CHAPTER # 12
ELECTROCHEMISTRY |

Q1. Define electrochemistry.
Ans: Electrochemistry:

Electrochemistry is the branch of chemistry. which deals with inter-
conversion of electrical energy and chemica! energy

Q2. Explain redox reaction.

Ans: Redox reaction:
Those reactions in which gain or loss of electrons occur are called redox

reactions. In other words oxidation-reduction reactions are called redox
reactions

Explanation:
Redox reaction involves transfer of eiectrons from one substance to another.
It deals with efficient sources of energy such as batteries, fuel cells etc
Q3. What do you know about electrochemical processes?
Ans: Electrochemical processes:
Electrochemical processes are redox (oxidation-reduction) reactions in which
the energy released by 2 spontaneous reaction is converted to electricity or
in which electrical energy is used to cause a non-spontaneous reaction to
occur.
Q4. Explain oxidation-reduction reaction with the help of example.
Ans: Oxidation-Reduction reaction:
Oxidation:
"A reaction in which a substance loses electrons is called oxidation.
Reduction: '
While the reaction in which a substance gains electrons is called reduction.
Redox reaction:
Oxidation — reduction reactions are also known as redox reactions.
Explanation: ’
When a piece of Zinc metal is dipped in an aqueous solution of CuSOq, it is
observed that a dark brown layer of copper begins to form at Zinc surface. At the
same time the solution loses its blue colour. If we analyses this solution we find that
Zn'* ions are present in solution. The change can be described by the following
chemical equation.
Zns) + CU % Zn*?a + CU (s

This reaction can be described in terms of two half reactions.
Zni — 2Zn'*(aqQ)+2e
Cu?(ag)+2¢° —— Cug

In this reaction Zinc metal loses two electrons and changes into Zn"? iqns
while Cu*? ions gain two electrons and give copper metal. The two processes taking
place simultaneously are called oxidation - reduction reactions




e:

ks In the redox -pacic~ 2ement j~3e-gcng owdatcn or reduction undergo a
change In {ha:” JxiGalicr muTTDer

Q5. Define oxidation number and also write the rules through which

oxidation number can be assigned.

Ans: Oxidation Number:
The oxizet.  .ohoIc caualon swae. .3 Jefined as the apparent change.
posiive or "2gaive whicr ar eemert woud nave Ir a compound

Rules:

i The oxidation state of a ‘ree eiement is always zero e g., oxidation state of
Zn.Na, H:in H., S in Sq etcis zero

ii. In simple ions. oxidation: state is same as their charge e.g., oxidation state of
Nain Na"' and Cain Ca’ are +1 and +2 respectively

i, In a complex ion the total sum of oxidation states of atoms Is equal to the

charge on their ion. eg . inC O}:. the sum of oxidation states of C and 30

atoms i1s -2. Simiarly. in NH."" the sum of oxidation states of N and 4H
atoms is +1

iv. The oxidation -.mber of zach of the atoms in a molecule or compound
counts sepa-atelv ang tter aigebraic sum is zero e.g.. In HCI, the sum of
oxidation states of H ard C atoms is zero Simiarly in CO,. the sum of
oxidation states of cre C anc Z oxygen atoms Is zero

v.  The more eieci-onegal ve elemen* has the negative oxidation number.
Elements N Oxldatnon State
Grogp S ! . B
;f __Group-IIA  +2 -
Group ma  +3
b b o %l (except in metal hydrides where it is -1)
L Group-VIIA _ +-j_ - o
o -2 (excep! peroxides ard in OF.) K

Example 12.1:
Calculate the Oxidation number of Mn in KMnO,.

Solution: Oxication number of K = +1
Ox:gaticr number of O = 2
QOxidation number of Mn = X
In compounds. the a Jebraic sum of the oxidation numbers of all the atoms is zero.
K Mn O4
i X # (=2)4 =0
+1 X + -8 =0
X + -7 =0
X = +7

Example 12.2:

Calculate the oxidation number of Cr is K, Cr; O,
Solution: K Cr, O-

(+1)2 + (x)2 =+ (-2)7



2x + 14 =0
+ 2x + ~ 42
2 X

X
Thus oxidation number of Cr in K- Cr- Q- 15 +5

Example 12.3:
What is the oxidation state of S in SO, “ ion.

[ £ I
nJ

Solution:
In SO, “ 1on oxidation state of O is =2 If x is the oxidation state of S then,
X + 4(—2) = -2
X = 8 = =
X = 8

SELF-CHECK EXERCISE 12.1

Identify the compound in which oxidation number of Fe is +3

FeO, Fe;0,, Fe,0;
Solution:
FeO:
Oxidation numberof O = -2

oxidation number of Fe = x
x+ (=2) =0
x= +2

Fe;,0,:

Oxidation number of 0 = -2

oxidation number of Fe; = 3x
3x + 4(-2) =0

3x—-8 =0
3x = +8
R

X = +§
F8203:
Oxidation numberof 0 = -2
oxidation number of Fe, = 2x

2x + 3(-2) =0

2x—-6 =0

2x =46

x = +3

Thus, in Fe,;0;, the oxidation state of Feis +3
Q6. How oxidation-reduction can be explain in terms of change in

oxidation number? o
Ans: Oxidation-Reduction in Terms of Change in Oxidation Number:
We can also define oxidation and reduction in terms of change in oxidation

number



Oxidation s 3~ =z ease '~ oxicatin” "umoer (a3 ioss of electrons).
Reduction s a cecrease i~ cxication number (a gain of electrons)

Explanation:
Ceos:ider e “ollowirg meastion
e i3 O g, ———a 2ZNaCl(s)
: a ‘-2 a‘'a~s mygived in this reaction and write it

2Nats) + Cl_(g) 2NaCl(s)

Nctice that the axidation number of Na i1s zero because it is in the elemental
form In this reaction Na undergoes a change in oxidation number from zero in Na to
+11n NaCl Thus this change can be accounted for by a loss of one electron per Na
atom This is oxidation

Z2Naf(s) ZNa + 2e
On the other hand each Cl atom in Cl; molecule changes its oxidation number
from zero in Ci-tec =7 'n NaCi. In this change gain of one electron per Cl atom
occurs. This is reductior

Cl. +2e 2Ci"

Conclusion:

Thus we can a'so define oxidation and reduction in terms of change in
oxidation number

Oxidation 1s an increase in oxidation number (a loss of electrons).

Reduction is a decrease in oxidation number (a gain of electrons).
Example 12.4;

Identify the elements undergoing oxidation or reduction in terms
of change in oxidation number in the following reactions which takes
place in the combustion of natural gas.

Cra(g) + 20,(g) ——— CO;(g) + 2H,0 ()
Solution: Ass:ign cyication rumber tc all the atoms involved in this reaction.

CH1g'+20.(g) ~—— CO tg)-2H.0W

The T changes s ox:dator number frem —4 in CH, to +4 in CO,. This is 8
electrons '2ss Mg mears T Ungergees an increase it oxidation number. On the
other hard. C iharges ds oxigatics number “om zero in O: to -2 in H,O and CO;
Each oxygen atem gas two eiecirons and tnerefore it 1s reduced.
We can say that.
i, C is oxidized because there has been an increase in its oxidation number
il O 1s reduced because there has been a decrease in its oxidation number
Example 12.5:
Identify the substance oxidized and the substance reduced in the dry cell.
Solution: Following reacticn can ‘ake place in dry cell,
At Anode. Zn Zn  + 2e
At Cathode. ZNH;" + 2ZMnO, + 2e Mn:O; + 2NH, + H,0




| Anode reaction indicates tha! 7~ metal lose 2 electrons *herefore it undergoes
oxidation _Far determining the s.uostarce reduced assign cxdatior mumber to all
the atoms involved in the reactio~ tnat accurs at cathode

154

i 5 !
2[NH, | SNty 2 N % OSNIE D

In this reaction Mn changes ¢ v .4 LT S EED 0 13 m MO,
This means that eac!s Vi 3¢ s drd By Yy Sdpranes '—_*-::'u-:hon

e

Thus the substance reduced s M1

SELF-CHECK EXERCISE 12.2

Use the indatiun number change method to identify the atoms
undergoing oxidation or reduction in the following redox reactions.

Na(g) + 3Hi(g) — 2NHs(9)
4Fe(s) + 30,(q) —_— 2Fe,04(s)
CsH1,04(s) + 60,(g) oy 6CO,(g) + 6H,0(/)
Solution:  N3(g) + 3H,(g) —— 2NH,(g)
Assigning oxidation number:
0 () 3 3-1)

N2(g) + 3Hy(g) — INH,(g)

N; changes its oxidation number from 0 to -3 in NHy This is due to gain of 3
electrons. Thus it 1s reductior

H; changes its oxidation number from 0 to +1 in NH3. This is due to loss of
one electron. Thus it 1s oxidation

4Fe(s) + 30;(g) — 2Fe;04(s)
Assigning oxidation number:
0 0 2(+3)3(-2)

4Fe(s) + 30,(g) —— 2Fey0;(s)
The Fe atom changes its oxidation number from zero to +3 in Fe; 03 Itis
because of the loss of 3 electrons So this i1s oxidation.
The O atom changes its oxidation number from zero to -2 in Fe; 04 Itis
because of the gain of 2 Thus :t is reduction

CsH(204(s) + 60,(9) et 6C0,(g) + 6H;0(!)
Assigning oxidation number:
0 12(+ 1) &6 2} 0 - 421 2) 211 -2

CoH1206(s) + 60;(g) —— 6C02(g)+ 6H,0(1)
The € atom changes its oxidation number from O to +4 in C0,. It is because

- of the loss of 4 electrons. Thus this is oxidation.
The 0 atom changes its oxidation number from 0 to -2 in €07 and H,0. It is

because of the gain of 2 electrons. Hence it is reduction.
Q7. How can we balance redox equations by oxidation number change

method?
Ans: Balancing Redox Equations by Oxigation Number Change Method:

It is based on the principle that in any redox reaction, the total number of
slectrons lost by one element must be equal to the total number of electrons gained
by arother element. This method can be understood by the following example



Example: |
Balance the following equation by oxidation number method.

P"HNO'_{ + H;-O H“PO, s NO )
Stepl: Assign oxidation number tc ali the atoms involved in the equation.
0 +1+5(-2)3 (+1)2 -2 3(+1)+5 (-2)4 2 -2

P"‘ H NO3 "H;}O- H., P 04 + No
Step2: Identify the elements undergoing a change in oxidation number.

The P goes from zero to +5 oxidation state in HsPO. This is a 5 electron
change. N in HNO; goes from +5 to +2 oxidation state in NO. This is 3 electron
change.

Step3: Draw a bridge between the same atoms whose oxidation number have
changed, Indicate this change by the number of electrons gained or
lost by each element.

+3¢
[ R
) +5 r5 -3
P + HNO, —— 1I,PO, + NO
L 4
-3¢ _
Step4: Equalize the number of electrons lost and gained by multiplying the
two numbers, by a small whole number which produces a common
number. Use these multipliers as coefficients of the respective
substance.

To balance a 3e gain against a 5e loss, we need to multiply 3e” gain by 5 and
oe’ loss by 3. This will equalize the number of electrons gained and lost

+3e x 5=+]5¢
! v
0 -3 5 2
P + HNO, —» H.PO, + NO
L iy

-5¢ x 3=-]5¢
Multiply the coefficients of P and that of HiPO, by 3. Whereas multiply
coefficients of HNO; and NO by 5
3P+ 5HNO3 + HO ———  3H,PO, + 5NO

Now the coefficient of HsPO, and NO should not be changed hereafter it.

Step5: Balance the rest o; the equation by inspection method. Balance the
atoms other than oxygen and hydrogen first, then oxygen atoms and
finally hydrogen atoms.

To balance oxygen atoms multiply coefficient of H,0 by 2
3P+ 5HNO3 + 2H20 —b 3H3p04 +5NO

Inspect the equation, it is balanced.




SELF-CHECK EXERCISE 12.3

Using the oxidation number method balance the following equation.

HNO; + H,S NO + S + H,0
Solution:
Step 1: Assign oxidation number to all the atoms involved in the equation.
1 +3 3(-2) x~1-2 r2-2 U 2(5) -2
H ~ 03 + HZ S ey NO T S 4 5 H:U

Step2: Identify the elements undergoing a change in oxidation number

N atom changes its oxidation state from +5 to =2 in NO It is because of 3
electron change.

The S atom changes its oxidation state from -2 to zero in S It i1s because of
the 2 electron change
Step3: Draw a bridge between the same atoms undergoing a change In
oxidation state. Indicate this change by the number of electrons gained

or lost by each element.
-2€ (loss of 2e”: Oxidation)

v

+1 +53-2) 2(+1)-2 v2-2 . 2(rl)-2
HNO; + HS —» NO + § + H20
4

+3e"(gain of 3e : Reduction
Step4: Balance the loss and gain of electrons by muitiplying with small
suitable whole numbers. Use these multipliers as coefficient for
respective substances.
To balance 3e gain against 2e loss multiply 3e gain by 2 and 2e loss by 3
This will equalize the number of electron gained and lost
20" X [3]=-6e"

v

+1 +5 3(-2) 2(+1)-2 +2-2 0 2(+1)-2
HNOs; + HS —» NO + § + H20
K

+3e x[2=+6€
Multiply the coefficients of H.S and that of S by 3 Whereas multiply
coefficients of HNO . and NO by 2.
2HNOy v 3H;S —— 2NO r 35 + H,0
These coefficients shoula not be changed after this
Step5: Balance the rest of the equation by inspection method. Balance the
atoms other than oxygen and hydrogen first, then oxygen atoms and

finally hydrogen atoms.
To balance oxygen atoms muitiply coefticient of H,O by 4
2"N03 7y 3"13 — 2NO + 35 + 4”10



Thus 1s the paianced eguaticn
Q8. How a redox reaction can be separated into two halves explain

your answer with the help of example. :

Ans: Breaking a Redox Reaction into Oxidation and Reduction

Reactions:

A redox reaction in aqueous reaction can be separated into two half-
reactions. One, nalf reaction represents ox.dation and the other represents
reguction

A half-reaction 1s the part of an overall redox reaction that represents,
separately, either an oxidation or a reduction.

Explanation:

Consider the following reaction which is used to analyze iron ore for its iron
content

MnO," + Fe'" —225F¢" +Mn™
Stepl: Write oxidation number of all the atoms involved in this reaction.
" i | _'.J—"l
' Mn O, + Fem —=5l¢" + Mn'"”

|

Step2: Identify and write equation for the half-reactions.
Notice that the Mn goes from +7 oxidation state in MnO, ' to +2. The reduction
half-reaction must involve species containing Mn
MnO, " Mn™* (Reduction half-reaction)
Iron goes from+2 to +3 oxidation state. The oxidation half-reaction must
involve Fe'* and Fe™
Fe™
Examplq 12.7:
Split the following reaction into half-reactions.
SO, + MnO,* SOs %+ Mn*?

aecrease in oxidation number (reduction)

- I - - .2 :
4 (2)2 [ <7 (24 .a(-zn}

Fe"™ (Oxidation haif-reaction)

Solution:

SOQ+:Mn041 ——» SO, | +Mn~”

L ) LT

Increase in oxigation number (Oxidation)

Reduction half reaction: MnO,' —— Mn"
Oxidation half reaction: SO, —— SO0/

SELF-CHECK EXERCISE 12.4

Split the following reactions into two half reactions:
(i) Mn?+PbO, — MnO, '+ Pb*™?

(ii) Br, + SO, —_ SO.“ + Br?




(i) NO+ MnU, —— ANO, + Muu

Solution:
(i) Mn™* + PbO, — M, 0. '+ Pb™?
Decrease in oxidation number (Reduction)

v4 2(-2) +7 4-2) 11 {z
Mn 4+ Pb. O, - | MnOQO, + Pb
l 4

Increase in oxidation number (Oxidation)
Reduction half reaction:

PbO, Pb'?
Oxidation half reaction:

Mn™* M,0;'
[ii) Br, + SO, SU;I'f Br

Solution:
Decrease in oxidation number (Reduction)

o +4 2(-2) +6 4(-2) 2 -1
Brg i S O'__r —p S O_; T Bf
L 4

Increase in oxidation number (Oxidation)
Reduction half reaction:
Hrz
Oxidation half reaction:
s0; —— 50;F
(iii) NO + MnO,"
Solution:

Br-!

NO.'+ MnO.

Decrease in oxidation number (Reductfon)

+2 -2 +? 4(-2) +5 3i-2) |-l +4 2(-2)
NO a3 Mn 04 — N 03 + Mnoz
I !
Increase in oxidation number {Oxidation)
Reduction half reaction:
Mn0o;'! —— Mno,

Oxidation half reaction:
NO & —— NO;!




Q9. How can we balance a redox reaction with the help of half reaction
method?
Ans: Half Reaction Method to Balance a Redox Reaction:

A powerful techruque tor baiancing redox reactions inveoives dividing these
reactions :nto separate oxidation and reduction half reactions

We then balance the half-reaction. one at a time And combine them so that
electrons are neither created nor destroyed In the reaction.

The steps involved in this method can be understood by considering the
following reactions used to determine the amount of the tri-iodide ion (l3) In a
solution py titration

5 + S;JO}.: S———) I + 8405.2
Stepl: Break the reaction into oxidation and reduction half-reactions.
Incresse n oxidation numbper (oxidation)

2 v "
A2 =20
— | ¥ 83 U

h:

decrease in oxidation number {reduction)

Reduction half-reaction: Iy —_— ]
Oxidation half-reaction: $:052 —— 8,04
Step2: Balance these half-reactions one at a time. It doesn’t matter which
half-reaction we balance first. Balance each half reaction in terms of both
charge and mass. Let us start with the reduction half reaction.
ks —_—
There are 3 | atoms on the left side and one on the right side. So we will
multiply co-efficient of I by 3. This will balance | atoms ¢n both the sides.
13. R 3l
Now balances charges. The right side has 3 mono negative charges
corresponding to -3 charges. But the left side has only one uni-negative charge (-1).
Thus left side needs 2e
li+2e¢ @ — 3I UPRIRE ) |}
Now balance oxidation half reaction
S:ng = ey, SAOG:
To balance S atoms on both the sides, multiply co-efficient of S,0.? by 2.
This will aiso balance O atoms.
25,0, S.042
Now balance charges. The left side nas two di negative charges

corresponding to 2x(-2) = -4. The right side nas -2 charges. Thus the right side
needs 2e 5

28,04 _— SiO8 4207 ... ioirmmoissamons (2)
Notice that both the half reaction are balanced in terms of both mass and charge,
Step3: Combine these half reactions so that electrons are neither created nor
destroyed. Reduction half reaction uses up 2e and oxidation half reaction produces
2e, we can therefore obtain a balanced equation by simply adding equation (1) and
equation (2)




|, v Je S y

28.0.° e S.0s” + 2e

i, +2e +28.0," sy 31 +S.0,° + 2e
Step4: Cancel Duplication of Species on both the sides.
Duplications are 2e Stnke trese out from both the sides
l. - ES;JO': 3 —— 31 - 540,_ =
Checx. the overall reaction is palanced in terms of boltn charge and mass

SELF-CHECK EXERCISE 12.5

Use the half reaction method to balance the following redox reactions.

