H,0

where M is the alkali metal
Let M, be the molarity of the alkali metal oxalate
solution. Applying molarity equation, we have,
M, x10 20x0-01
S 2

Let A be the atomic weight of the alkali metal.
Mol. wt. of (COOM), = 2 A + 88

Thus, amount of metat oxalate present per litre of
the solution = (2 A + 88} x0:05¢

But the amount of alkali metai axalate solution
=6-7gL7! (given)
(ZA+88)x005=6T7 orA=23

1-5g of pyrolusite ore were treated with
10 g of Mohr's salt and dilute H,SO ;. After the reaction,
the solution was diluted to 250 cm>. 50 cm® of diluted
solution required 10 cm® of 0-1 N K,Cr,0, solution.
Find out percentage of pure MnO, in pyrolusite.

or M =0.05M

Solution. Pure MnO, present in pyrolusite oxidises
Fe?* of Moht's salt (NH,),S50, . FeSO,. 6 H,0) 1o

Fe*. Unreacted Fe?* of Mohr's salt is determined by
K,Cr 0,
Chemical equations are
MnO, +2Fe?? +4HT —

Mt + 2Fe’t + 2H,0
Cr,0%~ + 6 Fel* + 14H* —
202t + 6 Fe*t + 7H,0

Step 1. To determine unreacted Mohr’s salt.
50 cm® of diluted Mohr’s salt

=10 cm® 0f 0-1 N K,Cr,0,

Normality of diluted solution = 0-02 N
Mol. wi. of Mohr’s salt = 392
Amount of unreacted Mohr’s salt present in
250 cm” solution
_0-02 x392
4
Amount of Mohr’s salt used = 10 —-1-96 = 8-04 g
From balanced equation,
2 Moles of Mohr’s salt (i.e. 2 x 392 g} react with
one mole of MnO, = 87¢

8-04 g of Moht's salt will react with MnO,

=19%g¢g

B7
=mx8-04g=0-892g

Now 0-892 g of pure MnO, are presentin 1-5g of
pyrolusite

0-0892
35

Zage of MnO, in pyrolusite = X 100

= 59 -48%

Prablem 3. 28 cm® of a solution containing ferrous
sulphate and ferric sulphate acidified with H,SO, is
reduced by metallic zinc. The solution required 34-25
em?of 0-1N K, Cr,0, solutjon for exidation. However,
before reduction with zine, 25 cm® of the same solution
required 22-45 cm® of the same K,Cr, 0, solution, Cal-

culate the amount of ferrous sulphate and ferric sul-
phate present per litre of the solution.

Solution. Titration before reduction gives only
FeSO,. After reduction, Fe,(50,), is also reduced to

FeSO, and titration gives total concentration of FeSO,
and Fe,(5Q);.

Milliequivalents of K,Cr, 0 used after reduction
= vpolume x normality = 3425 X 0-1
=3-425
Milliequivalents of K, Cr, 0, used before reduction
=22-45 x0-1 =2-245
Milliequivalents of FeSO, in 25 coy® = 2-245
and milliequivalents of Fe,(S0,) in 25 cm?

=3.425—2-245 = 1180
Now Eg. wt. of FeSO, = 152/1 = 152
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Eq. wt. of Fey(50,); = 400/2 = 200

2-245 1000
Hence FeSO, (g L™1) = Tooo X §52 X =53
=13-65
1, _ L1180 1000
FSZ(SO4)J (gL S 1000 x 200 x S
=944,

Probiem 4. 12-53 cm® of 0-051 M SeO,

exactly with 255 cm® of 0-1 M CrSO, which is oxidised
ta Cry(S0,)5. To what oxidation state is the selenium

reacts

converted during the reaction ?
Solution. Let O.N. of Se in the new compound =x
Reduced

Se0, + 4 -x)cr*rt — seFt oot
I—-Oxidise:cl—T
Now 12-53 cm? 0f 0-051 M Se0,

=12-53 X 0051
= 0-64 millimoles of SeQ,

and 25-5cm?of 0-1 M CrSO, = 25-5 x 01
= 2-55 millimoles of Cr50,

But according to balanced redox equation,

- 21355
P
But Se(; actually reduced = 0-64 millimoles

millimoles

Equating these two values, we have,

2: 55
s =0
Probien 5. 1-1 g of a sample of copper ore is

dissolved and Cu?* (ag) is treated with KI. The iodine
thus liberated required 12-12 em® of 01 M Na,S,0,
solution for titration. What is the percentage of copper
in the ore ?
Solution. The complete balanced equation for the
redox reactions is
2Cu*t + 417 +25,037 — Cu,l, + 8,03 + 21

12-12
1000

No. of moles of S,03 ™ used = x0-1

=1-212 x 10”2 moles
From the balanced equation,

2 moles of 5,03~ reduce Cu?* = 2 moles
- 1:212 x 1072 moles of 5,02~ will reduce
Cu?* = 1212 x 10~2 moles
Wt. of pure Cu present in the ore

=1-212 %1073 x63-5=0-077¢

(4 - x) moles of CrSO, reduce 1 mole of S¢, Thus, %age of Cu in the ore = 2277 x 19
2-55 millimoles of CrSO, will reduce SeO, =79
T t.a.?y

B AL b b Ak A e o e o
=
=
=
a
j

1.L.T. (MA WSJ SPECIAL

S e i e i 1)\/ e

(). 1. 5-0 g of a sample of brass were dissolved in 1
litre dil. H,50,. 20 cm? of this solution were
mixed with KI and libernted lodine required

20 cm® of 0-0327 M hypo solution for titration.
Calculate the percentage of copper in the alloy.

Brass is an alloy of Cu and Zn. When brass is
treated with dil. H,80, in presence of air,

CuS0, and ZnSO, are obtained according to the

following equations :

2Cu + 2H,80, + 0O,— 2 CuSO, + 2H,0
Zn + H,50, — ZnSO, + H,

Out of CuSO, and ZnSO,, only CuSO, reacts

with KT to form I, which can be titrated against

Ans.