() Co+Cr?* — Co'? + Cr?

(ii) Au?+H, —— H* + Au

(iii) Cli+7T I, + CrI
Solution: (i) Co+Cr? —— Co'* + cr*?

Step 1: Break the reactior into oxidation and reduction half-reactions.
Decrease in oxidation number (Reduction)

| |

0 +3 +2 +2
Co + Cr - o + Cr

| )

Increase in oxidation number (Oxidation)
Reduction half-reaction:

o Sk —. €r*t
Oxidation half-reaction:
Cu Co*?

Step 2: Balance these half-reactions one at a time. It doesn’t matter which
half-reaction we balance first. Balance each half reaction in terms of both
charge and mass.
First consider the reduction half-reaction
o ke Cr™*
Balances Charge:
The left side has one tri-positive charge corresponding to +3. The right side
has one di-positive charge corresponding 10 +2 Thus, left side needs 1e’
Cr-d+1e EE e )
Oxidation half-reaction:
Cu
Balances Charge:
Left side has no charge Right side has one di-positive charge correspond
+2 Tnus the RH S ncads 2e o balance di-posilive charge
Ly —=—v CO™"+ & R (1)

Co™*




Botn trie nalf reactions are now balanceg
Step 3: Combine these half reactions so that electrons are neither created

nor destroyed.
The recuction half-reaction uses up 1e while the oxidation nalf-reaction

produces Ze¢ we can optain balanced equation by muitiply Eq (1) by 2 and then add
itto Eq (u)
20r% + 20— 2€r?
Co i
Co+2Cr* +2e Co™%+2Cr* + 2e”
Step 4: Cancel Duplication of Species on both the sides.
Duplications are 2e~. Strike these out from both the sides.
Co+ 2Cr3 Co™% + 2Cr?
Check, the overall reaction is balanced in terms of both charge and mass
(i) Au+H, —— H + Au
Step 1: Break the reaction into oxidation and reduction half-reactions.
Decrease in oxidation number (Reduction)

+3 0 +1 0

Au + H, - H + Au
| i)

Increase in oxidation number (Oxidation)
Reduction half-reaction: Au™? Au
Oxidation half-reaction: H, H*
Step 2: Balance these half-reactions one at a time. It doesn’t matter
which half-reaction we balance first. Balance each half reaction in terms
of both charge and mass.
Reduction half-reaction:

Au™® —— Mu
Balance Mass: Mass is aiready balanced.
Balances Charge:
The left side has one tri-positive charge corresponding to +3 The right side
has no charge. Thus, left side needs 3e.

Au + 3e"—— Au ... ... (1)
Oxidation half reaction:
H, H™!
Balance Mass: There are two hydrogen atoms on the left side and one on the
right side so we will multiply 2 by #*!
H, 2H™!

Balance Charge:
Left side has no charge Right side has two mono-positive charges
correspond to +2 Thus the right side needs 2e
H, ~—— 2H" + 2¢- oy



Step 3: Combine these half reactions so that electrons are neither
Created nor destroyed.

Reduction half-reaction uses up 3e and oxidation half-reaction produces 2e
We can therefore obtain a baiance equation by multiply Eq (1) oy (1), Eq. (i) by (1)
and then aod the resulting equations
24u"? + e 2Au
3, ——— 6H™' + 6e-

2Au™ + 3H, + 6e” 6H™ + 24u + 6e”
Step 4: Cancel Duplication of Species on both the sides.
Duplications are 6e~. Strike these out from both the sides.
2Au’ + 3H, —— 6H"! + 24u
(iii) Cl, + 1 I, + cit
Step 1: Split the reaction into oxidation and reduction half-reactions.
Decrease in oxidation number (Heduction)

'

g =] 0 -1
L )

Increase in oxidation number (Oxidation)
Reduction half-reaction:

CIz == Cl"‘
Oxidation half-reaction:
) I;

Step 2: Balance these half-reactions one at a time. It doesn’t matter
which half-reaction we balance first. Balance each half reaction in terms
of both charge and mass.
Reduction half-reaction:

Cl; o
Balance Mass: There are two Cl| atom on the left side and one on the right
side so we will multiply CI™ by 2.

Cl; 2CH*

Balances Charge:
Left side has no charge. Right side has two uni-negative charges correspond to -2,
Thus, left side needs Ze".

Cl; +2e —— 2C1% e (1)
Oxidation half reaction:
= I,
Balance Mass: There are 2 atoms of I on the right side and 1 on the left side

so multiply I' by 2.
214 T Iz
Balance Charge:
Left side has two uni-negative charges correspond to -2. Right side has no charge.

Thus right side needs Ze™.
217 —— I + 27 i)



Step 3: Combine these half reactions so that electrons are neither
created nor destroyed. A
Reduction half-reaction uses up 2e and oxidation half-reacticn produces Ze we can
obtain a balance equation by simply adding Eq. (:) and Eg (it)

Ch, +2¢ — — 2¢1?
21.1 - I) ¢ 2n
Cl, + 21"+ 2¢¢ —— 1, + 2CI'' 4+ 2¢”

Step 42 Cancel Duplication of Species on both the sides.
Duplications are 6e~. Strike these out from both the sides
Clz + 21t —— I, +2CI™

Half Reaction Method to Balance a Redox Reaction in Acid Solution:
We can understand this method by the following example.

Example 12.8:
Balance the following equation by half reaction method.

Cr,0, + H;S0; ——  Cr*’ + HSO4

Solution:

Step1l: Split the reaction into two half reactions.

Reduction half reaction:

Cr:0;* _ Cr'?
Oxidation half reaction:
H;\SO} a—— HSO4

Step2: g
Balance each half reaction. First consider reduction half reaction. Two Cr atoms
on the left require 2 before Cr™

Cr,0;? _ 2Cr™

There are seven O atoms on the left and none on the right. So we will add 7H,0 on
the right side.

Cr207'2 —— ZCr':’ - 7H20

There are 14 H atoms on the right and none on the left, so we will add 14 H* on the
left side.

Cr0;% + 14H' ——— 2Cr™ + 7H,0
Now balance charges The left side has one di-negative and 14 mono-positive,
corresponding to —2 +14 = +12. The right side has two tri-positive corresponding to
+3 x 2= +6.Thus left side needs 6e .
Cry0;% +14H" +6e ——— Cr?+ 7H,0 (1)
In the other half reaction (Oxidation half reaction), S atoms are already balanced.
H.SO; —— HSQ;
Balance O — atoms. As there are three O — atoms on the left and four on th
we will add one H0 to the left.
H,SO; + H,O ——— HSQ
There are four H-atoms on the left and one on the right. We will add 3H" to the right.
HSOs + H,O ——  HSQ, + 3H"
For charge, the left side is neutral but the right side has a net charge of

e right,



(—=1) & :*3\ =47
Thus we wili acg 2e ‘o the nght side.

H-SO.+H:0 ———— 1ISO,+3H +2e - (2)
Step3:

Equalize the number of electrons transferred in the two half reactions and add
half reactions. Reductic~ ~aif eactic~ uses u2 5 and oxidation »aif -eaction

produce 2e Therelore mullipiying equation (1) by one and equation (2) by three
and adaing two eqguations we get
Cr.O-"+1¢H +6e  — 2Cr" + 7H;0

3H,S0, + 3H,0 SISO, + gH +6e
Cr,O “ + 14H" + 3H,S0. + 3H,0+6e —— 2Cr° +7H,0 + 3HSO,+ 9H" + Be’
Step4:
Cancel the duplication. Duplications are e 3H,0 and SH" Strike these out from
both sides
Cr.O. +5H™ + 3HQSO3
Example 12.9:

Use the half reaction method to balance the following reaction that
takes place in acidic medium.

MnO, + H,0,;
Solution:
Step1: Split the reaction into two half-reactions
Reduction half reaction:

2Cr™ + 4H.0 + 3HSO,

Mﬂ‘l + 0O;

MnO.' an
Oxidation half reaction:
H20; 0O,

Step2: Balance each half reaction. First consider reduction half reaction.

MnO{ e Mn‘z
Mn atoms on both the sides are already balanced. There are four O atoms on the
left side and non on the right. so we will add four 4H.O on the right side

MnO. Mn'® + 4H.0
There are 8 H atoms on the right side and non on the ieft so. we will add 8H" on the
left side X

MnO. + 8H’ Mn™? + 4H.0
Step3:

Now balance charges The left side has one uni-negative and 3 mano-positive

charges corresponding to -1+8 = +7 The nght side has one di-positive

corresponding to +2 Thus left side needs Se .
MnO. + 8H' + 58 —— Mn™ + 4H0 (1)

Now consider oxidation half-reaction.

H:Og e —) 02
O atoms on both sides are equal There are 2H atoms or the left side and non on
the right side So we will add 2H" on the right side

H,0, —— 0, + 2H
Now balance charges The left side is neutral whereas the right side has two mono
positive charge corresponding to +1x2 = +2_ Thus the right side needs 2e



H-O % @) i 2H a2 {2
Step4:
Reduction half reaction uses up 5e and oxidation haif react:on produces 2e
Therefore multiply equation (1) by 2 a~d equation (2. by S and ther ads these
equations
2MnO.-_ & ‘R + “‘Cn - “.‘J‘,-
Sl

e

.

2MnQ, + 16H" + 10e + 5H-0; ——— 2Mn~“+ 8H,0 + 50+ 10H + 10e
Step5:
Strike out duplications from both the sides

2MnO, +6H" + 5H,0, ——  Mn'“+ 8H.0 + 50;

' SELF-CHECK EXERCISE 12.6

1. Balance each of the following half reactions that take place in acidic
medium.

a) NO¥ —— NO,
b) 10* I,
c) clo¥ —— clo*

2. Balance the following reactions by half-reaction method, which take
place in acidic medium.

a) NO; +Br —— NO + Br;,
b) Ce** + H;As0; —_— Ce*® + H3;As0,
C) S;0:-2 + Cr+3 E— 504-2 + Cl"207.2
d) MnO* + C,0,72 —_— Mn*%+CO,
Solution:

1. Balance each of the following half reactions that take place in
acidic medium.

a) NO; NO:

Step 1:
N atoms on the both side are already balanced There are three O atcms on

the left side and two on the right side so we will add cne H,0 on the night
side.

. NO;3 NO; + H,0
There are 2 H atoms on the nght side and none on the left side so we will
add 2H" on the left side

NO; + 2H' —— NO; + H,0
Step 2:
Now balance charges nght side has no charge and the left side has uni-

negative and mono-positive charges corresponding to -1+2(+1) = +1 Thus
left side needs 1e

NO; + 2H" + 1e
This is the balanced reduction half reaction

NO; + H,;0



Reduction half reaction:

Step 1:
There 1s one | atom on the left side ard £ on the right s:de sC we wi. Dalance
this by multiclying 10 w11 2

210, -k 7
As there are € oxygen aloms on e k!t side ard ~crz2 ¢~ he nght 310€ 80
we will add 6H;0 on the nght side 4 )
2103 ——— I, + 6H,0

There are 12 H atom on the right side ana none on the left side so we will
add 12H" on the left side
2107 +12H" —— I, + 6H;0
Step 2:
Now balance charges there is no charge on the right side and there are 12
mono-positive and 1 uni-negative charge on the left side corresponding to
2(-1)+12(+1) = +10. Thus. left side needs 10e
210; +12H" + 10e¢ —— I, + 6H;0
This i1s balanced reduction half reaction

c) clo; clo;
Step 1:
Cl atoms on the both sides are already balanced
Clo; Cl0;

There are 4 oxygen atoms on the left side and three on the right side so we
will add 1 H:Q on the right side
clo, —— Cloy+ H;0
There are 2 hydrogen atoms on the right side and none on the left side so
we will add 2H" on left side.
cloy, +2H° ——  Clog + H,0

Step 2:

Clo; + 2H' Clo; + H;0
Now balance charges there is 1 uni-negative charge on the nght side
corresponding to -1 and there are 2 mono-positive anc 1 uni-negative
charges on the left side corresponding to -1+2(+1) = +1. Thus, left side

needs Z2e

This is the balanced reduction half reaction.

2. Balance the following reactions by half-reaction method, which
take place in acidic medium.

a) NO; + Br —— NO + Bn

Step 1: Split the reaction into two half-reactions

Reduction half-reaction: NO; NO

Oxidation half-reaction: Br — Br

Step 2: Balance each half-reaction separately
First consider reduction half-reaction nitrogen is already balanced there are

3 oxygen atoms on the left side and 1 on the right side so agd 2H;O on the
nght side.




NO; —— NO+ 2H;0
There are 4 hydrogen atoms on the right side and none on the left side so
we will add 4H" on the left side.

NO; + 4H°

NO + 2H,0
Balance Charge:

Now balance charges there are 4 mono-positive charge and 1 uni-negative
charge on the left side corresponding to -1+4(+1) = +3 and no charge is present on
the right side Thus, left side needs 3e’

NO; + 4H 4+ 3¢ —— NO+2H,0 ... (1)
Oxidation half reaction:
Balance Mass:
Br —— Bn
There are 2Br atoms on the right side and 1 on the left side to balance this
muitiply Br with 2
2Brm ——— Br;
Balance Charge:
Now balance charges there is 1 uni-negative charge. on the left side

corresponding to 2(-1) = -2 and none on the right side. Thus, right side
needs Ze’

2Br-

Step 3:
Balance the loss and gain of electrons in both half reactions and add them.
The reduction half-reaction has 3e” while the oxidation half-reaction has 2e".

Thus, multiply Eq. (i) by (i), Eq. (i} by (ii) and then add the resulting
equations

2NO; +8H" + 6ee —— 2NO + 4H,0
6Br- ——— 3Br, + 6e

2NO; + 8H' + 6e + 6Br- —— 2NO + 4H,0 + 3Br, + 6e’
Step 4:
Cancel Duplication of Species on both the sides.
Duplications are 6e . Strike out from both the sides
2NO; + BH" + 6Br— ——— 2NO + 4H,0 + 3Br,
b) Ce' + H;AsO, Ce*? + H,AsO,
Step 1: Spiit the reaction into two half-reactions.
Reduction half-reaction: Ce** —— Ce*?
Oxidation half-reaction: H;AsO; —— H3AsO,
Step 2: Balance each half-reaction separately.
Reduction half-reaction:
Ce atoms are already balanced.
ce-l--‘ — ce-rl
Balance Charge:
Now balance charges there are 4 positive charges on the left side

corresponding to +4, There are 3 positive charges on the right side corresponding to
+3. Thus, add 1e'on L. H.§

Ce'*+1e—— Ce™ .0




Oxidation half reaction:
Atoms are already balanced.
H;AsO; —— H,;As0,
To balance oxygen add 1 H,O on left side.
H;AsO; H3ﬁ504
To balance hydrogen add 2H" on right side.
HJASOJ + H10 Ee—— H1ﬂ504+ 2H+
Balance Charge:
There is no charge on the left side and 2 mono-positive charges are present
on the right side corresponding to +2. Thus, right side needs 2e .
H3A‘503 + H,;0 H;AsO, + 2H" + ZE'(II}

Step 3:
Balance the loss and gain of electrons in both half reactions and add them.
The reduction half-reaction has 1e” while the oxidation half-reaction has 2e".
Thus, multiply Eq. (i) by (ii) and then add to Eq. (ii).
2Ce** + 2 —— 2Ce*?
H3A503 + H;0 —— H;AsO, + 2H" + 2¢’

H3;AsO; + H;0+ 2Ce** + 26 —— H,AsO, + 2H" + 2e + 2Ce™
Step 4: Cancel Duplication of Species on both the sides.
Duplications are 6e-. Cancel this out from both the sides.
H,AsO; + H,0 + 2Ce** —— H3AsO, + 2H"+ 2Ce™?
CJ 510;-1 + Cr+3 = 50;-1 + Cr;O;'z
Step 1: Split the reaction into two half-reactions.
Reduction half-reaction: $,057 —— S0,?
Oxidation half-reaction: cr? —— Cr,0,7
Step 2: Balance each half-reactions separately.
Reduction half reaction: Multiply SO, with 2 to balance S atoms.
- S,05? —— 2S0,*
Now O atoms are also balanced.
Balance Charge:
There is di-negative charge on the right side and there is 2 di-negative
charge on the right side. Thus, left side needs 2e’
S0 2 +26 —— 284 i, (i)
Oxidation half reaction:
Balance Mass: To balance Cr atoms multiply Cr* with 2.
2cr** —— Cr0;°
Add 7 H,0 on L.H.S. to balance O atoms.
2Cr** + TH,0 —— Cr0;”
Add 14H" on R.H.S. to balance H.
2Cr*® + TH,0 —— Cr0;? + 14H’
Balance Charge:
There is 2 tri-positive charge on the left side corresponding to 2(+3) =+6,
There is 14 mono-positive charge and di-negative charge on the right side
corresponding to -2+14(+1) = +12. Thus, add 6e’on R H.S.



2Cr*? + TH,0 ——— Cry0,2 +14H ' + 6e . .. ... (i)
Step 3:
Balance the loss and gain of electrons in both half reactions and add them.
The reduction half-reaction has 2e” while the oxidation half-reaction has 6e".
Thus, multiply EqQ. (1) by (in) and then add to Eq (i)
35,052 + 6e 650,
2Cr*? + 7H,0 Cr,0,? + 14H" + 6e

2Cr*® + 7H,0 +35,052 + 66 — Cry0,2 + 14H" + 6e + 6504~
Step 4:
Cancel Duplication of Species on both the sides.
Duplications are 6e". Cancel this out from both the sides.
2Cr*? 4 7TH,0 +35,052 —— Cry0,% + 14H" + 6e + 6504~
d) Mno; + C0,* ——— Mn*? + CO,
Step 1: Split te reaction into two half reactions.
Reduction half reaction: Mn0; —— Mn*?
Oxidation half reaction: C:0,? —— CO;
Step 2: Balance each half reaction separately.
Reduction half reaction:
Balance Mass:
Mn atoms are aiready balanced
Mno, —— Mn"?
There are 4 cxygen atoms on the left side and none on the right side so add
4 H,0 on left side.
MnO; + 84 —— Mn*?+4H,0
Balance Charge:
Now balance charges there are uni-negative and 8 mono-positive charges
on the left side corresponding to -1+8(+1)=+7. There is di-positive charge on
the nght side corresponding to +2. Thus, add 5e” on left side.
MnO; + 8H' + 5e’ Mn*? + 4H,0
Oxidation half reaction
Balance Mass:

Muitiply CO,with 2 on the right side to balance C atoms
C.0.* —— 2C0,
O atoms are also balanced.
C,0* ——  2cCO0,
Balance Charge:

There is di-negative charge on the left side corresponding to -2. There is no
charge on the right side. Thus, add 2e’ on R.H.S.

C,0.? —— 200+ 20 ... .. (ii)
Step 3:

Balance the loss and gain of electrons in both half reactions and add them
The reduction half-reaction has S5e while the oxidation half-reaction has 2e"

Thus multiply Eq. (i) by (i), Eq (i) by (v) and then add the resulting
equations.




2Mn0, + 16H" + 10e ——  2Mn*? + 8H,0
5C104‘2 —) 10C03+ 10e

2ZMnO; + 16H" + 5C,0,% -+ 2Mn*? + 8H,;0 +10C0,+ 10e’
Step 4:
Cancel Duplication of Species on both the sides.
Duplications are 10e’. Cancel this out from both the sides.
2MnO, + 16H" + 5C,0,7 —— 2Mn*? + 8H,0 + 10CO;
Q10. Define electro-chemical cells and also give its types.
Ans: Electro-Chemical Cells:

A device, which converts electrical energy into chemical energy and vice
versa, is known as electrochemical cells.

Types:
There are two types of electrochemical cells.
i Electrolytic cells.
i. Galvanic or voltaic cells.

Q11. What is the function of salt bridge?

Ans: The salt bridge allows the movement of ions from one solution to the other
without mixing of the two solutions and maintains electrical neutrality in each
half-cell.

Q12. Explain galvanic cell in detail. Draw a labeled diagram of a cell
containing Zn-Cu electrodes.

Ans: The Galvonic Cell:

"An electrochemical cell in which spontaneous redox reaction produces an
electric current is known as galvanic or voltaic cell”.

The electrode at which oxidation occurs is called the anode. Whereas, the electrode

at which the reduction occurs is called cathode.

Working:

When a Zn rod is dipped into a copper (I} sulphate solution, zinc atoms are
oxidized to zinc ions and copper (lI) ions are reduced to copper metal, which
deposits on the zinc rod. Following reaction occurs:

Zn(s) +Cu'*(ag) —— Zn*(aq) + Cu(s)

In this reaction, electrons flow directly from the zinc rod to Cu®? ions in
solution. However, if the electrons transfer from Zinc rod to the copper ions in
solution could be directed through an external circuit, the spontaneous redox
reaction could be used to generate electric current.

Construction:

A zinc rod is dipped in zinc sulphate solution in one container is connected by
a copper wire with the copper metal and the copper rod dipped in copper (ll)
sulphate solution in a separate container, no current flows through the external
circuit.

However, when the two solutions are connected with a tube (salt bridge) filled
with a solution of an electrolyte such as KCI, KNO; or Na,SO;, current flows through
external circuit



)
A

Copper Zinc
(cathode) | 4 Salt bridge (anode)
/(TN‘. w.}-

Cu’*(ag) » 2¢~ — Culs) Zn(s) —= Zn**(aq) e 2¢°
A simple Galvanic Cell :
Oxidation half reaction:

In one half-cell oxidation takes place and is called as oxidation half-cell or
anode. Reaction taking place in oxidation half-cell is called oxidation half reaction
and
Reduction half reaction:

In the other half-cell reduction takes place is called as reduction half-cell or

cathode. The reaction taking place in reduction half-cell is called reduction half
reaction

Flow of electron:

Zn has greater tendency to lose electrons than Cu. Therefore, Zn electrode
acquires negative charge relative to Cu electrode. The electrons flow from Zn
electrode through the external circuit to Cu electrode
Reactions occur at electrodes:

The following half-cell reactions occur at the two electrodes.

Atanode: Zn(s) —— Zn'*(aq) + 2e" (Oxidation half reaction)
At cathode: Cu'’(ag) +2e” ——— Cu(s) (Reduction half reaction)

Over all cell reaction: Zn (s) + Cu'® (ag) ——  Zn**(ag) + Cu(s)
Q13. What is Cell Potential?
Ans: Cell Potential:
The force with which eicctrons are pushed to flow through the wire from
anode to cathode is called the electromotive force or emf.
The emf produced by galvanic cell is called cell potential (E° cell). It

depends upon the difference in the electrode potentials of the two half cells joined in
series. It is measured is volts (V).



Volt:

The volt is the measure of energy that is capable of being extracted from the
flowing electric charge. When the passage of one coulomb is able to accomplish
one Joule of work, then emf is one volt,

Explanation:

i The electrode with the more negative reduction potential acts as anode and
the electrode with the more positive reduction potential acts as cathode

li.  The net reaction that occurs in the galvanic cell under standard conditions can
be constructed from standard reduction half-reactions. Since a redox reaction
must include both an oxidation reaction and a reduction reaction, one of the
haif-cells must run an oxidation that supplies electrons for the reduction.

iii. Electrons always flow spontaneously from more negative electrical potential to
more positive electrical potential. This means that, under standard conditions,
electrons are produced by the reaction with the more negative standard
potential and consumed by the reaction with the more positive standard
potential. Thus under standard conditions (1 mol dm™ concentration at 25 °C
and 1 atm pressure), the reaction with more negative E° value occurs as
oxidation (anode reaction). The reaction with more positive E° value occurs as
reduction (cathode reaction).

iv. The voltage of any cell under standard conditions can be calculated using
standard reduction potentials.

V. Any combination of two half-cells will produce a complete cell. The overall cell
reaction is obtained by suitably combining the equations for the two half
reactions.

vi. Standard cell potential E°cell or emf of cell is the algebraic difference between
the respectlve standard reductlon potentials of the two half-cells

Eocen = E cathode — E anode

The cell potential has positive value for any spontaneous redox reaction
Measurement of electrode potential:

The potential of a galvanic cell can be measured with a voltmeter. But a
single half-cell potential or the electrode potential cannot be measured directly.
This is because one half-cell reaction cannot occur without a simultaneous reaction
in another half-cell.

However, relative half-cell potential (electrode potential) can be determined by
arbitrarily designating one half-cell reaction and its potential as the standard to
which other halif-cell potentials are compared. By international agreement, this
reference half-cell is the standard hydrogen electrode, with the standard potential

of 0.00V.

Q14. Define standard electrode potential.
The standard electrode potential is defined as the tendency of a half-cell

reaction to undergo reduction relative to the standard hydrogen electrode.
Explanation:

It is potential difference developed when an electrode of an element is placed
in a solution containing ions of that element when all the components are in their
standard state i.e. 1 atm for gases, 1M for solutions, pure solid for electrode and at

25°C.



Q15. Describe standard hydrogen electrode (SHE) also write the potential
for oxidation and reduction reactions.

Ans: Standard Hydrogen Electorde:

Construction: _
A standard hydrogen electrode (SHE) consists of a platinum foil coated with

finely divided platinum, surrounded by hydrogen gas at 1atm pressure in contact

with IM HCI solution at 298K. lts electrode potential is arbitrarily chosen as zero at

all temperatures.

—— Pt electrode

Standard Hydrogen Electrode
By convention, the half-cell potential for reduction of H'(ag) to H; gas or the
potential for the oxidation of H; to H'(aqg) in the standard Hydrogen half-cell is
defined exactly 0.00V.
Redox reaction:
Reduction: (act as cathode):

2H’(aq) + 260 — Ha(g) E°,,, =000V
Oxidation: (act as anode):
Ha(g) — 2H'(aq) + 2€’ E°H2,H. = 0.00V

The symbol E° designates a standard potential i.e. the potential measured
under standard conditions (1M concentration, 1 atm pressure and 25°C).

Table: Reduction potentials of some elements, ions and compounds:

Reduction Half-reaction EO (Voits)
Li'+ 8 Tm——= | -3.05
K+ =K -2392
Ba® +2 & = Ba -2.90
Ca®* +& =——= Na * -2.76
Na®' +2 8 == Na -2.71
—MQZ' + 2 é == Mn _238
AP + 38 =) -1.67
Mn?" + 2 8 = Mn -1.03
2H,0 + 2 8 === H, - 20H -0.83
| Zn”" + 2 & ======2 7 -0.76
Cr* +38 == (Cr 074




 Fe?' + 28 =—— sl i T T T T T 044
Poso., +28 = Pp+S0’ - -0.36

N r2e == |, o ) 025
(Sn”s2p wmmm—= gy T D14
Pb*+28F=———=pp T 013

Fe* +36 =—— Fe B ) 0 04
2H'+2¢T=——=(H, 000
AgClegs==——>pag+Cr _ ~ +022
Hg.Cl, + 2 & v———;——“_zﬂgp 2CI T +027

| Cu” +28 T=—— Cy ' T 4034

CU™ ¥ @ st 0y T T T w52 |
lag #28 === 1 " +054
Pelpgs——l pglt - i 077
At/ A . +080
'Brgg+2e¥=——=28 . #1109
Op+4H+ +4 ¢ — 2H,0 _ - 123
MnO, + 4H+ + 2 ¢ —— W+ 210 . +128 ]
Cr0/ +14H++6e=——=2Cr +7H,0 __ __ +133
 Cl; () +28 T=——= - _ 1 r13%
ZC|03 +12H++ 58 -:——— Clq - SHzO I _+147
BH + \1nO +5e<————Mn + 4H,0 +14

Pbon * 50 +A4H" + 4 B wm——n PbSO, + 2Hzo +1.69
_Hy0p + 2H+ + 28 === 2H,0 [

8,07 +2 & eemm—— S T +2.00
F-.+2e<——-—'————"“ 2F i +287 |

Q16. How can we determine cell potential? Explain your answer with

the help of example.
Ans: Determination of Cell Potential:
A cell reaction consists of two half reactions

Reduction takes place in the half-cell having greater value of reduction

potential.

Oxidation takes place in the half-cell having the smaller value of reductuon

potential.

Equation of the half-cell reaction having smaller value of reduction potentual
is reversed and added to the equatior: of half-cell having greater value of reduction

potential. Sum of these two equaticns represent cell reaction.
Example:

Calculate E° cell for Zn-Cu cell and write cell reactions. Show direction of

electron fiow.

Solution:
Half Cell reaction Reduction potential
i) Zn""(ag)+2é — Zn (s) -076V

ii) Cu'(ag)+2é —_— Cu (s) + 0.34V



DCata indicates that the reduction potential of second half-cell is greater than
the first. Hence reduction react.on will occur in second haif-cell and oxidation in the

first naif-cell Reverse the first equation and add it to the second equation to get cell
reaction

~ Zn (s} — Zn""(ag)+2é (Oxidation half-reaction)
Cu™ (aq)+2 & —_— Cu (s) (Reduction half-reaction)
Zn(sj + Cu™ (agq) — Cu(s)+2Zn"*(ag) (Cell reaction)
Ee = E‘v;a:r:;:e % E;y.:'-.;e
E:cel. = EL(;_ - Euzn
E e = +0 34 - (-0.76)
Ehs.e: - *1 1OV

Electrons will fiow from anode to cathode | e, from Zn electrode to Cu electrode
Example 12.11:
The standard reduction potentials for the following half reactions are:

Ni"? (aq) + 2e +  Ni(s) E° = -0.25V

Mg*'?(aq) + 2e Mg (s) E° = -2.38V

Calculate E°.; for Ni-Mg cell, write cell reactions, show direction of
electron flow and identify the anode of the cell.
Solution:

Data indicates that the reduction potential of first reaction is greater than that
of the second reaction Hence reduction will occur in the first reaction and oxidation

In the second react.on Reverse the second reaction and add it to the first reaction
to get the cell reaction

Mg (s)
NI'* (aq) + 2¢

Mg’ (ag) + 2e (Anode reaction)
Ni (s) (Cathode reaction)

Mg (s) + Ni'* (ag) Mg'* (ag) + Ni (s) (Cell reaction)
Thus Mg will act as anode and Ni as cathode Electrons will flow from Mg to Ni.
EL’:,eu = ELcaxno:‘.e —?ganxe
Ec.;c. ™ EVN. = EJMQ
= -025 -(-238)=213V

SELF-CHECK EXERCISE 12.7

The standard reduction potentials for the following half-reactions are:
Cu*?(aq) + 2e’ Cu (s) E°= +0.34V
Cl; (g) + 2e 2Cl'(aq) E°= +1.36V
Calculate E°; for Cu-Cl; cell, write cell reactions, identify cathode and
show the direction of electron flow.
Solution:
Given that the reduction potential of second reaction is greater than that of
first reaction Therefore reduction will occur in the second reaction and oxidation will

occur in tne first reaction. To get the cell reaction reverse the first reaction and add it
to the second reaction to get the celi reaction,




Anode Reactiup: Cufs) — Cu**(ag)+ 2e- (Oxidation half-reaction)
Cathode Reaction: Cl, (g) + 2e” — 2Cl (ay) (Reduction half-reaction)

Cell reaction: Cu(s) +Nit*(ag) — Cu*?(aq) + 2C!" (ag) (Redox Reaction)

Thus Cu will act as anode and Cl, as cathode. Electrons will flow from Cu to Cl,. The
cell potential is

Eﬁr:ell - Eu:a'.hnue _Euanm

Eer = ‘EEIE - Egu

= +136-(+0.34) = +1.02V
Q1l7. How can we determine the feasibility of a chemical reaction?
Ans: Feasibility of a Chemical Reaction:
The feasibility of a chemical reaction can be determined by the sign of the

sum of L"values of the two half-cell reactions.
Condition:
i. , The positive value indicates that the reaction occurs spontaneously or will be
feasible.
ii. The negative value indicates that the reaction is not feasible.
Example 12.12:
Is the following reaction feasible?
Sn+Fe'? —— Sn*2+Fe
The standard reduction potential values are E%, = —0.14V, E%, = — 0.44V
Solution:
Oxidation
l *
Sn" + Fe© ——» Sn” + Fe¢'
| )
Reduction
It is clear from the above equation that oxidation of Sn and reduction of Fe is

taking place. Sn is acting as anode and Fe as cathode. The above reaction consists
of the following two half-cell reactions.

Sn @ — Sn'*+28&  (oxidation half reaction)
Fe'? + 2@ —_— Fe (reduction half reaction)
ED:;&!I = Euna:n:.sdu w Euanudl
Eﬂ“u = =0 .44V - {—014V} =-0.30

As E’. is negative, therefore the given reaction is not feasible. However
reverse reactionwould be spontaneous.

SELF-CHECK EXERCISE 12.8 I

Using emf data, explain the following:
1. Can Fe displace Cu from a solution of Copper (II) Sulphate.
2. Can Iodine displace Bromine from aqueous solution of

Potassium bromide?




Solution:
1. El, =034V

E cell = Eocathodo TAS ann.;do
EOC'" e Egu = Ege
E'hi = +0.34V — (—0.44V) = +0.78V

As E®., IS positive, therefore the reaction s feasible Fe ranked above Cu in
electrochemical senes therefore it can displace Cu’* from a solution of copper (Il) sulphate

2. EY =054V
EY, =1.09V
Eocﬂl . Eocathodo = Eolnodo
Eoc.ll o E? —— Egr
E'4 = +0.54V — (+1.09V)= -0.55V

As E%., is negative, therefore the reaction is not feasible Hence, iodine cannot
displace Bromine from aqueous solution of potassium iodide.

Important Information

In modern dentistry, a material most commonly used to fill decaying teeth is
known as dental amalgam. Dental amalgam actually consists of Ag, Sn and Hg, the
standard electrode potential for this amalgam is +0.67V. Any pérson who bites a
piece of Al foil (such as use for wrapping candies, biscuits etc) in such a way that
the foil presses against a dental filing, will experience a momentarily sharp pain.
This is because, an electro chemical cell has been created in the mouth, with Al as
anode E°= -1.66V, the filling as cathode and saliva as electrolyte. Contact between
Al foil and filling short circuits the cell. This causes the weak current to flow between
the electrodes This current stimulates the sensitive nerve of the tooth, causing a
sharp pain.

Q18. What are electrochemical series?
Ans: Electrochemical Series:

Under the recommendation of international union of pure and applied
chemistry (IUPAC) the half-cell reactions are given in the reduction reactions
therefore E° values are known as reduction potentials.

However, the value of oxidation potential for an electrode can be obtained by
reversing the sign of reduction potential for that electrode.

Note: The given reduction potential values relate to standard conditions only. i.e.,
1M solution of ions, 25°C (298K) and 1 atm pressure. Changes in conditions will
alter these values. Such a fist of arrangement of elements in the order of their
standard electrode potential with reference to standard hydrogen electrode is called
electrochemical series.
Q19. Explain the activity series of metals with the help of examples also
draw the chart which shows the activity of metals.

Ans: Activity Series of Metals:

Metals are ranked according to their ability to replace other metals and
hydrogen from their compounds.



In this ranking metals and hydrogen are arranged in order of decreasing ease
of oxidation to thetr respective ions in aqueous solution.