SRR,

T

hypo solution. The complete balanced equation
for the redax reactions is

2 CuSO, + 4 KI— 2 K,80, + 2 Cul,
2Cul, — Cul, + 1,
I + 2 Na,8,0y — Na,§,0, + 2 Nal
2 CuSO, + 4 KI + 2 Na,5,0, —»
Cu,1, + K;80, + Na,§5,0, + 2 Nal
Step 1. 7o find out the molarity of CuSO, solution
Let the molarity of CuSO, soln. = M,

Applying molarity equation,
MV, MV,
—7—(CuS0Oy) = —5—(Na;5,0;)
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Ans.

or M, x 20 = 0-0327 x 200r M, = 0-0327
Step 2. To find out the percentage of copper in the
alloy

Volume of alloy solution = 1000 cm®

Molarity of alloy solution w.rt Cu?t
=0-0327M

But At. wt. of Cu = 63-5

Amount of Cu?* formed

=0:0327 X635 =2-076 g

But the amount of Cu* ions in solution is equal
to the amount of Cu in the alloy.

Amount of copper in the alloy = 2-076 g
But the amount of alloy (brass) taken = 5-0g

% of copper in the allay

- 255’—"-6- X 100 = 41-52%

Thus, the percentage of copper in the allay
= 41-52%

. In an ore, the only oxidisable material is Sn?*,

This ore is titrated with a dichromate solution
containing 2-5 g of K;Cr; 0, In 0-50 litre. The

0-40 ¢ sample of the ore required 10-0 cm® of
titrant to reach equivalent point. Calcnlate the
percentage of tin in the ore. (K = 39-1, Cr = 52,
Sn=118-7) (Roorkee 1993)

Wi. of K,Cr,0;, present in 500 cm® = 2-5 ¢
Wt. of K,Cr, 0, present in 10 cm®

Mot. wt. of K,Cr,0, = 294
. No. of moles of K,Cr,0, present in 10 cm®

25SEXEI0RENS
500 x 294 S

The balanced chemical equation for the redox
reaction is :

Cr,02~ + 14 H* +38p?* —
2¢rt +35n** +7H,0
From the above balanced equation,
Cr,0%~ = K,Cr,0, = 350"

solution =

ie., 1 mole K,Cr,02™ oxidises Sn?* = 3 moles
. 0-00017 mole K,Cr, 0, will oxidise Sn**
=3 x 0-00017 = 000051 moie

Q.2

Ans.

Qs

~. Amount of Sn?* oxidised = 1187 x 000051
=0-06g

0-06
0-40
A sample of hydrazine sulphate (N,H;50,) was
dissolved in 250 ml of water. 10 m1 of this solu-
tion was reacted with excess of ferric chloride
solution and warmed to complete the reaction.
Ferrous ion formed was estimated and it re-
quired 10 ml of M/25 potassium permanganate
solution. Estimate the amount of hydrazine sul-
phate dissolved in 250 ml of this solution

4Fet + NyH,— N, + 4Fe2t + aH”

x 100 = 15

%age of Sn in the ore =

MnO, +5Fe?* + $H* —

Mn?* + 5Fe’t + 4 H,0

(M.LN.R. Allahabad 1993)
Step 1. To determine the number of moles of
KMnO , used.
We are given 10 ml of N,H 50, sol.
= 10 ml of M/25 KMnQ, sol.
250 ml of N, HeSO, sal
= 250 ml of M/25 KMnO,

1 1
= 3% % Too0 % 2°0 moles of KMnO,

= 0-01 mole of KMnO,
Step 2. Tb find out the amount of NJH SO 4

Multiplying first Eq. given in the question with 5
and second Eq. with 4 to cancel Fe™ and then
on adding, we get,

4 MnOj + 5N;H, + 12H* — Products

Thus 4 moles of KMnO, react with 5 moles of
N,HS0,

- 0-01 mole KMnO, will react with N;H 50,
= fT X (:01 mole = 0:0125 mole

= 0-0125 x 130 g (Mol. wt. of N,H50, = 130)
=1-625¢

0-5 g sample containing MnO, is treated with
HCI liberating Cl,. The chlorine is passed into
a solution of KI and 30-0 cm® of 001 M
Na, 8,0, are required to titrate the liberated
iodine. Calculate the percentage of MnO, in the
sample (At. wt. of Mn = 55).  (Roorkee 1999)
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Ans.

0.5,

Ans.

Step 1. 1o write the complete equation for the
redox reactions
MnO, + 4 HCl — MnCl, + Cl, + 2H,0

2KI+Cl, —2KO +1,
I; + 2 Na,§5,0; — Na,5,0, + 2 Nal

MnO,; + 4 HCI + 2Kl + 2 Na,§5,0; —

MnCl, + 2KCl + Na,§,04 + 2 Nal + 2 H,0
Step 2. To calculate the percentage of MO, in the
sample
No. of moles of Na,S,0, present in 30 cm? of G- 1
M Na,§,0, solution

el
1000

From the balanced equation, it is evident that,
2 moles of Na,8,0, = 1 mole of MnO,
= 0-003 mole of Na,5,0,

= 2 %0003 = 0-0015 mole MnO,

x 0-1 = (-003 mole

Now Mol. wt. of MnQ, = 55 + 2 x 16 = 87
. Wi, of MnO, reacted = Moles x Mol. wt.

=0-0015 x87 =0-1305¢
Zage of MnQ, in the sample
2 0-1305
05
0-5 g mixture of K;Cr;0; and KMnO, was
treated with excess KI in acidic medium. Iodine

liberated required 100 em® of 0-15 N sedium
thiosulphate solution for titration. Find the per-
cent amount of each in the mixture (At. wts. K
=39,Cr =52, Mn =55 Na =238 = 32)
(Roorkee 1995)

x 100 = 26-1%.