This arrangement is called activity series.
Explanation:

A displacement or replacement reaction occurs when an element displaces
another element which is a part of a compound.
General equation: A+XY —— X + AY

In the general equation atom A replaces atom X and the compound XY

illustrate this type of reaction.
Example:

1. if Zn metal is placed in a blue solution of copper (Il) sulphate, the blue color
slowly fades away and grey metal is replaced by red orange Cu metal. In this
reaction Cu ions in the solution are reduced to Cu metal and Zn atoms are oxidized
to Zn ions
Zn(s)+Cu?(aq) @ — 2Zn"*(aq)+ Cu(s)

When copper metal is placed in zinc sulphate solution, no replacement
reaction occurs.
Reason: ’

As the standard reduction potential reaction of copper is greater than
that of zinc therefore no replacement reaction occurs.

Conclusion:

i This means that it is easy to oxidize Zn to its ions and reduce Cu'?ions to its
atoms. Thus Zn can replace Cu‘? ions from its solution.

il That is why Mg and Al can also displace Cu'? ions, but Ag cannot replace
Cu'? ions.

iii. It is observed that metal like Na, K can displace H; from water but metals like

Cu, Ag cannot displace H, from water.
Chart of activity series of common metals:

]

K | Very Active metals;

Ba i react with codd waler with the liberntion of bydrogen gas;
Sr ,’ (X and Nu resct violently with water),

Ca they alse resct violently with scidy

l\l!

4

Me!

Al

Mo | « :

k n: Motals of iatermedixte activity:
® | React with steam or with sckds such us HCT with liberation of H,
r.

ke |

d



Co '
Moderstely active metals

- React slowly with 11C1
Sn

Ph

1t

Do not react with weter

Cu Moderately noble metals:

Ag »do not react with water, 11C) but reuct with oxidizing acids such a» [INO,
Hg  wnd HCIO,

Pt Very noble metals;

An f react only with aqua regia

Q20. Write important features of activity series of common metals.
Ans: Important features activity series are as follows:
1. Metals high on the list transfer electrons to metal cations lower on the list.

The greater the separation between the species the more vigorous will be
the reaction.

Example:

When powdered barium is heated with lead (il) oxide, a replacement
reaction occurs. This is because Ba is more active than Pb. Barium is oxidized to
form barium oxide and lead is reduced to elemental lead.

Ba(s)+PbO(s) —— BaO(s)+Pb(s)
On the other hand, when iron pellets are added to a solution of MgCl, no
reaction will occur. This is because Fe is below Mg in the activity series.
7 2 Very active metals react with cold water to liberate Hydrogen.
Example:
2Na (s) +2H,O0 ——  NaOH (aq) + H; (9)
3 The less active metals react with steam and with non-oxidizing acid such as
HCI.
Example:

Mg (s) +2H,0(g) —— Mg(OH); (aq) + H; (g)
Mg (s) + HCl(aq) —— MgCl; (aq)+ H: ()

Al reacts with hot water to a small degree. This is because Al forms a
protective coating of Aluminum hydroxide and Aluminum oxide on its exposed
surface. This protects metal from further reaction. '

q. The moderately active metals such as CO, Ni, Sn, Pb do not react with
steam. These metals react spontaneously with 1M HCI.

5. The metals below hydrogen in the activity series do not react with 1 M HClI,
These metals are unable to reduce H® ions in 1M HCI! solution. However.
their 1M aqueous ions can be reduced by hydrogen gas at 1 atm. These
metals are called as noble metals.

The moderately noble metals Cu, Ag and Hg react only with oxidizing acids

such as nitric acid and perchioric acids. The very noble metals do no react with
these acids but reaction with aqua regia.



Example:

CuO(s) + H.(g) Cu(s) + H.0O(g)

Example 12.13:

Predict whether a replacement reaction will occur in the following instances
Explain your conclusion

a) Magnesium ribbon i1s in a solution of silver nitrate

b) A smali piece of caicium s added tc a peaker of water

c) A copper wire is dipped in 1M HCI.

Solution:

a) Magnesium is above Silver in the activity series. Thus Mg will
displace Ag’.
Mg (s) + 2Ag" (aq) —— Mg'*(ag) + 2 Ag (s)

b) Calcium being very active metal and above hydrogen in the activity

list will react with cold water and will liberate hydrogen gas.
Ca(s) + 2H,0 (/) ——— Ca(OH); (aq) + H2 (g)

c) Copper metal is below hydrogen in the activity list. therefore no
reaction will take place. :

SELF-CHECK EXERCISE 12.9

Predict whether a reaction occurs in the following cases and write a
net ionic equation for the reactions that occurs:
a) An iron nail is placed in 1M HCIL.
b) Lead (II) oxide is heated with powdered zinc.
c) Nickel wire is place into a solution of silver nitrate.
Solution: .
a) Iron is ranked higher in activity series than hydrogen. Thus it can displace
hydrogen from HCland the following reaction will occur.
2Fe + 6HClI — 2F€Cl3 + 3"2
b) Zinc is ranked higher in activity series than lead. Thus it can displace lead
from Lead (I1) oxide and the following reaction will occur
Zn + PbO — Zn0 + Pb
c) Nickel is ranked higher in activity series than silver. Thus it can displace
silver from silver nitrate and the following reaction will occur
Ni + 2AgN0O; — Ni(NO3); + 2Ag
Q21. How would you explain electrolytic cells in terms of electrolysis?

Ans: Electrolytic Cells: . ' _
In these cells electrical energy is used to drive many chemical processes

Example: ‘ .
For example heavy industrial processes such as the preparation of sodium
hydroxide, metals, purification of nickel and copper, plating of noble metal on
jewellery and instruments. '
Electrolysis: . _ -
The chemical process used in electrolytic Cells is called electrolysis.
OR




Electrolysis i1s the production of a chemical reaction by means of an electric
current. The apparatus use for electrolysis consists of an electrolytic cell.
Construction:

Electrolytic cell contains the electrolyte either in molten state or in solution into
which two electrodes are placed.
The electrodes are connected with a battery

The current is carried from the battery through the wires by mean of electrons
(metallic conduction).

Working:
i Within the cell the current is carried by the anions and cations of the
eléctrolyte (Elettrolytic conduction).

ii. The electrodes serve as a point where conduction changes from metallic to
electrolytic or vice versa.

ii. At each electrode a chemical reaction takes place in which electrons are
gained by the ions in solution at one electrode.

iv. Simultaneously electrons are released by some substance at the other
electrode.

V. These electrons are returned to the battery through the connecting wire

vi. Thus oxidation-reduction reactions ogcur at the electrodes

vii.  The electrode at which oxidation occurs is called as anode.

viii. The electrode at which reduction occurs is called as cathode.

Note: The changes, which occur at the electrodes, depend on the relative
oxidation—reduction tendencies of the substances involved.

Q22. Define the following terms.

a. Coulomb (C) b. Faraday (F) Ci Ampere'
Ans: a. Coulomb (C): =

The S| unit of charge ic the coulomb (C). It is the charge on 6.25x10"

electrons,

b. Faraday (F):

Although the coulomb is the usual unit for measuring charge, the chemist
finds that a more convenient unit is the Faraday (F). It corresponds to the charge
carried by the mole of electrons and it is equal to 96487 C. '

C. Ampere:

The Sl Unit of current is the ampere, which is the amount of current flowing
when one coulomb passes a given point in one second. Frequently, an ampere is
referred as “a coulomb per second”.

Q23. How can you relate chemical change and electric current in terms
of Faraday’s laws?

Ans: Relation Between Chemical Change And Electric Current:
In 1833, Faraday described the results of his electrochemical investigations

by stating the two principles of electrochemistry, which are now known as
Faraday’s laws.



Faraday’s first law:

The first law of Faraday states that “The amount of chemical reaction
taking place at an electrode is directly proportional to the quantity of charge
that flows through the electrode during the process."

Faraday's second law:

Secorjd 'aw of Faraday states that “If same quantity of charge is passed
through different electrolytic cells, the chemical change in each case is

proportional to the gram equivalent mass of each parent species’.
Explanation:

If severa! cells containing aqueous solutions are connected in series, as
shown in figure and if 96487 C of charge is passed through them, the electrode
reactions proceed simultaneously and for 7.999g of O, produced from H.SO.,
1.008g of H; 107.9g of Ag. 31 77g of Cu and 32.5g of Zn are produced at the

respective cathodes These weights are the equivalent weights of the respective
elements

battery
i
Pt| [Pt Agl [Ag cu| [Cu Zo| |[zZn
H H Ag Cu® Zn™
SO - NOj NO; NO; NO; NO;

Electrolysis of Aqueous Solutions

it is therefore concluded that 96487 C is the charge on one mole of electrons.
This quantity of charge is referred as one Faraday. Thus the quantity of the change
that occurs in electrolysis can be determined from the number of Faraday's of
charge, which passes. For most calculations. the value of the Faraday will be taken
as 96500 C
Conclusion:

The amount of a substance produced during electrolysis by passing one
Faraday of electricity is called its equivalent weight.
Example 12.14:

In the electrolysis of molten ZnCl,, how much Zn can be deposited at
the cathode by passage of 0.01 ampere for one hour?

Solution:
0.01 Amp. for one hour =001 x 1 x 60 x 60=36C
96500C/Faraday = 3.7 x 10* Faraday
In molten Zinc chloride, the cathode reaction is
Znt+2¢¢ ——— Zn

Which means that for every 2 Faraday of electricity used up, one mole of Zn is
deposited. Thus,



37 x 10* Faraday x 1 Mole of Zn /2 Faradays =185 x 10 “ mole of Zn
As one mcle of Zn1s 63 37g
Therefore 1 85 x 10 “ mole of Zn x 63 37g =C 012g of Zn (Ans)
Example 12.15:

A constant current was passed through a solution of AuCl, ions
between gold electrodes. After a period of 10.0 minutes, the cathode
increased in weight by 1,314 grams.

i) How much charge was passed?
ii) What was the amount of current?
iii) What volume of Cl, was collected at anode at 1 atm and 25°C.
Solution:
The reaction at cathode i1s the reduction of Au (lIl) to Au metal

AuCl, + 3e’ Au + 4Cl -
It means that for every 3 Faraday of electricity used up. 1 mole of Au is
produced. 5
Moles of Au = 1 314 Au = 6.67x10"
197g/mole of Au
i) Charge = 667x10 * mole Au x 3 Faraday
mole of Au
= 2-x 10™° Faraday
Charge
i) Current = Siied
I ime(s)
Time = 10 mins = 10 x 60 = 600s
o) ? 2 ../ -
Current - (%10 “FRI00CTE o 322 A
600s

iti) The reaction at anode is oxidation of Cl ions.
2CI1 ——— Ci; +2¢

For every 2 Faraday of electricity 1 mole of Cl, was produced.

For 1 Faraday of electricity = 1/2 moles of Cl, was produced.

For 2x10 Faraday of electricity = 1/2 x 2x 10 moles of Cl, was produced.

= 1x10? moles of Cl, was produced.
Volume of Cl, produced can be calculate by the following formula:
nRT 1x107% x0.08205 x 298

P 1

SELF-CHECK EXERCISE 12.10

1. Bauxite ore is used for the commercial preparation of Al. For this
purpose bauxite ore is first purified to produced pure alumina, Al,0;.
Alumina is then electrolyzed. Following reaction occurs:

2Al;05(s) ——— 4Al(s) + 30,(g)

= 0.245dm3




Calculate mass of Al, that collects at the cathode and volume of
oxygen that collects at node when Al,0;is electrolyzed for 10 hours
with a 15 ampere current at 1 atm and 25°C.
Solution:

Temperature = 25 °C + 273 = 298

Pressure = 1 atm

General gas constant = R = 0821 atmdm'Mele K

Time = 10 hours = 10 x 60 x 60 = 36000s

Current = 15 A

Ch
Current = —=24¢

Time (s)
Charge = Current x Time (s)
= 154 x 36000 {s) = 540000C

Mass of Al:
In the electrolysis of Al,O;. the cathode reaction is
Al ¥Fer ——— #l
It iIndicate that for every 3 moles of electrons, 1 mole of Al is produced.
1F = 1 mole of electron
3F = 3 moles of electrons = 1 mole of Al
So,

3F charge produces Al = 1 mole
5.586 F charge produces Al == x 5596 = 1.865 moles

Atomicmassof Al = 27g mole”
1moleof Al = 27g
1.865 moles of Al =27 x 1865 = 50355¢
Voiume of O,:
Oxidation of 0%~ ions occurs at anode.
20 —— 0, + 4e”
Thus for every 4 moles of electrons. 1 mole of 0, is praduce.
1F = 1 mole cf electron
4F = 4 moles of electrons = 1 mole of 0,

4 F electricity produce 0, = 1 mole

5.596 F of electricity produce 0, = }x 5596 = 1.399 moles of 0,

Number of moles of O; = n =1 399 moles
Volume = V =7
PV = nRT
nkT -~
Ve 5 1 x298
V= 1.399 x008B21 x =34.228dm3

1
2. Which of the following compounds will give more mass of metal,

when 15 ampere current is passed through molten mass of these
salts for 1 hr. a) NaCl (b) CacCl,
Solution:
Time =1 hours = 1 x60 x 60 = 36005
Current = 15A



Current = ﬁwr"_"
Tone (5
Charge = (Current = Time (s)
= 154 x3600s = 54000C

As 96500 C = 1F
54000C = —r— x 54000 ¢ = 0.5596 F
6500 (
(a) NacCl:
In the elect-oiysis of molten Vu( [ the cathoge reaction Is
Na''+ 1le Na
For every 1 mole of electrons, 1 mole of Na 1s produced

Since. 1 F = 1 mole of electron = 1 mole of Na
1 F charge produces Na 1 mole
1

i

0.5596 F charge produces Na = e 0.5596 = 0.5596 moles

Atomic mass of Na =23 g mole™!
1moleof Na = 23 g

0.5596 moles of Na = 23 x 0.5596 = 12.871¢g
(b) CcCacl,
In the electrolysis of molten CaCl;. the cathode reaction is
Ca*' + 2e Ca

For every 2 mole of electrons. 1 mole of Ca 1s produced
1 F = 1 mole of electron
2F = 2 moles of electrons = 1 mole of Ca
2F charge produces Ca = 1 mole

0.5596 F charge produces Na = % x 0.5596 = 0.2798 moles

Atomic mass of Ca =40 g mole !
1moleof Ca = 40 g
0.2798 moles ef Ca = 40 x 02798 = 11.192 g
Thus NaC! wil produce more mass of Na
Q24. What are batteries? Also give their applications.
Ans: Batteries:

A battery 1s a galvanic cell or a group of galvanic cell connected in series.

Batteries are source of direct current and have become essential source of
portable power in our society A battery can be as tiny as a heart pacemaker implant
or as large as the charge storage tanks cf an electric automobile.

Applications:

Balteries provide electric power for starting internal combustion engines in
automobiles, for running systems on space vehicles and for such devices as flash
hghts. toys, heart pacers. electronic calculators, portable radios, TVs, Tape
recorders etc
Q25. Define primary cells and secondary cells.

Ans: Primary cells:
Batteries which cannot be recharged are called primary cells e.g. dry cell
Secondary cells:

The batteries which can be recharged are known as secondary cells or

storage batteries. e.g Lead storage battery (automobile battery).



Q26. Explain dry cell, give its types and also write the redox reaction
taking place at anode and cathode.
Ans: Dry Cell:
The dry c«ll batenes are used 'o power many flashhohts, toys and small
apphances

Construction:
T'-‘\,: a» P N € s 'l e 9 " St Jc- S an |nert
graphite rod at ‘e cere. Ui thz container | contrac: wan a nuxture of MnO; and

carbon (charcoal)
Electrolyte: The electrolyte i1s a mixture of moist NH.Cl and ZnCl;
Reactions: Following reactions take place in it

At Anode: Zn ——— Zn'*+26

At Cathode: 2NH,' + 2MnO., + 2 é Mn ; O; + 2NH; +H,0
This cell produces a potential of 1.5V

Types:

i Alkaline dry cell:

Construction:

In the alkaline dry cell battery, moist paste of KOH Is used as electrolyte
instead of NH.Cl and ZnCl-
Reactions: Following reactions take place in it
At anode: Zn + ZOH ——  Zn(OH); + 28
At Cathode: 2Mn0-+HO0+2& ——— Mn,O,+20H"

Insulator

Graphite rod
{cativode)

MnQ, and carbon black paste

NH Cl and ZnCl, paste
(electrolyte)

{anode)

i
i
|
!
]
{ Zinc metal can

A dry cell

Alkaline dry cell lasts longer: |
The alkaline dry cell lasts fonger because the zinc anode corrodes less rapidly

in basic conditicns

ii. Nickel-cadium dry cell: ‘
An important type of ary cell is the nickel-cadium battery
Constructions

It has a Cd anode and NiO; as cathode. KOH is an electrolyte.
Reactions: Following reactions occur in it.
At anode: Cd (s) + OIl (aqg) —+ Cd (OH); (s) + 2¢




At cathode: NiO;(s) + 2H,;C () + 2¢ -—--— NI (OH).(aq) + 201l (aq)

Recharging:
In this cell the products adhere to the electrodes Thus. battery can be

recharged

Q27. What do you know about lead storage battery? Write the redox
reactions taking place at anode and cathode during discharging
and recharging of lead accumulator (car battery).

Ans: Lead storage Battery (lead accumulator):

Construction:

i In l.ead storage Battery anode 1s a lead plate that becomes coated with
PbS0, as the battery discharges.

ii. The: cathode is lead impregnated with PbO, which also becomes coated with
PbS O, as the battery discharges

. Both electrodes are immersed in electrolyte which 1s 30% H.SQO, solution
having density 1 25g cm*

Voltage:

The cell produces potential of two volts Automobile batteries use three or
six such cells joined in series to generate a total electrical potential of 6V or 12V
respectively.

H,50,
(electrolyte) [

i Lead grid packed
" Lead grid packed witn ~ With PbO; {cathode)
spongy lead (anode)

A Lead storage battery
Redox reactions during discharging:
Following reactions take place in it
At anode: _
Pb(s) + SU; “(aq) ——— PbSO4(s)+28
At cathode:
PbO; (s) + SO (ag) +4H" (aq) +2& ———  PbSO, (s) + 2H,0(/)
Net reaction during discharge of battery is
Pb (s, + PbOys; + 2H:SOgjan —— 2PbS0; 5 + 2H:0
Thus during discharge H,SO; is used up and its density decreases. When
both the electrodes are completely covered with PbSO, the battery ceases to deliver
current until it is recharged.