The reactions involved are :
K,Cr,05 + 7H,80, + 6 KI—

2%g
4K,80, + Cry(SO); + TH,0 + 31, ()]

3 X 254
=762g

2 KMnO, + 3 H,S0, + 10Kl —

2x 158
=3l6g
K;50, + 2MnSO, + 8H,O0 + 51, {7y}
5 x 254
=1270¢g

2Na5,04 + I, — Na,5,0, + 2 Nal
Suppose weight of K,Cr,0, in the mixture =x g
Then weight of KMnQ, in the mixture

=(0-5-x)g
3 762
lodine produced from x g K,Cr,0, = 395 XX£
Todine produced from (0-5 - x)g KMnO,
127¢
=316 x (@5 -x)g
‘Total iodine produced
. 162x 1270 (05 ~ x)
294 316 &
100 ccof 0-15 N Na,S,0,
= 100 cc of 0-15 N I, solution
127 X 0-15
=—1-66-6—x1003=1-9053
Hence _m_762x LIS 8 3(:'65 —=l = 1-905
which on solving givesx = 0-073 g
- % age of K;Cr,0y in the mixture
0-073
=5 X100 = 14-6%

and % age of KMnQ, in the mixture
=100 — 14:6 = 85-4%

Q6. A3-0gsample containing Fe,0,, Fe,0, and an

inert impure substance, is treated with excess of
KI solution in presence of dilute H,50,. The

entire iron Is converted into Fel* alongwith
liberation of lodine. The resulting solution is
diluted to 100 ml A 20 ml of the dfluted solution
requires 110 ml of 0-5 M Na,S,0, solution to
reduce the iodine present. A 50 ml of the diluted
solution after complete extraction of the iodine
requires 12-30 ml of 0-25 M KMnO, solution

in dilute H,SO, mediom for the oxidation of
Fe’*, Calculate the percentages of Fe,0, and
Fe;0, in the original sample. (LT 1996)

Ans, Fe;O, is an equimolar mixture of FeO and Fe,0,

The reactions involved are :
(i) FeO + H,S0,— FeSO, + H,0
(i) FeqO4 + 2H,50, —
2FeSO, + 2H,0 + (0)
2KI + H;SO, — K,S0O, + 2HI
2HI + (0)— H,0 + I,

Fe,05 + 3H,80, + 2KT—

2FeS0, + K50, +3H,0 + 1,
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(i) 2 Na,8,04 + [, — Nay5,0, + 2 Nal
{v) 2 KMnO, + 3 H,50, —
K;80, + 2MnSO, + 3 H,0 + 5 (0)
2FeSO, + H,804 + (0) —
Fe,(SO,), + HyO % 5

2 KMnO, + 8 H;SO, + 10 FeSO, —»
K,S0, + 2 MnSO, + Fe5(S0,); + 8 H,0

Resulting sotution containing I, + Fe?* afier
dilution = 100 ml
20 m! of diluted solution =11-0mlof -5 M
Na,8,0,
-~ 100 m! of diluted solution

= 55.0 m10f 0-5 M Na,S,0,

05 =
= Togp X33 =0 0275 mole Na,§5,0,
= wzlﬁ = 0-01375 moles I,

= 0-01375 mole Fe, 0,
Again, 50 ml of diluted solution
= 12-80 ml of 0-25 M KMnO,

- 100 ml of diluted solulion

0-25
m % 2560 = 0-0064 mole KMD04

=5 % 0-0064 = 0-032 mole FeSO,

Thus 0032 mole FeSO, has been obtained from
0-01375 mole Fe,0, and the remaining from
FeO.

As 1 mole Fe,0, = 2 moles FeSQ,

2. (01375 mole Fe,05 = 2 x 0-01375 moles
FeSO, = 0-0275 mole FeS0,
. Fe30, formed from

FeQ = 0-032-0-0275
= 0-0045 mole
But | mole FeSO, = 1 mole FeO

~. 0-0045 mole FeSO, = 0-0045 mole FeO
As Fe,(, contains equal moles of FeO and
Fe,0,
- Fe40,4 present in Fe,O, = 0-0045 nole
-. Free Fe, 0, present in the mixture
= 0-01375 - 0-0045 mole

= 0-00925 mole
Thus in the mixture
Fe,04 = 0-0045 mole 232 x 0-0045 = 1-044 g
Fe,05 = 0-00925 mole 160 x 0-00925 = 1-48¢g
- % age of Fe,0, in the mixture

_1-044
179

% age of Fe, O, in the mixture

mpldE;
I

X 100 = 34-8%

X 100 = 49-33%

. One litre of a mixture of O, and 0, at NTP

was allowed to react with an excess of
acidified solution of KI. The iodine liberated
required 40 ml of M/10 sodium thiosulphate
solution for titration. What Is the weight per-
cent of ozone in the mixture ? Ultraviolet
radiations of wavelength 300 nm can decom-
pose ozone, Assuming that one photon can
decompose one ozone molecule, how many
photons would have been required for the
complete decomposition of ozone in the
original mixture ? (I.IT 1997)

. Oy — 0,+0

ZKI + H2804 + (0) ——1 KZSO4 - o HZO =t 12
2Na,80, + I, — Na,5,0, + 2 Nal

2Na,8,0, + 2Kl + O3 + H,80, —
0, + K;80,4 + H,O + Na 5,04 + 2 Nal

2 moles of Na,8,0, react with one nicle of O,

No. of moles of Na,5,0, in 40 ml of—l-h% Na,§,0,4

1 1

i s, L -3
Ty 1000)(40 4 x 10 7 mole

O, reacted (present) = 2 x 10> mole

(" 2 mole Na;5,0, = 1 mole O,)
Volume of Oy =2 x 1073 x 22:4 L
=0-0448 L,
. Volumeof O, = 1 ~ 0-0448 = 09552 L.
Weight of Oy = 2 x 1072 x 48 = 0-096 g

Weight of O, = -—-2% x32=1:3646 ¢

- Weight of mixture

=0-096 +1-3646 = 1-4606 g
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7% of Oy by weight

- D-096
1-4606

No. of molecules in 2 x 1073 mole of O,

x 100 = 6-573%

=2 x107% x 6-022 x 1083
=1:2044 x 102!

No. of photons required = 1-2044 x 10%!

Q. 4. An aqueouns solution of 0-10 g KIOy (formula
weight = 214-0) was treated with an excess of
KI solutlon. The solution was acidified with
HCl. The liberated 1, consumed 45-0 ml of

thiosulphate solution to decolourise the blue
starch jodine complex. Calculate the molarity of
sodium thiosulphate solution. (ILT 1998)

Ans. The reactions involved are :

101" —— 51, + 102~

2105 + I2H* + 1017 — 61, + 6 H,0
28,037 + 1, 5,07 +217| x 6

2107 + 12H* + 125,03 —
65,03~ +21” + 6 H,0

IE(0OF]
No. of moles of KIO, =318
0-1
No. of moles of NazSzO3 reacted = 713 % x 6,

which are present in 45 -0 mi.
Hence molarity of Na,$,0, sol.