Recharging the Battery:
L Battery can be recharged by connecting its anode to the negative terminal of
~ direct current and the cathode to the positive terminal of the direct current
II Reverse chemical reactions occur at anode and cathode of the pattery
ii. Thus deposition .of Pb on anode and PbQO, on cathode takes piace. In this

way we can recharge the battery
Redox reactions during recharging:

The reactions of recharging of battery are as follows
At cathode:
PbSOus +2 & il Pb (s; + SO4? a4

At anode:

PuSOys, +2H,0,, PbOys, +SO,” oq + 4H (oe + 2 &

Net reaction: 2PbSO, « + 2H-O., Pb s, + PbOsg, + 4H" .., +2S0.7 40
After recharging H S, solution 1s concentrated again bringing density to its

intial value of 1.25 g cm

Use:

The lead storage battery rr:...ues electrical power in automobiles It is well
suited for this use because it supplies the large current needed to drive starter
motors and headlights and can be recharged easily
Q28. What are fuel Cells? How they work? Also write the redox

reactions.

Ans: Fuel Cell:
A fuel cell 1Is a special type of galvanic cell in which reactants are

continuously supplied as they are consumed and the products are continuously
removed.
Principle:

A fuel cell is based upon the reaction between oxygen and a gaseous fuel
hydrogen or methane When hydrogen burns in air, an exothermic reaction occurs
A lot of chemical energy is released in the form of heat and light .

This energy is used for cutting and welding metals. In this reaction hydrogen
is oxidized to water

H:(g) + Oa(9) —==— H;0(g) + heat
Working:
i If the above oxidation-reduction reaction is carried in separate compartments

connected in series
Electrons released in the ovigation of hydrogen in one compartment begin to

flow through the external circuit towards the other compartments
iii. There these electrons urnng about reduction of oxygen

iv. Thus electricity begins to flow in the circuit. _
v. The energy released from the reaction of hydrogen with oxygen to form

water is converted to electrical energy.

Construction:
i A hydrogen-oxygen fuel cell has three compartments separated from one

another by porous carbon electrodes



il. These electrodes contain platinum as catalyst
i, The middle compartment contains a hot aqueous solution of KOH |
iv. Hydrogen gas Is passed through the anode compartment and oxygen IS
passed thrcugh the cathode companment
Individual Fuel Cell

(f‘gf::;?::) « Electric
Power
A Fuel Cell

Redox reaction:

At anode hydrogen is oxidized to water and at cathode oxygen is reduced to
hydroxide 1ons
Anode reaction 2H,(g) + 40H (aq) —— 4H,O(l)+4 ¢
Cathode reaction O;(@ +2H,O(l)+4¢e 40H (aq)
Net cell reaction = 2H: (g) + 02 (9) —  2H;0 (1)

This i1s clearly the equation for the burning of nydrogen in oxygen but in a fuel
cell it is burning without flame. Thus the electron released in the oxidation of
hydrogen flow through the circuit towards the cathode.

+ A hydrogen-oxygen cells delivers 0.9 V.
Note:

The fuel cell operates at high temperature so the water formed evaporates
and may be condensed. The water removed in spacecraft is consumed by the
astronauts. The fuel cells of this kind have been used by American space program.
Q29. Define solar cell. How can we get electrical energy from it?

Ans: Solar Cell:

Devices that convert sclar energy directly into electric energy are called solar

cells
Construction:

i A semiconductor material is used in these cells.

ii. This material generates voltage output with light input

iii. A basic solar cell consists of two layers of different types of semi-conductive
materials. These materials are joined together to form a junction




Working:

R When one layer is exposed to light, many electrons acquire enough energy

) and break away from their parent atoms. Such electrons cross the junction.

il Th:s means that negative ions are formed on one side of the junction and
positive ions are on the other side.

iii. Thus a potential difference i1s developed which causes electrons to flow.

iv. Semiconductor made of silicon gives an output of 0.5 V per celi,
Note:
Research 1s continuing to get more output with other semi-conductor material.
In future solar cells will serve as a cheap source of energy.
Q30. Explain the process of corrosion and how we prevent a metal from
it?
Ans: Corrosion:
Corrosion is a natural process, which converts, refined metals to their more
stable metal oxides
Explanation:

The oxidizing agent in corrosion chemustry is atmospheric oxygen It is most
familiar in the form of the rusting of iron. Rusting is an electrochemical process. One
of the half reaction in rusting is

Fe*+2&8 —— Fe E=-0.44V
Reverse of this reaction
ie. Fe ——— Fe'?+28
is driven by the presence of oxygen. Iron (ll) is oxidized further to iron (lll) and
various insoluble hydrated oxides of iron (lli) are deposited as the red-brown
precipitate known as rust. These oxides are porous, flake off and expose metal to
further corrosion.

The process of corrosion occurs when metal is in contact with water. The
water layer present on the surface of iron or a water droplet on its surface dissolves
02 and CO;

In certain industrial areas where SO; or other acidic vapours are present
also dissolve. Thus metal comes in contact with the electrolyte. The reduction half
reaction is.

O,(g)+H (ag)+& ——— 2H,O() E°=+1.23V
This is more positive than Fe*?- Fe couple, so it can derive the following reaction:

Fe —— Fe+e  (oxidation reaction)

The E° cell of the combined half-reactions is

Eo cell * Eo cathoge e E° ano0e
E° cell - +1.23 - (—0.44)
E° cell = +1 67V

Therefore, there is a strong tendency towards oxidation. Oxidation of iron
occurs in an interior region of the droplet whereas reduction of O, occurs near the
air-droplet interface.



Air

Rust Deposit / Droplet

Fe,0,xH,0

Corrosion process of iron

Prevention:

i Corrosion cannot be eliminated, but sealing the surface from attacks can
slow it down

il. The corrosion of a metal can be preventing by painting the metal so that it
does not come in contact with oxygen and moisture and other harmful
agents Painting alsoc provides visual appeal. That is why bridges, trains,
cars etc are painted.

. A metal surface can also be protected by coating it with a thin layer of a
second metal that is less electropositive than the first.

This can be done by galvanization or electroplating.

Q31. How can we protect iron from rusting by using the process of
galvanization?
Ans: Galvanization:

Objects made of iron are dipped in molten zinc and dried. This process is
known as galvanization.
Explanation:

If a scratch penetrates the zinc layer, iron is still protected because Zn
oxidizes preferentially. This is because Zn is more active metal than iron, as the
potentials for reduction show.

Fe?+28 == Fe E°=-044V
Zn”+28 o= gn £%=._0.768V
Sacrificial corrosion:

Any oxidation that occurs dissolves Zn rather than Fe. Thus Zn acts as
sacrificial coating on Fe This is also known as sacrificial corrosion
Q32. Explain the process of electroplating with the help of examples.
Ans: Electroplating:

Electrolysis can be used to deposit one metal on another. A layer of silver or
goid is often plated on jewelry and tableware made from inexpensive metals such as
iron
Construction:

i The article to be plated is used as cathode.



|| The metal. which is to be deposited on the article, 1s used as anode
1. Water-soluble salt of anode metal is used as electrolyte
Working:

i When electrical potential is applied, electrons are ejected from anode and
move into the cathode (article)

i. Metal ions of anode in solution capture the electrons and adhere to the
article {cathode)

Example:

In silver plating, silver rod is used as anode and sodium cyanide is used as
electrolyte Cynaide ions form a complex with silver ions

Reactions: Ag’ (ag) + 2CN (aq)
Anode reaction: Ag (s) B Ag’ (aq) + ¢
Cathode reaction: [.\g(L'.\’).] (ag) + ¢

[Ag(CN).] (aq)

Ag (s) + 2CN (aq)

AgNO,(aq)

Electroplating of sliver
Use:
Stee! objects are often protected from corrosion by electroplating with
Aluminum or Chromium These metals form a thin protective coating of oxide which
inhibits further corrosion. The potential of the passive oxide coating is much like a

noble metal
SUMMARY OF KEY TERMS

1. Redox reactions i e, oxidation and reduction reactions involve the transfer
of electrons or change in oxidation numbers.

2. Redox eqguations can be balanced by using oxidation number method and
ion electron method

3. The driving force behind the spontaneous redox reaction is called the cell
potential
4, The magnitude of cell potential depends upon the conditions under which

the measurement is made. Under standard conditions, all solutions have
1m concentrations; all gases have partial pressure of 1 atm. The standard



11.

potential for the reduction of h' to hydrogen gas 1s arbitraniy taken as zero
vOIts

In a galvanic cell cxidation and reduction reactions take place at separate
eiectrodes and electron flow through the external Circut These separate
parts of the galvanic cell are half ceils. The reactions which occur at these
half cells are the nalf-cell reactions A salt bndge allows the ons to flow
between the half cells

In a galvanic cell the oxidation occurs at node and reduction occurs at
cathode and the electrons flow in the external circut from anode to
cathode

Voltaic cells use a spontaneous redox reaction to drive an electric current
through a wire Whereas, the slectroiytic cells use an electric current to
dnve a redox reaction

The quantity of electricity carried by 1mole of electron is called a faraday |t
'S equa! to 96,500 coulombs

In electiolysis electric current from an external source dnives a non-
spontaneous chemical reaction The amount of chemical reaction that
takes place in electrolysis i1s directly proportional to gquantity of charge
transferred at the electrode

A battery 1s a galvani cell or a group of galvanic cells connected in series

Some of the welil-known batteries are the dry cell, the nickel-cadmium
battery, lead-storage battery used in automotiles, fuel celis etc

The corrosion of metals 1s an electrochemical phenomenon

EXERCISE

MULTIPLE CHOICE QUESTIONS

e ——

1:

Choose the correct answer.

I The electrode through which the electron enter the
electrolytic solution is

(a) Ancde (b) Cathode (c) Salt bridge (d) Electrolyte
ii. Oxidation number of S in Na,S$,0; is
(a) +1 (b) +2 (C) +3 (d) +4
iii. In the electrolysis of molten ZnCl,, the cathode reaction is

Zn'? + 2e >Zn what quantity of electricity is used up for the
production of half mole of Zn
*(a) 2 Coulombs (b) 1F (c) 2F (d) 2 ampere
iv.  How many moles of Cr will be produced by 1.5 Faradays of
electricity by the following reaction Cr** + 3e — Cr
(a) 01 (b) 0.2 (c) 0 03 (d) 15 (e)05



11.

potential for the reduction of h' to hydrogen gas 1s arbitraniy taken as zero
vOIts

In a galvanic cell cxidation and reduction reactions take place at separate
eiectrodes and electron flow through the external Circut These separate
parts of the galvanic cell are half ceils. The reactions which occur at these
half cells are the nalf-cell reactions A salt bndge allows the ons to flow
between the half cells

In a galvanic cell the oxidation occurs at node and reduction occurs at
cathode and the electrons flow in the external circut from anode to
cathode

Voltaic cells use a spontaneous redox reaction to drive an electric current
through a wire Whereas, the slectroiytic cells use an electric current to
dnve a redox reaction

The quantity of electricity carried by 1mole of electron is called a faraday |t
'S equa! to 96,500 coulombs

In electiolysis electric current from an external source dnives a non-
spontaneous chemical reaction The amount of chemical reaction that
takes place in electrolysis i1s directly proportional to gquantity of charge
transferred at the electrode

A battery 1s a galvani cell or a group of galvanic cells connected in series

Some of the welil-known batteries are the dry cell, the nickel-cadmium
battery, lead-storage battery used in automotiles, fuel celis etc

The corrosion of metals 1s an electrochemical phenomenon

EXERCISE

MULTIPLE CHOICE QUESTIONS

e ——

1:

Choose the correct answer.

I The electrode through which the electron enter the
electrolytic solution is

(a) Ancde (b) Cathode (c) Salt bridge (d) Electrolyte
ii. Oxidation number of S in Na,S$,0; is
(a) +1 (b) +2 (C) +3 (d) +4
iii. In the electrolysis of molten ZnCl,, the cathode reaction is

Zn'? + 2e >Zn what quantity of electricity is used up for the
production of half mole of Zn
*(a) 2 Coulombs (b) 1F (c) 2F (d) 2 ampere
iv.  How many moles of Cr will be produced by 1.5 Faradays of
electricity by the following reaction Cr** + 3e — Cr
(a) 01 (b) 0.2 (c) 0 03 (d) 15 (e)05



vi

Vit.

viii.

ix.

xi.

xil.

xiii.

Xiv.

E%, = -0.14V, E%, = -0.13V
(a) Sn"? can oxidize Pb (b) Pb? can oxidize Sn
(c) Both can oxidize each other . (d) Both can reduce each other
A fuel call operates at temperature
(a) Low(b) Medium (c) Room (d) High
The oxidation number of Cl in HCIO, is
(a) -1 (b) +1 (c) +5 (d) +7
In which of the following compounds oxidation number of N
is +5
(@) NO; (b) N2O, (c) N2O, {(d) N2Os
The Passage of current through an electrolyte is due to the
movement of
(a) Electrons (b) Anions (c) Cations  (d) lons
Oxidation number of an element in Free State is
(a) Negative (b) Positive  (c) Zero (d) £1
Which of these is not true of an electrolyte.
(a) It can conduct electricity in molten state
(b) It can conduct electricity in the form of aqueous solution.
(c) It can conduct electricity in the solid form
(d) It can be an acid, a base or a sall.
In an electrolytic cell, the name of electrode which has more
negative potential begins with the letter
(a) Ato B (b)Cto D (c)Kto O (dyUtoZ
Corrosion is an electrochemical process which requires
(a) Oxygen (b) Water
(c) Acidic vapours (d) Basic vapours
1 a '
2 an
3. abc
4, abecd
A fuel cell is based upon the reaction between
(a) Oxygen (b) Gaseous fuel (c) KOH (d) Pt
= '@
2. ab
3. abc
4. abcd
ADSWErs
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2. Explain, why?

(a) Reduction of 1 mole of each Zn'? and Ag' require different
Faradays of electricity.

(b) Itis not possible to measure the potential of an isolated half-cell.

(c) The life of a dry cell is shorter than that of an alkaline dry cell.

Ans: (a) One faraday is equal to the charge carried one mole of electrons and
it is equal to 96487 C.

One faraday is one mole of electrons.
Zn* (aq) + 26 —— Zn (s)
We can see that this requires two moles of electrons per mole of zinc so 2
faradays or about 193000 C charge of electricity is required.
AgQ’ (aq) +e — Ag (s)
We can see that this requires one mole of electrons per mole of silver so 1
faraday or about 96500 C charge of electricity is required.

(b) A redox reaction always consists of oxidation and reduction. In the cell, the
electrode potential develcps due to oxidation at anode and reduction, at
cathode. Therefore, it is not possible to measure the potential of an isolated
half cell =

Example:

If only a zinc half-cell were constructed, no complete redox reaction can
occur and so no electrical potential can be measured. It i1s only measured
when another half-cell is combined with the zinc half-cell.

(c) The life of a dry cell is shorter than that of an alkaline dry cell because in
alkaline dry cell, a moist past of KOH is used as electrolyte. That is why the
alkaline dry cell lasts longer because the zinc anode corrodes less rapidly in
basic conditions.

3. Write the spontaneous reaction for the following sets of half-
reactions.

Au*’*(aq) + 3e Au(s) E°=15V
NO’; (aq) + 4H"(aq) +3e > NO(g) + 2H,0(l) E° = 0.096 V

Solution:

(i) Au*3(aq) + 3e™ — Au(s) E° = 1.5V

(i) NO3(aq) + 4H' (ag) + 3e~ — NO(g) + 2ZH,0 (1) E° = 0.096V
The above equations shows that the reduction potential of first reaction is

greater than the second reaction therefore the reduction will occur in the first

reaction and oxidation will occur in the second reaction.

Cell reaction:

Cell reaction will occur if we reverse the second reaction and then add it into the first

reaction.

At Cathode (Reduction):

Au*3(aq) + 3e~ — Au(s) E* =18V

At Anode (Oxidation):

NO(g) +2H,0(I) — NOj(aq) + 4H'(aq) + 3e~ E° = 0.096 V

Net reaction: Au*?(aq) + NO(g) + 2H,0 () — NO;(aq) + 4H"(ag) + Au(s)




Cell potential:

k. = 5 cathroe = 7 a e

o = (15V)-(096V)

Y = (15V)-(095W)

£ . = 1508V

As the cell potential 1s pos.tive therefore the reaction is spontaneous
4. Explain the following with reasons.

(a) The oxidation potential of zZn is +0.76V and its reduction
potential is —0.76V

(b) A salt bridge maintains the electrical neutrality in the cell.

(c) Na and K can displace hydrogen from acids but Cu and Pt
cannot,

(d) Lead storage battery is rechargeable battery.

(e) Zn plating saves Fe from corrosion.

Ans: (a) Oxidation potential of zinc metal is 0 76 V it shows that zinc can lose
electron easily and oxidation reaction is feasible The reduction potential of
zinc metal ts -0 76 V it shows that zinc cannot reduce easily.

(b) A sait bridge maintains the electrical neutrality in the cell because it only
allows the movement of ions from one solution to the other without mixing
the two solutions :

(c) It 1s observed that metal like Na, K can displace H, but metals like Cu. Pt
cannot displace M,

Reason:

i In active series Na and K are ranked above H; therefore they can displace
hydrogen.

ii. In active senes Cu and Pt are ranked below H, therefore they cannot

displace hydrogen

ii. The reduction notential values of Na and K are -2 714V and -2 925V
respectively That is why they can oxidized easily Hence on reaction with an
acid. they displace the Hydrogen easily

The reduction pctential of Cu 1s +0.521 V and that of Pt is +1.55 V Due to high

values of reduction potentials. Cu 1s !ess reactive towards acids and Pt is nearly

inerl towards acids

(d) During discharging of lead storage battery, H,SO. i1s used up. its density
decreases When both the electrodes are completely covered with PbSO,

the battery ceases to deliver current.
Recharging the Battery:

I Battery can be recharged by connecting its anode to the negative terminal of
direct current and the cathode to the positive terminal of the direct current.
i, Reverse chemical reactions occur at anode and cathode of the battery

Thus deposition of Pb on anode and PbO; on cathode takes place In this
way we can recharge the battery

Redox reactions during recharging:
The reactions of recharging of battery are as follows



At cathode: .
PbSOa..S, + 2 é i Pb (5 + SO!, I {ag

d

At anode:
Pb804'_52- +2H:Ou’. ——— Pbo:'!s_a +-{-'.'”.' ag ¥ 4H'-d-:- +2@e

Net reaction: 2PbS0. g + 2H-0,——— Pb s + PbO;5 +4H 4 +250:" ,;
After recharging H-SQ, solution 1s concentrated again bringing density 1o iis

initial value of 1.25gcm *°

5. ©* What kind of reaction occurs at the negative terminal of the galvanic
cell?