_0:1x6 _ 1000

W, . as
2107 + 12HY + 10e” — 6 H,0 + |

o 5 2 = 0-0623 M.
o R B A G P o o RS B S e

MULTIPLE CHOICE ESONS

A e ] NJM‘CJ"'IM‘!’

Fbr GBEE-

- )

1. Oxidation number of sodium in sodium amalgam

is
(@) +1 ()0
(©)-1 d) + 2.

2. For the reaction,
M™* + MnOy —— MO; + Mn?* +1/20,

if one mole of MnOj oxidises 1-67 moles of M*+

to MOy, then the value of x in the reaction is

(a)5 )3
©)2 (d)1.
3. The oxidation number of phosphorus in
Ba(H,PQ,), is
{a)+3 b)y+2
er+1 @)-1. (L.LT. 1990)

4. For the redox reaction,
MnO; +C,05” +H* — Mn?** +C0,+H,0

the correct coefficients of the reactants for the
balanced reaction are :

M@ e el £

_Ad) 2 5 16

(Preliminary), IIT Screening, AIEEE, AlIMS,
and All Bﬂﬂr Competitive E:taﬁﬂniﬂphi

T

) 16 5 2
(©) 5 16 2
- (d) 2 16 5. (LLT 1992)
)& If a half cell reaction, A+e~ —= A~ has alarge
negative reduction potential, it follows that
(@} Ais easily reduced e
(b) A is readily oxidised
(c) A is readily reduced
(d) A™ s readily oxidised.
(M.L.N.R. Allahabad 1992)
6. The oxidation state of chromium in Cr(CO); is
17501 (b) +2
{c)-2 (d) +6.

(A.LLM.S. 1993}
7. Which of the following is not a redox reaction ?
(@) CaCO, - Ca0 + CO,

(b) O, + 2H, - 2H,0
(¢)Na + H0 - NaOH + 1/2H,
(d} MnCly +» MnCly+1 /2 Cl,
(ALIM.S. 1993)

B AN S-w*E Rf{*%'ﬁ?ﬁ?@&?}"f’{é‘zﬁ, 3

1.5 20 3o 4. a 8 d

6, i
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% A mole of N,H, loses ten moles of electrons to

form a new compound Y. Assuming that ail the
nitrogen appears in the new compound, what isthe
pidation state of nitrogen in Y 7 (there is no
change in the oxidation number of hydrogen)
(a)-1 ®)-3
{c) +3 (d) +5. (BHU 1994)
9. When copper is treated with a certain concentra-
tion of nitric acid, nitric oxide and nitrogen dioxide
are liberated in equal volumes according to the
equation,
x Cu+ y HNO; —Cu(NO;), +NO +NO,;+H,0.

The coefficients of x and y are
(a) 2and 3 @2 and 6
(c)land3 (d)3and8.

(CHESE. BT 1999]
10. In which of the following pairs, there is greatest
difference in the oxidation number of the under-
lined elements ?
(@) NO, and N, O,
{c) N,O and NO

(b) P,O5and P, Oy

_4d}80, and SO,
(DCE1994)

11. In the reaction,

2FeCl, + H,S — 2FeCl, + 2HCI + 8
(@) FeCly acts as an oxidizing agent

() Both H,S and FeCl; are oxidized.
(c) FeCl, is oxidised while H,S is reduced

() H,S acts as an oxidizing agent.
(GRS EAT 199G}

o
‘ri “Number of moles of KMnO, required to oxidise

one mole of Fe(C,0,) in acidic medium is
{a@)0-6 ®)1-67

(c)0-2 (d)0-4
{Haryana C.E.E.T 1996)

13. In the reaction,

3Br2+6CO§_ +3H,0 —5Br~ +BrO; +6HCO;
(a) Bromine is oxidised and carbondite is reduced
(b) Bromine is reduced and water is oxidised
(c) Bromine is neither reduced nor oxidised

) Bromine is both reduced and oxidised.

L T#EG

+ 14" A standard hydrogen electrode has zero electrode

potential because
ATNTS

10. 4 11. 2 12. a

20.a

9. b
19. a

8. c
18. b

15.

16.

17.

18.

19.

20.

13

(@) hydrogen is easiest to oxidize
(b’)“'this electrode potential is assumed to be zero
{c) hydrogen atom has only one electron
() hydrogen is the lighest element. (/.1 207
Which of the following is a redox reaction ?
(a) H,SO, with NaOH
(b) In atmosphere ,0, from O, by lightning
4 Nitrogen oxides from nitrogen and oxygen by
lightning
(d) Evaporation of H,O.
(CLB.SE. PALE 1297]
The oxidation potentials of A and B are +2-37V
and + 166 V respectively. In a chemical reaction,
(@) A will be replaced by B
&) A will replace B
{c) A will not replace B
(d) A and B will not replace each other.
CGPS.EAT 1990 ; PRG I 1997)
Which among the following is the strongest reduc-
ing agent ?
Given, Fe?t + 2¢~ — Fe (-0-44V);
Ni** +2¢™—— Ni(-0-25V);
Sn? +2e” —— Sn (-0-14 V) and
Fe3t + e~ —— Fe2t (-0.77V)
(a) Fe Pyrert
(c) Ni (d} Sn
Without losing its concentration, ZnCl, solution
cannot be kept in contact with

(a) A #rA
(¢)Pb @) Ag

(GRS BT 1795

(B.H.U. 1998)

The standard reduction potentiat values of three
metallic cations, X, Y, Zare 0-52,~3-03and —1-18
V respecively. The order of reducing power of the
corresponding metal is
>Z>X

©Z>Y>X

MHX>Y>Z
(dyZ>X>Y.
(L1.81228)

The oxidation number of sulphur in
Sg . SoF; , H,S respectively, are
4450, + 1and -2 (b) +2, +1and -2
{c)0, +1and +2 (d)-2, + 1and -2.
10 Ay O R

CEPRESICNS

d 14. & 15. ¢
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21.

22.

23.

24,

25,

26.

27.

A gas at 1 atm is bubbled through a solution

containing a mixture of 1M Y" and IM Z™ at
25°C. If the reduction potential of Z > Y > X,
then

{(a) Y will oxidize X and not Z

(b) Y will oxidize Z and not X

{c) Y will exidize both X and Z

(d) Y will reduce both X and Z. (LLT 1999)

A metal ion M3* loses 3 electrons, its cxidation
number will be

{a) +3 ®)+6
(c)0 (d)—3 (C.PMT 1999

To an acid solution of an anion, a few drops of
KMnO, solution are added. Which of the follow-

ing, if present, will not decolourise the KMnO,

solution ?
(a) CO3~ (b)NO;
(c) 8%~ (@) CI~. (D.CE 1999

The partial ionic equation,

Cry07~ + 14H* + 6~ — 20 + TH,0
suggests that the equivalent weight of Cr,02~ will
be equal to its formula weight divided by

(a)3 ()6
(€)1 (@) 14.
(D.CE 1999)
Oxidation state of asmium (Os) in OsO, is
(@) +7 ®)+o6
{c)+4 (B +8

(A ALS 1990

Fuorine is the best oxidising agent because it has
{a) highest electron affinity
(b) highest E°, . cion
(c) highest E°_ 4, i0n
(d) lowest electron affinity.

CHarpana QBT 1999)
A compound contains aloms of three elements —
A, B and C. If the oxidation number of A is + 2B
is + 5 and that of C is - 2, the passible formula of

29,

a1

32

33.

35.

. In the given reaction,

K,Cr,04 + XH,80, + YSO, —
K,80, + Cr,(SOp), + ZH,0

XY, Zare
(@)1,3,1 b)4,1,4
(€)3,2,3 21,2

(BLHU 1994, 2000)
The oxidation number of iron is Fe, 0, is
(@) +2 ®)+3
{c}83 (d) 213.
(C.B.S.E. PM.T. 1999 ; Haryana C.E.E.T. 2000)

. Which will be the proper alternative in place of A

in the following equation.
2F*" (aq) + sn?* (ag)— 2 Fe?* (ag) + A
(a) Sn** (b) Sn**
(c) Sn** (d) Sn.

(M.EC.E.E. 2000)
Number of moles of K,Cr,0, reduced by 1 mole
of Sn?t is
(a) 1/6
{c)2i3

)13
(d)1.

(Haryana C.E.E.T. [996, 2000)
Which of the following is not a reducing agent ?
() SO, (5) H;0,
(c) CO, (@NO,. (n.cE 2000
Equivalent mass of axidising agent in the reaction,
50, +2H;S— 38 +2H,0is

(a)32 (b) 64

(c) 16 (4)8. (D.C.E. 2000)
. The oxidation state of chromium in

{Cr(PPh;),(CO),] is

(@ +3 ®)+8

{c) zero (d+5. (D.CE 2000

The values of x and y in the foltowing redox reac-
tion,

xClz+60H‘——-CIOJ‘ +yCl~ +3H,0are

the compound is E“))—‘ v :J’ =;‘ (B)x=5y=3

) Ay(BC b} Ay(B g (D =4,y =2

( :GB( 42 (d) :3 B"C)’ (C.PM.T. 2000)

C

(c) ABG, (@) A3(BGy),. 36. Amongst the following, identify the species with an
(C.B.S.E PAMT 2000, atom in +6 oxidation state
A N S8 g s sons

a 22. 5 23 a 24. b 25 d 26. 5 27 28, X

b he Be e . s
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(@) MnOy (b) Cr(CNY;™ MnO; (aq) +8H* (ag) + 6e™ —»
() NiFz~ (d) CrO,Ci, Mn?* (aq) + 4H,O (h E® = 1-51V
37. For the electrochemical cell, M | M*('L|‘|L)1(:30|”;}(), Crz()-z,' .\ W DR 5T

38.

39.

40.

B+ = 0-44 V and B x— = 0-33 V.

From these data one can deduce that

(@M + X— M™ + X is the spontaneous reac-
tion

{B)M+ + X~ — M + Xis the spontaneous reac-
tion

(©) By = 0-T7V

d)Egy= - 077V (LLT. 2000)
In the standardization of Na,S,0; using K;Cr,0,
by iodometry, the equivalent weight of K;Cr, 04 s

{@) (molecular weight)/2
(b) (molecular weight)/6
(c) (molecular weight)/3
(d) same as molecular weight.
The reaction, 3 CIO™ (ag)—

(LIT 2001)

ClOy {aq) +2 CI” (ag)isan example of

(a) Oxidation reaction

(b) Reduction reaction

{c) Disproportionation reaction
(d) Decomposition reaction.
Standard electrode potentials are

(LLT 2001)

Fe?t /FeE*= - 0-44V, Fet3 /Fet2E =0TV

41.

42.

Fe+? Fe*3 and Fe blocks are kept together, then
(a) Fet3 increases

(b) Fe*3 decreases

(c) Fe*?/ Fe*3 remains unchanged

{d) Fe¥2 decreases

(C.B.S.E PMT 2001)

The reduction potentials of Zn, Cu, Fe and Agare
in the order :

(a) Ag, Cu, Fe, Zn
(¢) Zn, Cu, Fe, Ag

(b) Cu, Ag, Fe, Zn

(d) Fe, Zn, Cu, Ay
(NS.E.2005)

Standard electrode potential data are useful for

understanding the suitability of an oxidant in a

redox titration. Some half cell reactions and their

standard potentials are given below

43.

45,

46.