Ans: Oxidation reaction will occur at the negative terminal of the galvanic cell

Explanation:

In Zn-Cu galvanic cell Zn has greater tendency to lose electrons than Cu
Therefore, Zn electrode acquires negative charge relative to Cu electrode. The
electrons flow from Zn electrode through the external circuit to Cu electrode. Thus
zinc will act as the negative terminai

Hence at negative terminal (anode) of cell an oxidation reaction will occur

2N s anznf,'h':'l + Ze”
6. Corrosion is often accelerated where the coating on the body of a
car has begun to crack, Explain.
Ans: Body of a car is made up of iron and it is coated with paint Paint coating
save the body of the car from rust. Corrosion is often accelerated where the coating
on the body of a car has begun to crack it is because the metal of the car comes in

contact with oxygen and moisture and other harmful agents and following reaction
would take place

Reduction half reaction: Oz + H ag +e” = 2H:;0
Oxidation haif reaction: Fe = Fe'? + ¢~ (oxidation reaction)
Conclusion:

Hence oxygen oxidizes Fe to Fe'? which are further oxidized to Fe™® The
Fe*® form various insoluble hydrated oxides known as rust and thus the corrosion
will accelerated.

i How many hours would electroplating have to be continued at the
rate of 5 amperes if 75g of copper is to be deposited from CuSO,

Solution?
Solution:
Mass of Cuto be produced =75g
Atomic mass of Cu  =63.5g mole™*
Number of molesof Cu = “'FS—Q = 1.1811 moles
63.5g mole”

Reaction at cathode:
Cu'® + 2e- - Cu
The above reaction indicate that for every 2 moles of electrons, 1 mole of Cu will
produce.
As we know that
1 F = 1 mole of electron.
2 F = 2moles of electrons = 1 mole of Cu



1 mole of Cu i1s produced by charge =2F
1.1811 moles of Cu is produced by charge = 2 x 1 1811
= 23622 F
As we know that 1F = 86500 C
23622 F = 96500 C x 2 3622 = 227952 3C
Time = ?
Charge = 227952 3C
Current = 5A
Current = Zharge
Time
. _ Charge _ (279523 _
Time = e = = 45590.465s
Time o 12.664 hours

3600

What is the difference between the following

(a) A galvanic and electrolytic cell
(b) Oxidation half-reaction and reduction half-reaction
Ans: (a) A galvanic and electrolytic cell:

) Galvanic Cell ! Electrolyticcell
|. A Galvanic cell converts chemical I i. An electrolytic cell converts |
| - energy into electrical energy | electrical energy into chemical
| energy.
ii. Here, the redox reaction is f ii. The redox reaction is not

spontaneous and is responsible for
the production of electrical energy.

spontaneous and electrical energy
has to be supplied to initiate the
reaction.

iii. The two half-cells are set up In
different containers, being connected
through the sait bridge or porous
partition.

iii. Both the electrodes are placed in
a same container in the solution of
molten electrolyte.

iv. Here the anode is negative and
! cathode is the positive electrode. The
} reaction at the anode is oxidation and
l that at the cathode is reduction.

iv. Here, the anode is positive and
cathode is the negative electrode.
The reaction at the anode is oxidation
and that at the cathode is reduction.

, v. The electrons are supphed by the

' species getting oxidized. They move
from anode to the cathode in the
external circuit.

v. The external battery supplies the_‘.
electrons. They enter through the |
cathode and come out through thel
anode. :

(b)

Oxidation half-reaction and reduction half-reaction:

Reduction half-reaction

'Lgxidation half-reaction
i i. Reaction taking place in oxidation
oxidation half

.half—cell iIs called

reactnon

i. The reaction taking place in
reduction half-cell is called reduction
half reaction.

the

[il. In oxidation half-reaction,
losing

| species is oxidized by
L electrons.

il. In reduction half-reaction, the
species is reduced by gaining
| electrons

-




iil. This procass cac Js at ancde iil. This [ oooess accurs at cathode i

iv. Oxidation half reaction. V. Reduc.taon haif reaction:
Zng = Zn7 .+ lc Cu™,y+2e ~— Cuy
9. Sketch the galvanic cell based on the followmg overall reaction.

Show direction of electron flow and identify the anode, write
balanced reaction. Assume all concentrations are 1.0 M

(a) Cr"gaq) +Cl(aq) - - Cr,0,%(aq) + CI'(aq)
(b) Cu'*(aq) + Mg(s) - - -- Mg “(aqg) + Cu(s)

Ans: (a) Crne + Clyag; Cr;05° (aqy + €l (a0

i in this reacuion C! atom changes ts oxidation state from zero in Cl; to -1 in
Cl . 1tis a equcion process as it gain 1e per Cl atom

i. In this reaction the Cr atom changes its oxidation state from +3 in Cr* to +6

InCr, Q- *:s aoxdation process as it loss 3¢ per Cr atom
At Anode: (Oxidation half reaction)

2Cr" .+ THO = Crit, +14H" < 6e- (1)
At Cathode: (Reduction half reactlon)
C' =+ - V.d 5] G s

Electron flow:

Thus the eect-on f ows from anode to cathode.
Balancing:
To balance loss and ga:n of electrons
multiply Eq. (n) by 3 ard then add to Eq (1) to get overali cell reaction.
Oxidation half reaction: 2Cr7 g + TH:O = (0520 +14H" + 62~
Reduction half reaction: 3Clyag; + 6~ = 6C17 Y 4q

Overall Cell Reaction. 2Cr 301 + TH,0+3Cloaq) — Cry072 5, +14H"+ 6C11 (4

(b) Cu*’(aq) + Mg(s) ——— Mg**(aq) + Cu(s)
i. The Cu atom changes its oxidation state from +2 in Cu*? to 0 in Cu. It is a
reduction crecess as it gain 2e per atom

ii. In this reaction the Mg atom changes its oxidat.on state from 0 in Mg to +2 in

Mg*? it's a oxidation ciocess as it gan 2¢  per atom

At Anode: (Oxidation half reaction)
Mgs: ———= Mg ?* +2¢ 9

At Cathode: (Reduction half reaction) v
Cuy(aq) + 2¢- Cu 5 e sl

Electron flow:

Thus the electron fiows from anode to cathode.
Balancing:
Write equation (i) and (ii) asitis
Oxidation half reaction: Mg(s) ———— Mg'? + 2e
Reduction half reaction: Cux(aq) + 2e- —— Cu g

——— - —— " o 4. e . — | e e+ e —— ——

Net Rea»ction: Cu'’(aq) + Mg(s) —— Mq"(GQ) + CU(’)



Q.10: Calculate E° for the following cells, which reactions are
spontaneous as written under standard conditions.
(2) 2Ag”(aq) + Cu(s) —— Cu’’(aq) + 2Ag(s)
(b) Zn**(aq) + Ni(s) Ni**(aq) + Zn(s)

(€) Al(s) + 3H" (aq) . AI”(ag) + _H;(g)

Solution: (a) 2AgQ*q + Cusy  — Cu'? (aqy + 2AGs
Reduction half reaction:
Ag atom changes its oxidation state from +1 in Ag” to zero in Ag_ It is
because of the gain of 1e~ Thus it is a reduction process
At Cathode: (Reduction half reaction)
2AQ jag + 20 = 2AQuq

Oxidation half reaction:

Cu atom changes its oxidation state from zero in Cu to +2 in Cu™ Itis
because of the loss of 2e~ Thus it is an oxidation process.
At Anode: (Oxidation half reaction)

Cus, - Cu"? ta) + 2€°

Cell potential:

The standard reduction potentials of Cu and Ag are

E%,=+034Vand £Y 45 = +080V

Euv;aﬁ = Euc.alhﬂut i EDJ!‘-DDE
E%u = E%; - E'
E° = (0.80)—(034)
(Y% = 046V

(b) Zn"q+ Nigy —  Niv%aq + Zng
Reduction half reaction: |
Zn atom changes its oxidation state from +2 in Zn' to zero in Zn. It is
because of the gain of 2e~ Therefore it is a reduction process.
At Cathode: (Reduction half reaction)
Zn+=.;.¢} + 2e” - Zn {agq)
Oxidation half reaction:
Ni atom changes its oxidation state from zero in Nito +2 in Ni'? it 1s because of
the loss of 2e~ Therefore it is an oxidation process.
The balanced reaction at anode and cathode would be
At Anode: (Oxidation half reaction)
Nigy — Ni*’aq+2e
Cell potential:
The standard reduction potentials of Ni and Zn are
E%y =-025V and E"z, = -Q_.?E V

- u
E oull = E Or,arhuue — £ anode
Eei = E% = E%

£ = (-0.76)-(-025)



Fler = -051V
As the cell potential is negative. thus, this reaction is not spontaneous (not feasible)
(€©) Al +3H Gy —  AlPg 4+ Hagg
Oxidation half reaction:

In this reaction. the Al atom changes its oxidation state from zero in Al to +3
in Al"" It is because of the loss of 3¢~ Thus it is an oxidation process
Anode: (Oxidation half reaction)

Alsy —~  AI*? g + 3e”

Reduction half reaction:

The H atom changes its oxidation state from +1 in H" to zero in H;. This is
due to gain of 1¢~ Thus it 1s a reduction process
At Cathode: (Reduction half reaction)

+ > 3
3H (aq) + 3€ o 'Z'HI (9)

Cell potential:
Standard reduction potentials of hydrogen and Al are
E°a =-167Vand E°x = 0.00V

Eer = Elirvse ~ Elgrene
EBleer = By~ E*x

E°.e = (000)- (-167)
E°e& = +167V

As the cell potential is positive, thus, this reaction is spontaneous (feasible)
Q.11: An electroplating apparatus in used to coat jewelry with gold. What
mass of gold can be deposited from a solution that contains
{Au(CN).}" ion if a current of 5.0 amperes flows for 30 minutes,
following haif-reaction occurs.
{Au(CN).}"(aq) + 3&¢ —— Au(s) + 4CN'(aq)
Solution: Charge calculation:
Time = 30 minutes = 30 x 60 = 1800 s

Current =5A
As
_ Charge
Char‘qe T Time (5}
Charge = Current x Time (s)= 5A x 1800 s = 9000 C

As
96500C = 1F
9000C  =.—— x 9000C =9.326 x 107F

Reaction at cathode :
{AUCN)s} g, + 3¢” = Aug +4CN )
It indicates that every 3 moles of electrons. 1 mole of Au will produce
1 F = 1 mole of electron.

3F 3 moles of electrons = 1 mole of Au.
So,

3 F charge produces Au =1 mole
9326 x 10? F charge produces Au = i % 9.326 x 107



= 3.109 x 102 moles
Atomic mass of Au = 179 g mole™
1 moleof Au = 179¢g
3.109 x 10? moles =179 x 3109 x 107 = 5565¢g

Q.12: Determine oxidation number of all the atoms in the following

(a) K,CO, (b) P, (c) XeF, (d) F;0
(e) PCls (f) NH; (9) Fe;0.
Ans:
(a) K,CO,
Oxidation number of K = +1
Oxidation numberof 0 =-2
Oxidation numberof C = x
K2CO,
2(+1) +x +3(-2) = 0
x-4 =0
x =+4
(b) P,
In free state oxidation state of an element is zero. Thus oxidation state of P,
IS zero.
(c) XeF,
Oxidation numberof F = -1
Oxidation numberof Xe = x
XeF,
x+ 4(-1)=o0
x—4 =0
x = +4
(d) F,0
oxidation number of F =-1
Oxidation numberof O =x
F,0
2(-1)+x =0
2+x=0
xX=+2
(G) PCls
Oxidation number of CI = -1
Oxidation numberof P =x
' PCls
x+5+-1)=20
x-5=0
x =45
(f) NH,
Oxidation number of H = +1
Oxidation numberof N =x
NH, Y
x+3(+1) =0

x+3 =0



(g9)

Q.13:

Ans:

(1)

(ii)

(iii)

(ii)

(iii)

(c)
(i)

xr =-3

FE3O4
Oxidation number of @  =-2
Oxidation number of Fe =

Fes0,

3x+4(-2) =0
3x-8 =0
Jx =+8

X _*H
3

Balance the following half-reactions
(a) Cu’ CuO ()1 —— 1057
(c) S H,S (d) S0,* —— SO,
(a) Cu"™ - CuO
Balancing of oxygen:
There is one O atom on the night and none on the left So we will add one
H-O on the L H S. to balance O atoms.
Cu"+H,0 - CuO

Balancing of hydrogen:
There are 2 H atoms on the left and none on the right, so we will add 2H" on
the R H S. to balance H.

Cu +H.0 - CuQ+2H

Balance Charge:
Now Dalance cnarges the left side has mono-positive charge corresponding
c+l
The rignt side has 2 mono-positive charges corresponding to +2. Thus, right
side needs le™
Cu"+H,0 = CuQ+2H" +1e"
I - 10,
Balancing of oxygen:
There are 3 O atoms on the right and none on the left. So we will add 3 H.O
onthe L H.S to balance O atoms
I+ BHQO = ID;I
Balancing of hydrogen:
There are 6 H atoms on the left and none on the right, so we will add 6H" on
the R H.S. to balance H.
I+ SHZO - 103'+6H’
Balance Charges:
Now, balance charges the left side has no charge corresponding to 0.
The nght side has A mono-postive and mono-negative charge
corresponding to -1 + 6(+1; = +5 Thus, right side needs 5S¢~
[+3H,0 — I0;'+6H" +5¢-
5 = H;S
There are 2 hydrogen atoms on the right side and none on the left side so
add 2H" on L H.S. to balance hydrogen.
S+2H = H;S



(i)

Balance Charges:

Now balance charges the left side has 2 mono-positive charge correspond to
2(+1) = +2. No charges present on right hand siae thus left nand side needs
le

S*ZH'*ZB- —r H._,S

(d) so,* - SO,
(i) Balancing of oxygen:
There are 4 oxygen atoms on the left and 2 oxygen atoms on the right to
balance oxygen add 2H,0 on the right side
50,4 - S0O; + 2H,0
(i)  Balancing of hydrogen:
There are 4 hydrogen atoms on the right and none on the left to balance
hydrogen add 2H on L.H.S.
50;3 +4H" = SO, + 2H;0
(iii) Balance Charge:
There are 4 mono-positive and 1 di-negative charge on the left side
correspond to (-2) + 4(+1) = +2.
Right side has no charge thus left side 2e~
SO;2+4H" +2¢~ — SO, +2H;0
Q.14: Balance the following reactions by ion electron method
(a) SO; + MnO, Mn*? + HSO,
(b) BrO;?*+S0;, —— HSO4 + Br
(c) 2N;0, _— NO; + NO
(d) Sn*?+ Fe*? ——  Sn** + Fe™?
(e) H;0; + MnO,y, —— Mn*? + 0,
() Cr,0,2+CIY ——  Cr +Cl;
(g) 10;* + AsO;? —— I* + AsO,?
(h) H;AsO; + Cr207'2 ~e——— H3A504 + Cr*J
(i) Cu+ NOy —_— Cu*?+ NO
Solution:
(a) SO;+ MnO4 Mn*? + HSO,

Step 1: Split the reaction into two half reactions.
Reduction half reaction:

Mn0;! - Mn"

Oxidation half reaction:

SOz — HSO;I

Step 2: Balance each half reaction separately.
Reduction half reaction:

(i)

Balance Mass:

Mn atoms are aiready balanced.
MnO;* - Mn"™

Add 4H.0 on R H.S. to balance O atoms.
MnO;* = Mn™ +4H;0

Add 8H' on L H S to balance H
MnO;' +8H — Mn'?+4H0



(ii)) Balance Charge:

The totai charge on L H.S is -1+8(+1) = + 7 The total charge on RH.S. is

+2 Thus add + S¢"onL HS

MnO;' +8H +5¢- — Mn™ + 4H,0 )

Oxidation half reaction:
(i) Balance Mass:

S atoms are already balanced.

SO, - HS0;!
Add 4H,0 on L H.S. to balance O atoms.
SO, +4H,0 — HSO,;!
Add 3H" on R H.S. to balance H atoms
SOZ + 2H20 =) HSO;1 + 3H°

(i)  Balance Charge:

The L.H S has no charge The total charge on R.H.S i1s (-1)+3(+1) =+2.

Thus add2¢” on RH.S

SO; +2H,0 — HSO;'+3H" + 2¢" ... (2)
Step 3. Balance the loss and gain of electrons in both half reactions and
add them.
The reduction half-reaction has Se~ while the oxidation half-reaction has 2e~ Thus
multiply Eq. (1) by 2. Eq (2) by 5 and then add the resulting equations.