2C3Y (aq) + TH, 0 (), E° = 1-38YV
Fe3™ (aq) + e~ —» Fe!t (ag); E°=0-7TV
Cly(g)+2¢” — 2C17 (aq); E° =140V
Identify the only incorrect statement regarding the
quantitative estimatiion of aqueous Fe(NO,),
(@) MnO; can be used in aqueous HCl
(b) Cr,03™ can be used in aqueous HCI
(¢) MnOy can be used in aqueous H,50,
(d) Cr,0%™ can be used in aqueous H,S0,
(LLT 2002)
When KMnO, acts as an oxidising agent and ul-

timately forms MnO; 2 MnO,, Mn,0; and

Mn*2, then the number of electrons transferred in
each case respectively is

@4,3,1,5
(€)1,3,4,5

1,537
@By Tsl
(A LEEL 2002)
Which of the following is a redox reaction ?
(@) NaCl + KNO; — NaNOQ, + KCI

(b) CaC,0, + 2HCl— CaCl, + H,C,0,
(¢) Mg(OH), + 2NH,Cl— MgCl, + 2NH,OH
{(d) Zn + 2AgCN —= 2Ag + Zn(CN),

(A.LE.EE 2002)

A smuggler could not carry gold by depositing iron
on the gold surface since

{(a) Gold is denser

(b) Tron rusts

{c) Guld has higher electrode potential than iron

(d) Gold has lower electrode potential than iron
(Karnataka C.IET. 2062}

The oxidation states of sulphur in the anions

503%™, 5,03 and S,03~ follow the order :

(a) S,03 < SO}~ < 8,08~
(6) SO}~ < §,0%™ < 8,0¢”

i;';-.:“%iffzégfééa;f':Ea‘é:‘z‘Eé;f_:év:’4‘\&?5'@*"3?5;'-f:f*'é?f”f'-:'-:-:;,il.f"-iﬁ'fi:sf wE RS

36. d

Ly Ny 3.5 3¥.¢e 40. &

41. a

42. a 43. ¢ 44. d
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47,

49,

(c) 8,05 < §,0%~ < SO3~
(d) S,0%™ < 8,017 < S0%~
(C.B.S.E. PM.T 2003)
Which of the following is actually possible if oxida-
tion potentials of Zn = + 0-76 V and
Ag=-0-80V?
A&)Zn + 28 — Zn?* + 2 A
(b)Zn?t + 2 Ag— Zn + 2Ag"
(€)2Zn+2Ag— Zn** +2Ag"
(@) Zn** + Agt — Zn + Ag
(Wardha MLG.LM.S. 2003)

moles of H, O, required is
{a) 112 (b}372
Aexs2 (@) 712
PLLLMS. 2004

The pair of compounds having metals in their
highest oxidation state is

(a) MnO,, FeCly
(6YMnOy, Cro,Cl,

() [Fe(CN)sP ™, [Co(CNy,]

(@) [NiCI, ]2~ , [CoCl,]
Consider the fotlowing E° values
B'p 3+ /pe2+ = 0:77V, E%g,2% s, = — 014 V

Under standard conditions, the potential for the
reaction,

Sn (s) + 2 Fe** (aq)— 2 Fe?* (ag) + sn?* (ag)
is

(@)0-63V
L5091V

(LLT 2004

(b)1-40V
(d)y1-68V
(A.LE.E.E. 2004)

S1. The E°\3+ 2+ values for Cr, Mn, Fe and Co are

041, 4+ 1-57,+0-77and + 1-97V respectively.
For which one of these metals, the change in oxida-
ljon state from + 2 to + 3 is easiest ?

(@) Co (5) Mn
(c)Fe (@) Cr (A.LE.E.E. 2004)

kl, Excess of KI reacts with CuSO, solution and

46. a
6. d

Na,8,0; solution is added to it. Which of the state-
ments is incorrect for the reaction ?

51.d

47. a 49. b

2 M

48. ¢ 50, ¢

(a) Evolved I, is reduced

~#yCul, is formed

53,

85,

(c) Na,5,0, is oxidised

(@) Cu,yF, is formed (ALEE.L. 2004)
The oxidation number of carbon in CH,Cl, is

(@y0 ®)2

(©)3 (@)5 (AEM.C. 2004)

What is the equivalent mass of 10;” when it con-
verted into I, in acid medium ?

(a) M/6 ATM/T
(c) M/S5 (dyM/4
(e) none of these {(Kerala M.E.E. 2004)

a K,Cr,0; + 5 KCl + ¢ H,SO, —~x Cr0,Cl1,
+yKHSO, +z H,0

The above equation balances when
{a)a=2b=4c=6andr=2,y=6,z=73
(b)a=4,b=2,c=6andx=6y=22=3
(Ya=6,b=4,c =2andx=6,y=3,z=2
ia=1b=4c =6andx=2,y=6,z=3
{(e)a=1,b=6,¢ =dandx=6,y=2,2=3
(Rerala E.E.E. 20043
Aluminium displaces hydrogen from dilute HCI
whereas silver does not, The EM.E of the cell
prepared by combining Al/ AP and Ag/Ag? is
2:46 V. The reduction potential of silver clectrade

15 + 0-80 V. The reduction potential of aluminium
electrode is

@ +1-66V
(€)3-26V

(b)-3-26V
(dy=1-66 V
(Karnataka C.15 1 2604)

. Which of the following statements is true for the

electrochemical Daniel cell ?

(a) Electrons flow from copper electrode to zinc
electrode

 -@¥Current flows from zinc electrode to copper

electrode
AeyCations move towards copper electrode
(d) Cations move towards zinc electrode
(ALLM.S. 2004)

58 Which is the best description of the behaviour of

bromine in the reaction given below ?
H,0 + Br, — HOBr + HBr

52. b
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{a) Proton acceptor only
() Both oxidised and reduced
(¢) Oxidised onty
_/ (d)Reduced only (C.B.S.E. PM.T. 2004)
59, In a galvanic cell, the electrons flow from
(@) anode to cathode through the solution
(b) cathode to anode through the solution
{cyanode to cathode through the external circuit
(d) cathode to anode through the external circuit
{ Karnataka C.E.T. 2004)
\)6./ "An aqueous solution containing one mole per litre
of each Cu(NOy),, AgNO;, Hegp(NO3),,
Mg(NQ,), is being electrolysed using inert
electrodes. The values of standard electrode poten-
tial (reduction potentiat) are Ag* /Ag = +0-80

. €r,0%”

Hg*/Hg = + 0:79, Cult/Cu=+034V,
Mgt /Mg = — 2-37.
With increasing voltage, the sequence of deposition
of metals on cathode will be
(a) Az, Hg, Cu, Mg (b} Mg, Cu, Hg, Ag
(c) Ag, Hg, Cu (d) Cu, Hg, Ag
(e) Cu, Hg, Ag, Mg
(LLT 1984 ; Kerala M.E.E. 2004)

A

ut
+ X—s €% + H,0 + oxidised product
of X. X in the above reaction cannot be

(@) 0% (b) Fe**
(c)SO%~

(DS (cpMT 2004)

HINTS/EXPLANATIONS to Multiple Choice Questions

1. Sodium amalgam is 2 homogenous mixture of Na
and Hg and as such Na exists in the elemental state
and hence its O.N. is zero.

+7
2. MnOj +5e — Mn?*

Since I mole of MnO; accepts 5 moles of
electrons, therefore, 5 molesof electrons ate lost by
1-67 moles of M**
1 mole of M* wilt lase electrons = 5/1-67
= 3 moles (approx.)
Since M** changes to MOJ (where O.N.of M =
+ 5) by accepting 3 electrons
.. Oxidation state of M, ie,
x=+5—3=+12
4. The balanced redox equation is
2MnO; +5C,087 + 16HY —
2 Mn?* + 10CO, + 8§ H,0

Thus, the coefficients of MnO," , C,0%” and H*
respectively are 2, 5 and 16.

5. Large negative potential for the reaction, A + e
— A~ impiies thal the reverse reaction occurs,
ie., A is readily oxidised.

7. The O.N. of Ca, C and O remain the same

8. Total O.N.of2 nitrogen atoms in N, H, is —4. Since
it l1oses 10 moles of electrons, therefore, the total

O.N. of two N atoms in Y increases hy 10, ie. the
total O.N. of two N aloms in

= -44+10=+%06.
ON.ofeachNisY = + 6/2= + 3.
9. Balanced equations for producing NO and NO,
respectively are :
3Cu + 8HNOy, —

3 Cu(NOy); + 2NO +4H,0  ..(i)
Cu + 4 HNO; —— Cu(NQ,), + 2NO, + 2H,0
(i)

Adding Eqns. (f) and {if), we have

4Cu + 12HNOy —
4 Cu(NOjy), + 2NO; + 2NO + 6 H,0
or 2Cu+ 6 HNO; ——

2 Cu (NOy), + NO, + NO + 3 H,0

Thus coefficients x and y of Cu and HNO; respec-
tively are 2 and 6.

12. MnOJ +8H* +5¢ — Ma?* + 4H,0
FeC,0, — Fe?t + GOy
Fe?t — s Fet +e”
01" —~—2C0, +2¢e”

Since one mole of FeC,04 loses 3 moles of
elecirons while one mole of KMnO, accepls five
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16.

17.

18,

19,

21.

22,
23.

27.

28,

30.

3.

moles of efectrons, therefore, number of KMnQO,
required to oxidise one mole of FeC,0, = 3/5
= 0-6 mole.

A metal with higher O.F. (ie. A) replaces a metal
with lower O.P. (i.e. B) from its aqueous solution.

The species with the lowest electrode potential is
the strongest reducing agent i.e. Fe2t,

Only Al (E° = —1-66 V) has lower electrode
potential than Zn (E° = —0-76 V) and hence it will

reduce Zn* (o Zn while all others have higher
electrode potentials than Zn.

Lower the reduction potential, stronger the reduc-
ing agent. Y (-~ 3-03 V) > Z (- 1-66 V) >
X(+0-52V)

Since the reduction potential of Y is greater than
that of X but lower than that of Z, therefore, Y will
oxidize X but not Z.

M3t s MO 13

In COZ7, C has highest oxidation state of + 4,

therefore, it cannot act as a reducing agent while all
others act as reducing agents and henice wilt not
decolourise KMnO, sofution. -

Six electron change,
Eq. wt. = mol. wt./6.
IR(+F+2x(+5+4x-2)
=+6+2(-3)=0.
The balanced equation is
K,CrO; + H,50, + 350, —
K;80, + Cr;(504)4 + H,0.

Therefore, X, Y and Z, the coefficients of
H,50,, SO, and H,O respeclively are 1, 3, 1.

The balanced equation is :
2Fet (ag) + sn?t (ag) —+
2Fe?" (ag) + sn** (ag)
Thus Ais Sn* ™.
Cr03” + 14H + 67— 208" + TH,0

Sn¥* —Sn*t 4 2.7 x3

Cry0%~ + 14 H* + 3802+ —
3sn** + 208t + 7H,0

From the above Eqn., it is evident that 3 moles of
$n** reduce 1 mole of Cr,02~

-~ 1 mole of Sn2* will reduce 1/3 mole of Cr,02~.

32.

33.

34,

as,

A

38.

40.

41.

42.

Cin CO, has the maximum O.N. of + 4 and hence
it cannot act as a reducing agent.
In this reaction SO, oxidises H,S8 to §, theretore,
50, acts as the oxidising agent. During oxidation,
four electrons are lost, i.e.,

80, +4e”— 8§+ 202"
Thus, Eq. wi. ol 50, = Mol. wt./4

= 64/4 = 16.

Since both the ligands, Le., PPh, (triphenylphos-

phinc) and CO are neutral and the compiex does
not carry any charge, therefore, QO.N. of Cr is zero.

The balanced chemical equation is ;
3CL +60H” — CIO; +5C1 +31L,0
MY+em — M E=+0-44V i)
X+e — X7 E° = +0-33V ()
Subtracing Equ. (i) from Eqn. (i), we have
M- X M-X": E=+0.11V
oo MY+X"—M+X ; E=+01V
ie, M*3+X —wMa+X
is the spontaneous reaction.
Since K, Cr,0, accepts 6 electrons for its reduction
to Cr** tons. - Eq. wt. = Mol. wi./6.
Since E“Fez-I-/Pa s —ve, therefore, Fe has a high
tendency to pass into Fe?% ions. As a resull,
[Fe?*] increases and hence that of [Fe?™|
decreases. Allernatively, Since Fe3* / Fe2t is +ve.
therefore, Fe>* has a strong tendency to pass into
Fe** and hence [Fe?¥| increases and that of
[Fe?t) decreases.
E” values decrease in the order :
Ag(+ 0:80V), Cu (+ 0:34 V), Fe (—0-44 V),
Zn {(—0-76 V.
MnQ," will oxidise CI™ jon according fo the equa-
tion,
2KMnO; + I6HY + 1001 -
2Mn?Y + 8H,0 + 501,
The celt corresponding to this reaction is
Pt, CL, (1bary | CIT }| MnO;", M2t H* | Py
E y=151-140=011V
As B°_, is +ve, the above reaction is feasible and
MnOg" will oxidise not only Fe2* jon but C1™ ion
also,
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KMaO, + e~ —» (MnO.~?, (i{) 2 Na,5,0; + I — Na,§,04 + 2 Nal
9 -‘H. - Cul, is only incorrect statement.
_ KMnO, +3e” — MnO, 54, 2107 + 161" + de” — 1, + 8H,0
+7 o +3 ; _ 2% Mol wt.
KMnO, +4e~ — 1/2Mn0y Eq.wi. of I0] = =20 = M /7

KMnO, +5¢~ — Mn

45.

 and hence can oxidise Fe to Fe?”*.

46.

4.

OB 0Ty,

+2 i 55, K,Cr,0; + 2H,50, —
2 KHSO, + 2 CrO, + H,0

ol e £ et
Za—e7ntl w2en AL de o AL 2 KCt + H,80, — 2KHSO, + 2ZHCI x 2
Gold has higher B° (+1:50 V) than Fe (a(l. 44 V) CrO, + 2 HOl — CrO,Chy + H,0 % 2

K,Cr,0; + 4 KCl + 6 H;S0, —=

Sl Vi 2 s
8,04 (+3) < SOF” (+ ) < 5,067 (+3) 2Cr0,Cl, + 6 KHSO, + 3 Hy0

For the reaction, Zn + 2 Ag—=Zn"* + 2Ag,the 6. AL| AP [} AgT | Ag
corresponding cell s Zn | Ze* || Ag* | Ag B m B B %
Since the EMLE. of this cell s +ve, ie. ' or 2:46 = 0:80 — E*2 3+ /a1

or Byt 4=~ 166V

e s 2 il et 60. Higher the reduction potential more casily it is

_ Sn | 5_"‘2 -”;F";; Iﬁ’ i reduced. Since the reduction potential (—2-37
de . Lt
. E M'QW' gt i b ¥ V) of Mgt is much Jower than that of water
ot ;cr;ii;ﬁvi_f{}?;--ﬂdn‘ﬁ?' _ (—0-83 V), therefore, H,O pets reduced in
 Since the E* for tﬁuh&ﬁrﬂmm is —ve, therefore, preference to Mg? ™ fons. In other words, Mg
- the reaction oecurs in the backward direction, ie., cannot be obtained by electrolytic reduction of
Cr?™ gets oxidised to Cr¥*. For all other half reac- Mgt ions in agueous solution. Thus, the actual
__IWSY-E“ are _-I_-_}-'ﬁ;ﬁ}_d_l?#nw reactions oceur in the sequence of deposition is Ag, Hg, Cu.
' forward direction, i.e. + 3 oxidation state is reduced
oL 61. SO3 is not a reducing agent and hence does not
(()2CuS0, + 4 KI— Cugly +1; + 2K;50, reduce Cr; 07 :
L A A T ey R 0 e RS A BB A B o A A R L R A A s
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Assertion-Reason Type Questions
The questions gim below consist of an ‘Assertion’ in column 1 and the ‘Reason’ in column 2. Use the following
key to choose the appropriate answer.
(a) If both assertion and reason are CORRECT and reason is the CORRECT explanation of the assertion.
(h) It both assertion and reason are CORRECT but reason is not the CORRECT explanation of the assertion.
{c) If assertion is CORRECT but the reason is INCORRECT,
(d) If both assertion and reason are INCORRECT.

Assertion (Column 1) Reason (Column 2)

Blue colour of CuSO, solution fades away when | Cu?* jon is oxidised by Fe.
iron plate is placed in it.

Copper liberates hydrogen from a dilute solution | Hydrogen is below copper in the electrochemical series.
of hydrochloric acid. (A.LIM.S. 1995)

Zinc displaces copper from copper sulphate solu- | E°of Zn is — 0-76 V and that of Cu is + 0-34 V.
tion. | (A.LILM.S. 1999)
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True/False Statements

Which of the following statements are true and which 6. Stock notation is used to name compounds of me-

are false ? Rewrite the false staternents correctly. tals which involve variable oxidation states.
1. Oxidation is a process which involves loss of electrons. 7. The oxidation number of N in NF, is +3.
2. Reducing agents are electron acceptors. A
3. Co i be oxidised by Zn?* i 8. Metals whose electrode potentials are lower than
- Copper meta 2ol B by ions. that of standard hydrogen electrode react with
4. Cly can oxidise Br™ iasn to Br,. aqueous mineral acids to evolve H, gas,
5. Copper sulphate solution can be placed in a vessel 9. HgCl, and SnCl, cannot exist as such if present
made of zinc. together in an aqueous solution.
Fill In The Blanks
1. Oxidising agentsare .............. while reducing agents 6. Standard electrode polentials are measured under
:1{ -yl e o Al concentration of metal ions and a
temperature of ............... .
2. In oxidation, the oxidation number of an element pe ’ ’
P = 7. The standard electrode potentials of single elec-
................. while in reduction, it .......oeeoro... . :
trodes are measured with reference to .............. .
3. A substance which increases the oxidation number 8. In the clectrochemical series, the elements are ar-
of some other substance in a chemical reaction is ranged in order of their increasing ..................
caliedan................. z 9. The Compound YbBazCUJOT which shows super-
4. The oxidation number of Nin NI is ... ; conductivity, has copper in axidation state
M ey, o BT sk . Assume that the rare earth element yt-
5. The tendency of an electrode to gain or lose terbium is in the usuai +3 oxidation state
electrons is called .................. i
= (LT 1994)

Matching Type Questions

Match the appropriate entries in columns X and Y

X Y
1. Fluorine (a) Liberates Ci, from Cl~ ions
2. Zinc, magnesium, iron etc. react with {b) Reduces HgCl, to Hg,Cl,
dil. H,80, to evolve
3. Stannous chloride (c) Hydrogen gas

ANSWERS

ASSERTION-REASON

L () 2. (d) 3. (a).
TRUE/FALSE STATEME!

True: 1,4,6,7,8,9
False:2 3,5

FILL IN THE BLANKS

1. Electron acceptors, electron donors 2. increases, decreases 3. oxidising agent 4. -3, 5. electrode
potential 6. 1.0 molar, 298 K 7. standard hydrogen electrode 8. electrode potentials 9, 773,
MATCHING TYPE QUESTIONS

1. (a) 2.. (.c) 3.(b)
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