2MnO; ' +16H" + 10e” — 2Mn’* + 8H,0
580; + 10H,0 — SHSO;'+ 15H" + 10e~

2Mn0;' +16H" +10e "+ 5SO; +10H,0 — 2Mn™* + 8H,0+5HS0; ! +15H" +10e "~

Step 4: Strike out duplication of species on both the sides.
Duplications are 10e ~, 15H" and 8H,0O Cancel this out from both the sides.
2Mn0;*' + H + 580, + 2H.0 — 2Mn™ + 5HS0;!
(b) Br0o;* +S0, —  HSO;' + 8r~
Step 1: Split the reaction into two half reactions.
Reduction half reaction:
Bro;* - Br!
Oxidation half reaction:
SO, —  HSO0;?
Step 2: Balance each half reaction separately.
Reduction half reaction:
(ii) Balance Mass:
Br atoms are already halanced
Bro;- - Br1
Add 3H;0 on R H.S to balance O atoms
Bro;¢ - Br ' +3H,0
Add 6H" on L.H.S. to balance H atoms.
Bro;* + BH" = .Br7' +3H,0
(if) Balance Charge:

The totai charge on L.H.S. is -2+6(+1) = +4. The total charge on R.H.S is -1.
Thus, add S¢~ on L.H.S



Bros* + BH +5¢ -+  Br ! +3H.0
Oxidation half reaction:
(i) Balance Mass:
S atoms are alreacy taancea
SO;- - HSL}"
Add 3H;0 on L H S 1o zalance O atoms
SO, +4H.O0 - HSO:*
Add 3H on R H S to baiance H atoms
SO, + 2H.0 — HSO,! + 3H-
(ii) Balance Charge:
The LH.S has no charge The total charge on RH.S s (-11+3(+1)=+2.
Thus add 2e onRH S
SO, +2H.0 - HSO;? +3H" + Ze~ (2)
Step 3: Balance the loss and gain of electrons in both half reactions and
add them.
The reduction haif-reaction has 5S¢~ while the oxidation naif-reaction has
Z2e” Thus multiply Eq. (1) by 2 Eq (2) by 5 and then add the resulting equations.
2Br0;° + 12H" + 10e” — 2Br~" +6H.0
580, + 10H.O0 — 5HSO,' + 15H" + 10e’

ZBro,t +12H + 10¢ + 550,: + 10H.0 — 2Br '+ 6H,0 + 5SHS0,'+ 15H" + 10¢
Step 4: Strike out duphcatmn of species on both the sides.
Duplications are 10e”.12H" and 6H.O Cancel this out from botn the 5|des
2Br0;¢ + 550, + 4H;0 — 2Br '+ 5HS0,'+ 3H’
(c) 2N;0, —~ NO;' +NO
Step 1: Split the reaction into two half reactions.
Reduction half reaction:
Nqu. el NO
Oxidation half reaction:
N,O. - NO3’
Step2: Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:
Use 2 before NO on R H S to balance N atoms
N-O. — 2ZNO
Add 2H.,0 on R H S to balance O atoms
N-O, -+ 2NT + 2H,0
Add 4H on L H S to balance H
N.O, + 4H™ — ZNO +2H-0
(ii) Balance Charge:
The total charge on L HS 1s 4(+/) = +4 The RH S has no charge Thus, add
4e onLHS
N.O+4H +4¢ — 2NO+2H O (1)




Oxidation half reaction:
(i) Balance Mass:
Use 2 pefore NO,* on R H.S to balance N atoms
N.O; -+ 2NO3’
Add 2H, O on L H S to balance O atoms
N:O: + 2H,0 — 2NO3*
Aad 4H on R H.S. to balance H atoms
N.Og + 2H,O — 2NO;' +4H’
(1) Balance Charge:
The L.H.S. has no charge. The total charge on R. H S. is 2(-1)+4(+1) = +2
Thus, add 2e~ on R.H.S.

204+2H20—’ 2NO§1+4H RO e S (2)
Step3: Balance the loss and gain of electrons in both half reactions and
add them.

The reduction half-reaction has 4¢~ while the oxidation half-reaction has
Ze~ Thus muluply Eq (2) by 2 and then add to Eq. (1)

N.O, +4H" + 4¢~ — 2NO + 2H,0
2N-O; + 4H.O — 4NO7' + 8H' + 4e”

3N-O; r 4H™ + 4H,O + 4¢~ — 2NO + 2H,0 + 4NO3' + 8H" + 4¢-

Step4: Strike out duplication of species on both the sides.

Oupucations are 4¢ ~, 4H" and 2H,0. Cancel this out from both the sides

3N:Oc * 2H20 - 2NO + 4NO§: +4H"

(d) sSn™?+Fe” - Sn™* + Fe*?
Step 1:  Split the reaction into two half reactnons
Reduction half reaction:

Fe™> -  Fe"
Oxidation half reaction:

Sn™? = S
Step2: Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:

Fe atoms are already balanced

Fe* — Fe™

(ii) Balance Charge:

The total charge on L. H.S. 1s +3 The total charge on R H.S is +2. Thus. add
4¢ onLHS

Fe™ +1e” = Fe%.iiwiiismons (1)

Oxidation half reaction:
(i) Balance Mass:

Sn atoms are already balanced.

Sn? - Sn™



(i) Balance Charge:

The total charge on L H.S is +2. The total charge on R H.S is +4 Thus, add
2¢onRHS

SnY = Sn™+ 2 (D

Step 3: Balance the loss and gain of electrons in both half reactions and
add them.

The reduction half-reaction has 1e~ while the oxidation half-reaction has 2e~ Thus
muitiply Eq. (1) by 2 and then add to Eq. (2).
2Fe* +2¢” —  2Fe™?
Sn*? - Sn™ + 2e-

2Fe* +2¢ +Sn"? = 2Fe'? +8Sn™ + 2¢"
Step 4: Strike out duplication of species on both the sides.
Duplications are 4¢~, 4H" and 2H,0. Cancel this out from both the sides.
2Fe”* +Sn® - 2Fe™ + Sn™
(e) H;0; +Mno;! - Mn'* + 0O,
Step 1: Split the reaction into two half reactions.
Reduction half reaction:
MnO;] - Mn'z
Oxidation h3lf reaction:
H20. = O,
Step2: Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:
Mn atoms are already balanced.
Mno;' - Mn™
Add 4H,0 on RH S to balance O atoms
MnO;! —  Mn”+4H,0
Add 8H* on L. H S to balance H
MnO;1+8H* = Mn' +4H,0
(ii) Balance Charge:
The total charge on L H.S is -1+8(+1) = +7. The total charge on R.H.S. is
+2. Thus, add 5S¢~ on L H.S.
© MnO;+8H*+5e” = Mn" +4H,0 .. o (1)
Oxidation half reaction:
(i) Balance Mass:
0 atoms are already balanced.
H;O2 - 02
Add 2/{* on R H S to balance H atoms.
H,0, - O+ 2H*
(ii) Balance Charge: |
The L H S. has no ¢harge. The total charge on RH.S. is 2(+1) = +2 Thus,
add 2¢- onRHS
H,0, = O+ 2H"+ DO iz (2)




Step3: Balance the loss and gain of electrons in both half reactions and
add them.
The reduction half-reaction has 5¢~ while the oxidation half-reaction has
2¢~ Thus multiply Eq (1) by 2 by 5 and then add the resulting equations
2MNO; '+ 1647+ 10e™ — 2Mn™? + 8H,0
5H202 =3 502 + 10H™ +10e”

2MnO, '+ 16H"+ 10e™ + 5H,0, — 2Mn"? + BH,0 + 50, + 10H™ + 10e”
Step 4: Strike out duplication of species on both the sides.
Duplications are 10e~ and 10H™. Cancel these out from both the sides.
2MnO; ! + 6H* + 5H,0, — 2Mn"? + 8H,0 + 50,

() Cr,032 + ¢clI'' - Crt? + CL
Step 1:  Split the reaction into two half reactions.
Reduction half reaction:
Crzo:;‘ — Cr’:‘

Oxidation half reaction:

cr' -
Step2: Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:

Use 2 before Cr'® on R.H.S to balance Cr atoms.

Cr,05¢ -  2Cr*?
Add 7H,O on R H.S. to balance O atoms.
Cr,072 = 2Cr** +7H,0
Add 14H" on L H.S. to balance H atoms
Cr,05%+ 14H" — 2Cr*? + 7H,0

(ii) Balance Charge:

The total charge on L.H.S. is -2+14(+1) = +12. The total chargeon R H.S. is
2(+3) = +6. Thus, add 6e"on L.H.S. y

Cr07%+ 14H"+ 6e~ » 20r** +7H,0 ... (1)

Oxidation half reaction:
(i) Balance Mass:

Use 2 before CI™? ions on R.H.S to balance Cl atoms.

207 o ¢l

(ii) Balance Charge:

The total charge on LH.S. is 2(-1) = -2 The R.H.S. has no charge. Thus,

add 2¢” on R.H S.

Y o Bl ¥ P sz )

Step3: Balance the loss and gain of electrons in both half reactions and
add them.

The reduction half-reaction has 6e~ while the oxidation half-reaction has
2e Thus multiply Eq. (2) by 3 and then add to Eq. (1).



Cr,0;4+ 14H" + 6e~ — 20r*? + 7H,;0
BEEY - 300y + Ze

Cry0-+ 14H" +6CU " + 6¢™ — 2C0r*? + TH,O + 3CL. + 2¢~

Step 4: Strike out duplication of species on both the sides.
Duplications are 6e~ Cancel this out from both the sides
Cr,0,° + 14H+ 3Cl, + 6CI™" = 2Cr™ + 7TH,0 + 3CL,
(g) 103! + As0;® — 1! + As0;°
Stepl: Split the reaction into two half reactions.
Reduction half reaction: 03! = 17
Oxidation half reaction: AsO3® — As0;?
Step2: Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:
| atoms are already balanced.
103! - 17!
Add 3H,0 ocn R H.S. to balance O atoms.
10;) = l-" + 3H20
Add 6H" on R H S. to balance H atoms.
103 +6H" — 171+ 3H0
(ii) Balance Charge:
The total charge on L H.S is -1+6(+1) = +5. The total charge on R H.S.is -1.
Thus, add Se” on L.H.S
07 +B6H" + 6e” — Rl s L £ © e, (1)
Oxidation half reaction:
(i) Balance Mass:
S atoms are already balanced.
AsO;? — AsO;*
Add H,O on L.H S. to balance O atoms.
AsO3% + H,O — As03’
Add 2H® on L H S. to balance H atoms
AsO7* +H,O - AsO,? + 2H’
i ce Charge:
e ?:z‘aatgtal Shargrg on L HS is-3. The total charge on RHS. is-3+2(+1) =-1
Thus. add 2¢ on RH.S.
AsO;* + H,O — AsO7’ +2H" +2e” ... gl ......(i) o them
% : nd gain of electrons in both half reactions and a .
Step3.ThB; li:;f;:::’t‘i;rlwosr:aalf—reﬂatmon has 6e~ while the oxidation half-reaction has
2¢~ Thus multiply Eq. (2) by 3 and then add to Eq. (1).
10,;1 +6H +6e” — 1-! + 3H,0 :
3As0;% + 3H;0 — 3As0" $6H™ +6e”

03+ 6H' + 6e +3As0;3° +3H,0 - 171 + 3H,0+3As0;° + 6H™ + 6e”




Step 4: Strike out duplication of species on both the sides.
Duplications are 6e~ 6H" and 3H,0 Cancel this out from both the sides
10,7 +3Ac0 .Y = 11+ 3A80,°
(h) H;As0; + Cr0:% = H3AsO, + Cr*?
Stepl: Split the reaction into two half reactions.
Reduction half reaction:
. Cr-0-*+ = ¢r*
Oxidation half reaction
HyAsO, —  HyAsO,
Step2: Balance each half reaction separately.
Reduction half reaction:
(1) Balance Mass:
Use 2 before Cr** on R.H.S. to balance Cr atoms.
Cr,03¢ - Cr*?
Add 7H;0 on R.H.S. to balance O atoms.
Cr,052 = Crt3+7H0
Add 14H" on L H S to balance H atoms
Cr,07% + 14H* = 2Cr*3 +7H,0
(ii) Balance Charge:
The total charge on L H S. is -2+14(+1) = +12. The total charge on R H.S. is
2(+3) = +6 Thus, add 6e~ on L. H.S.
Cro05 % #14H" = ZEF Y THYD - osvossunssnion
Oxidation half reaction:
(i) Balance Mass:
As atoms are already balanced
HiAsO; -  H3AsO,
Add 1 H,O on L.H.S. to balance O atoms
HyAs0; +H,0 -  H3As0,
Add 2H" on R.H.S. to balance H.
H;AsO; +H;O —  H3AsO, +2H°
(i) Balance Charge:

The L.H.S. has no charge. The total charge on R.H.S. is +2. Thus, add 2e~
on RH.S.

H3As0; +H,O —  H3As0, +2H" + 2e ... (2)
Step 3: Balance the loss and gain of electrons in both half reactions and
add them.

The reduction half-reaction has 6e~ while the oxidation half-reaction has
2e~ Thus multiply Eq. (2) by 3 and then add to Eq. (1).

Cr,05°+14H' +6e~ — 20r*3+7H,0

3H;As0; +3H,0 —  3H,As0, +6H' + 6e”

Cr,05%+14H +3H,As0; +3H,0 +6e~ — 2Cr*3 + TH,0 +3H;As0, + 6H" +6e~
Step 4: Strike out duplication of species on both the sides.
Duplications are 6e~, 6H" and 3H,0. Cancel this out from both the sides.
Cr,07%+ 8H' +3H3A450; — 2Cr*? + 4H,0 + 3H,As0,



(i) Cu+NO;' = Cu**+NO
Stepl: Split the reaction into two haif reactions,
Reduction half reaction:

NU; i == J .l.'ir{)
Oxidation half reaction:
Cu == (Cu*

Step2. Balance each half reaction separately.
Reduction half reaction:
(i) Balance Mass:
N atoms are already balanced.
NO;! - NO
Add 2H;0 on R H.S. to balance O atoms.
NOg' — NO +2H,0
Add 6H" on L H S to balance H atoms
NO;' +4H" - NO +2H,0
(i)  Balance Charge:
The total charge on LH S is -1+4(+1) = +3. The RH.S has no charge.
Thus, add 5e"on L H.S
NO;'+4H +3e~ = NO+2H,O ... . .. ... ... (1)
Oxidation half reaction
(i) Balance Mass:
Cu atoms are already balanced.
Cu — Cu™
(i)  Balance Charge:
The L.H.S. has no charge. The total charge on R.H.S. is +2. Thus, add 2e"
onRHS
Bl = BE™ P s (2 |
Step3: Balance the loss and gain of electrons in both half reactions and
add them.
The reduction half-reaction has 3e~ while the oxidation half-reaction has
2e~ Thus multiply Eq. (1) by 2, Eq. (2) by 3 and then add the resulting equations.
ZNO;' + BH™ + 6e~ — 2NO + 4H,0
3Cu = Cu"? +6e”

3Cu + 2NO; ' + BH' + 6e — 2NO +4H,0 + 3Cu™® + 6e"
Step 4: Strike out duplication of species on both the sides.
Duplications are 6e~ Cancel this out from both the sides.
2NOy ' + 8H"+ 3Cu — 2NO +4H,0 + Cu™
15. Balance the following equations by oxidation number method
(1) MnO,; +HCI MnCl; + H,0 +Cl;
(ii) HNO; + HI NO + I; + H;0
(iii)y Ag+H,S+0; — Ag,S + H,0
(ivi  Zn + HNO, S Zn(NO;); + NO + H;0
(v) Cu + H;SO.‘ SRS CuSO, + SO; + H;,0
(vi) Br, + NaOH —— NaBr + NaBrO; + H,0




(vii) HI + H2504 _ I, + SO, + H.0
(viii) NaClO; + Clz — NaCl + CIO;
(ix) Na +H,0 — NaOH + H;
Solution:
(i) MnO; +HCI — MnCl; + H;0 +Cl; -
Stepl: Assign oxidation number to all the atoms involved in the equation.
. +4 +2(-2) +1 1 +2 2(1) +2-2 O
Mno;» + HCI = MTIC[: + Hyo + Cl‘:
Step2: Identify the elements undergoing a change in oxidation number
Some Cl atoms change their oxidation state from to -1 in HCI to zero in Ch
This is due to loss of + 1e~ per Cl atom This is oxidation. However, some Cl atoms
retain their oxidation state at -1 in HCl and MnCl, So, write HCI twice on L H.S
HCI + MnO; + HCI - MnC|2 + H;O +Cl;
The Mn atom changes its oxidation state from +4 in MnO; to +2 In MnCl,.
This is due to gain of 2e~ per Mn atom. This s reduction
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.

(+4) (=) -le +2 (O)
MnO, +HCI —— MnCl; +Ch

+2e
Step4: Balance the loss and gain of electrons. Use multipliers as
coefficient for respective substances.
Thus, to balance loss and gain of electrons in this reaction, multiply 1e ™ loss
by 2 and 2¢e~ gain by 1.
Multiply the coefficient of HCI by 2 in order to equalize the number of Cli
atoms for electrons loss.
HCI + MnO; + 2HCI - MnCl; + H,0 +Cl;
These coefficients should not be changed after this.
Step5: Balance the rest of the equation by inspection method.
To balance Cl atoms multiply coefficient of other HCI by 2.
2HCI + MnO; + 2HCI - MnCl; + 2H,0 + Cl,
or MnO; + 4HCI - MnCli; + 2H,0 +Cl,
This is the balanced equation.
(i) HNO; + HI - NO +1; + H;0
Step 1: Assign oxidation number to all the atoms involved in the equation.
+1 +5 3(-2) +141 +2-2 0 2(+1)-2
HNO; +HI =) N0+12+H20
Step2: Identify the elements undergoing a change in oxidation number
The | atom changes its oxidation state from -1 in Hl to zero in 1, This is due
to loss of 1e™ per | atom. This is oxidation.
The N atom changes its oxidation state from +5 in HNO; to +2 in NO This is
due to gain of 3¢~ per N atom. This is reduction.



Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.
+3e” (gain)
§ R ¢ (0)
HNO:+ Hl ——— NO+1I:
¢ : 4

~le (Lose)

-5

+3e”

v -l v

HNQO; + HI ——3 NO+1

3x—-le =-3¢e
Step4: Balance the loss and gain of electrons by multiplying with small
suitable whole numbers. Use these multipliers as coefficient for
respective substances,
Thus, to balance loss and gain cf electrons in this reaction, multiply 3¢ ~ gain by 2
and 2¢” loss by 3.
Multiply the coefficients of HIsby 3 and that of [, by 5 or better to multiply.

il by 6 and I, by 3 in order to equalize the number of / atoms for electron loss
HNO; + 6HI - NO + 3/, + H;0
These coefficients should not be changed after this
Step5: Balance the rest of the equation by inspection method.
To balance oxygen atoms multiply coefficient of HNO; by 2, NO by 2 and H;O by 4.
2HNO; + 6HI - 2NO + 3/, + 4H,0
This 1s the balanced equation
(iii) Ag+H;S+0, - Ag;S+H,0
Stepl: Assign oxidation number to all the atoms involved in the equation.
0 2+1)-2 0 2(+1)-2  2(+1)-2
Ag + H.,S +Oz =9 Ag;S+ Hgo
Step2: Identify the elements undergoing a change in oxidation number
The Ag atom changes its oxidation state from zero in Ag to +1 in Ag,S Th's
is due to ioss of 1~ per Ag atom. This is oxidation.
The O atom changes its oxidation state from zero in O; to -2 1In H:O This 1s
due to gain of 2¢~ per O atom. This is reduction.
Step3: Note a change in oxidation state. Indicate this change by the

number of electrons gained or lost by each element,
Lossof —]e”

Yo o 1Y =&

Ag+0; — AgS + H;0

+2e” (gain)



Stepd: Balance the loss and gain of electrons by multiplying wi_th small
suitable whole numbers. Use these multipliers as coefficient for
respective substances. |

Tty Y O3 SPT GRS gim oo ooimors = g egaction muliply 1o gam
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Ag+0; —— AgS+H0
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Multicly the coefficients of /1y by 4 and that of Ag,S by 2 in order to equalize
the number of Ay atoms for electrons loss
4Ag + H-S+0; — 2Ag:S+H:0
Step5: Balance the rest of the equation by inspection method.
To balance § atoms mul'tiply coefficient of H,S by 2
4Ag 4+ 2H-5+0; -+ 2Ag.S+2H;0
This 15 the balanced eauation
(iv) Zn <« HNO; -~ ZmiHMNO:j; +NO + H;0
Step?: Assign oxidation number to all the atoms involved in the equation.
6 «145302) +2 +5 2(-1) «2.2 2+1):2
Zn+HNO- — ZniNDO-)- + NO + H.0
Step 2: Identify the elements undergoing a change in oxidation number.
The #n atom changes its oxidation state from zero in Znto +2 in Zn(NQ.);
This 1s due to icss of 2¢  per Zn atom. This 1s oxidation )
Some N atoms change their oxidation state from +5 in HNO; to +2 in NO
This is due to gain of 3¢~ per N atom. This is reduction. Some N atoms retain their
oxidation state at +& in HNQ, and Zn{NC ), Thus write HNQO; twice on LH.S
HNO;+ Zn+ HNO:  —=  Zn(NO.); + NO + H,0
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.

+ 3" (gain)

0 i+5 -2 _i +i2
:.7,‘11 +HNO; —o In(NOs); + NO
L t
Lose +7¢”

St?p 4: Balance the loss and gain of electrons by multiplying with small
suitable whole numbers. Use these multipliers as coefficient for
respective substances,

Thus. to balance icss and gain of electrons in this reaction, multiply 3¢
gain by 2 and ¢ loss by 3.



+3e x2=06e
o ¢*5 +2 o2
Zn+HNO; ——— Zn(NO;), + NO

t
+2e” (gain)

Multiply the coefficients of Zn and that of Zn(NO,); by 3.
Muiltiply coefficients of HNO; and NO by 2
HNO'j + 3Zn + 2HNO;\ - 3Z“(NO3); + 2NO + H;0
Step5: Balance the rest of the equation by inspection method.
Balance equation in the following step-wise manner
To balance nitrogen atoms multiply coefficient of other HNO, by 6
To balance oxygen atoms multiply coefficient of H,O by 4
BHNO; + 3Zn + 2HNO; — 3Zn(NOs); + 2NO + 4H,;0
or 3Zn + 8HNO, -  3Zn(NO;), + 2NO + 4H;0
This is the balanced equation
(V) Cu + H,S0; —+ CuSO; + SO; + H;0

Stepl: Assign oxidation number to all the atoms involved in the equation.
0 2(+1)+6 4{-2) 2 +54(-2y +42(-2} 2(+1)-2

Cu + H'_:SO4 - CuS O, +80; + H,0
Step 2: Identify the elements undergoing a change in oxidation number.

The Cu atom changes its oxidation state from zero in Cu to +2 in CuSQ.
This is due to loss of 2~ per Cu atom. This is oxidation.

Some § atom changes its oxidation state from +6 in H,SO, to +4 in SO,. This
is due to gain of 2e per S atom. This is reduction. Some S atoms retain their
oxidation state at +6 in H,SO, and CuSQ.. Thus write H,SO, twice on L.H.S.

. H,SO, + Cu + H.SO, — CuSO, + SO, + H;0
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.
ain + 2¢”
0 +6 +2 +4
Cu+H;SOy ~—— CuSO4+S

(lost) =2¢”

Step4: Since, loss and gain of electrons is equal, therefore, balance the
rest of the equation by inspection method.

To balance O atoms multiply coefficient of H,O by 2.

H;SO4 +Cu + H2804 - CU804 + SO: + 2H20

or Cu + 2HgSO¢ - CuSQO, + SO:"'ZH;O

This is the balanced equation.
(Vi) Br; + NaOH - NaBr + NaBrO; + H;0

Stepl: Assign oxidation number to all the atoms involved in the equation.
0 +1 -2 +1 +1 1 +1 +5 3(-2) 2(+1)-2

Br, + NaOH - NaBr + NaBrO; + H;0
Step 2: Identify the elements undergoing a change in oxidation number.
Some Br atoms change their oxidation state from zero in Br; to +5 in
NaBrO,. This is due to lo'ss of S5e ™ per Br atom. This 1s oxidation



Some Br atoms change their oxidation state from zero in Br; to -1 in NaBr.

This 1s due to gain of 1e™ per Br atom This is reduction So, wnte Br; twice on
LLH.S.

Br, + Br, + NaOH — NaBr + NaBrO; + H;0
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.

(gain) +1e”
0 Jo e (+1-1) (+1X+5X—6) (2A+1)-2)
Br + Br + NaOH ——— NaBr + NaBrO; + H,O

Lost -5¢
Step4: Balance the loss and gain of electrons by multiplying with small
suitable whole numbers. Use these multipliers as coefficient for
respective substances.

Thus, to balance loss and gain of electrons in this reaction, multiply 2e ™ gain
by 5 and 10e~ loss by 1.

+ e x §5=+5¢"
0 ‘o +5
Br + Br + NaOH ———— NaBr + NaBrO; + H,0

t
-5e”

Multiply the coefficients of Br, with 5 and that of NaBr with 10 in order to
equalize the number Br atoms for electron gain.
Br, + 5Br; + NaOH — 10NaBr + NaBrO; + H;0
These coefficients should not be changed after this.
Step5: Balance the rest of the equation by inspection method.
Balance equation in the following step-wise manner
To balance Br atoms multiply coefficient of NaBrO; by 2.
To balance sodium atoms multiply coefficient of NaOH by 12
To balance oxygen atoms multiply coefficient of H,O by 6.
Br, + 5Br; + 12NaOH - 10NaBr + 2NaBrO, + 6H;0
or 6Br, + 12NaOH - 10NaBr + 2NaBrO; + 6H,0
or divide by 2, 3Br; + 6NaOH — 5NaBr + NaBrO; + 3H,0
This is the balanced equation.
(vii) HI + H,SO, - I, +S0O; + H,0

Stepl: Assign oxidation number to all the atoms involved in the equation.
+1-1 2(+1)+6 4(-2) 0 +42(-2) 2(+1)-2

HI + H;SO, — I+ SO; +H,0

Step 2: Identify the elements undergoing a change in oxidation number.

The | atom changes its oxidation state from -1 in Hi to zero in I;. This is due
to loss of 1e™ per | atom. This is oxidation.

The S atom changes its oxidation state from +6 in H,SO, to +4 in SO,. This
is due to gain of 2e~ per S atom. This is reduction.
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.




{lust\_-_]e'
v I
HI*H;‘S(L —— Y + SO,
4
J

Lami - e
Step4: Balance the loss and gain of electror.s by multiplying with small

suitablg whole numbers. Use these multipliers as coefficient for
respective substances.

Thus. to balance loss and gain of electrons in this reaction multply 3¢ gain
by 1 and 1e¢” loss by 2

(lost) —le x 2 ==2¢"

‘-1 0 4

HI+ H;SOy — 1, + S0,

(gain) +2e”
Multiply the coefficient of Hi by 2 so that number of / atoms remains equal
for electron loss
2Hl + H-SO, —~ !. + SO- +H.0O
These coe‘f'cients shouid not be changed after this
Step 5: Balance the rest of the equation by inspection method.
To balance oxygen atoms multiply coefficient of H.O by 2
2HI + H,SOq . I. + SO; +2ZH,0
This 1s the balanced equation.

(viii) NaClO; + Cl; — NaCl + Clo,

Stepl: Assign oxidation number to all the atoms involved in the equation.
+1+3 2(-2) 0 +1 1 +4 2(-2) v

NaClO, + Cl, - NaCl + CIO;
Step2: Identify the elements undergoing a change in oxidation number.
The CI atom changes its oxidation state from +3 in NaCIlO, to +4 in CIO,.
This 1s due to loss of 1~ per Cl atom This is oxidation
The Cl atom changes its ox dation state from zero mn Ci: to -1 in NaCl This is
due to gain of 1¢~ per C! atom. This 1s reduction
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.
(lose) —l¢
3¢ O (- g
NaClO, + Cl; —— N}Cl + ClO;
Gain+]e
Step 4: Balance the loss and gain of electrons by multiplying with small
suitable whole numbers. Use these multipliers as coefficient for

respective substances. |
Thus to balance loss and gam of electrons in this reaction. multiply 2¢™ gain

by 1and le” loss by 2 .




Multiply the ccefticients of NaClO, ana tnae of CiO; by 2. so that number of
Cl atoms remains equat for eleciron i0ss
2NaClo; + Cl. = NaCli + 2CIO-
These coeffic.ents sncula not pe changed after this
Step 5: Balance the rest of the equation by inspection method.
To palance sodium atoms multiply coefficient of NaCl by 2
2NaClO: +Ci, - 2NaCi + zCIC,
This is the balanced equation
(ix) Na +H,0 - NaOH +H; .
Step 1: Assign oxidation number to all the atoms involved in the equation.
0 2(+1)-2 +1.-2+1 0
Na + HQO =) NaOH + H;
Step 2: Identify the elements undergoing a change in oxidation number.
The N« atom changes its oxidation state from zero in Na to +1 in NaOH.
This 1S due to loss of 1¢~ per Na atom This 1S exidation
The H atom changes its oxidation state from +2 in H;O to zero in H;. This is
due to gain of 1¢~ per if atom This 1s reduction
Step3: Note a change in oxidation state. Indicate this change by the
number of electrons gained or lost by each element.
(gain) +le

Wy X-1x-2) (rin=20~1 ()
Na ~H.O ————— NuOH + Hj
t $
tlose) =le
Step 4: Balance the loss and gain of electrons by multiplying with small
suitable whole numbers. Use these multipliers as coefficient for
respective substances.
Thus to balance loss and gain of eiectrons n this reaction, multiply 2¢” gain
by 1 and 1¢ loss by 2
Multiply the coefficients of Na and that of NaOH by 2, so that number of Na
atoms equalize for electron loss
Multiply coefficients of HNO, and NO by 2.
2Na + H.O — 2NaOH +H,
These coefficients should not be changed after this
Step 5: Balance the rest of the equation by Inspection method.
To balance oxygen atoms multiply coefficient of H,0 by 2
2Na + 2H.O — 2NaQOH + H.
Thus is the balancec 2quation
16. A dead lead storage hattery has 5g of PbSO, deposited on each of
its anodes.It is connectad to a charger that supplies 0.12 ampere of
current at a voltage of 13V. To which electrode, Pb or PbO, should
the anode of charger be connected? Write the half reaction
occuring at this electrode during charging?




Ans: Recharging a dead lead storage battery:

B Battery can be recharged by connecting its anode to the negative terminal of
direct current and the cathode to the positive terminal of the direct current

u Reverse chemical reactions occur at anode and cathode of the battery

ii. Thus deposition of Pb on anode and PbQ; on cathode takes place In this
way we can recharge the battery.

Redox reactions during recharging:

The reactions of recharging of battery are as follows
At cathode:

PbSQ.s, +2 8 _— Pb (s + 50;* (aa)
At anode:

Pb504<s_. *’2H20(n —_— PbOz,s, + S‘(),.‘ {aq) + 4H'(aq1 +26é

Net reaction: 2PbSO, s, + 2H;0,y —— Pb (g, + PbOys; + 4H" 1aq) #2504 ae;
After recharging H,SQ, solution is concentrated again bringing density to its

initial value of 1.25gem ~*

17. Calculate the mass of Cu and O, produced by the electrolysis of
CuSO, solution on passing 5.0 amperes of current for 2 hrs. What
would be the volume of O, at S.T.P. Following reactions occurs at the

electrodes.
At An0de 2"20(“ — 02(9) + 4"(30)* + 4e
At Cathode Cugq '’ + 28" —— Cugs)
(Ans: 0.1865g,2.089dm’)
Solution:
Calculation of total charge passed:
Time =2hours=2x60x60=7200s
Current =5A
As we know that
€ Charge
Current = Timc’:s)
So Charge = Current x Time (s)
= 5Ax7200s
= 38000C
As
g6500 C = 1F
36000C = = % 36000C = 03731 F

In the electrolysns of molten bauxite, the cathode reaction is
CU 15) + 2 - CU 1Sy
It shows that for every 2 moles of electrons, 1 mole of Cu is produced

1 F = 1 mole of electron.
2F = 2moles of electrons = 1 moie of Cu.
Thus ,

2 F charge produces Cu 1 mole
L 3731 F charge produces Cu = - x 03731
O 1866 moles



Atomic mass of Cu = 63.5g mole™

So
1moleofCu = 635¢g
0.1866 moles of Cu = 63.5 x 0.1866
= 118499

The reaction at anode is oxidation of 0% ions.
2H,0, = Oy +4H fag *4€°
it shows that for every 4 moles of electrons, 1 mole of O; is produced.
1F =1 mole of electron
4 F = 4 moles of electrons = 1 mole of O,
Thus ,
4 F electricity produce O, = 1 mole
0.3731 F of electricity produce O = ; x 0.3731

0.0933 moles of O,

Molecular mass of O, 32 g mole™
Hence
Tmoleof O, = 32¢g
0.0933 moles of Cu = 32 x 00933
= 2986g
Thus ,atS TP
1moleofQ; = 22414dm’
00933 moles of O, = 0.0933 x 22 414 dm’
= 2.091dm’

18. If a chromium steel bicycle handlebar is scratched, exposing steel,
will chromium or steel corrode?
Ans: Chromium is ranked higher in activity series than iron (steelis a alloy of iron)
so it has more activity than iron and it will react more radially with atospheric oxygen
hence the chromium will corrode. Thus if a chromium steel bicycle handlebar is
scratched, exposing steel, will chromium will corrode instead of steel .
19. Use the activity series of metals to predict the products of
following single replacement reactions. Give reason.
i) Cu(s) + HClI(aq) ——
ii) Fe,0s(s) + Hx(g) ——
iii) Mg(s) +CrCly(s) ——
iv)  NiO(s) + Hy(g) e
v) Cd(s) + CuSO,(aq) ——
Ans: In active series a metal which is ranked higher can displace low.ranked
metal from its aqueous solution.
() Cuy+HC Gy ——
Cu is ranked lower in activity series than hydrogen. Thus, it will not displace
hydrogen from HCI.

(i) Fe;0yy + Hyy ——

The hydrogen is ranked below Fe in activity series, hence it car,not cisplace
Fe.



2Fe:0.; + 3H., ——— Noreaction

(iii) Mg, + CrCly,, -
My 1s ranked higher than {r in actvity sefes tnus ¢ 2ar aispace o+ Thus
\nis react,on will occur
M 3Mgs, + 2CrCl,,, —— 3MgC: +2Cr
(iv) NiO,, + Hyy,, ———
The hydrogen is ranked below A in achwvily senes inus 1 cannotl aissiace Mi
NIQ o+ Hay, —  No Reaction
(v) cu{sl + cusoﬂ[aq} et
The Cd is ranked above Cu in activity series, hence It wil dispiace Cu. Thus,
this reaction will occur.
Cd 4 + CuSO; 4 CaS0, + Cu
20.  Justify that photosynthesis in plants is a redox reaction.
GC'D] + 6]"!10 S Sl —ngH;;Oﬁ. + 6':03
Solution:

Assigning oxidation numbers:

4 -2 2iv1) -2 BI0IT2 #1612 0
chlurovphyll
6C0, + 6H,0 — C,H;0, + 60;

(i) Oxidation.

The 0 atom changes its oxidation state from -2 to zero in O. This is due to
loss of electrons Hence it 1s oxidation

(ii) Reduction.

The ( atom changes :1s oxidation state from +4 to zero in C.H.-O, This s
aue to gain of eiectrons Hence this is reduction

Conclusion:

As oxidation and reduction occur in photosynthesis therefore 1t 1s a redox
reaction ,

21. Metal A can displace metal B from its aqueous solution, metal B can
displace metal D from its aqueous solution, but it cannot displace
metal C from its aqueous solution. Metal C can displace metal A
from its aqueous solution. Metals B and D can be displaced from
their aqueous solution by hydrogen. Arrange these metals and
hydrogen in order of decreasing activity.

Solution:
information:

Given
il

Hi.

Metal A can displace metal B from its agueous solulton It means tnat metal

A s more active than metal B
Mztal A > Metal B

Metal B can displace metal D from its aqueous scluuon It means that metal

B 1s more active than metal D
Metal A > Metal B > Metal D

Metal C can displace metal A from its agqueous solution It means that metai

C 1s more active than metal A
Metal C > Metal A > Metal B > Metal D



Iv. Metai B and D can be displaced by hydrogen from their agueous solution
Tr.us, it means that metal B and D are les active than hydrogen

Conclusion:

A range tnese metais and nydrogen in order of decreasing activity

Metal C > Metal A > Hydrogen > Metal B > Metal D

22. Differences in the standard potentials of electrodes A and B, B and
C are 1.5V and 3.0V respectively.

a) Calculate the cell potential of the working cell between A and C.

b) Identify cathode in this cell.

Solution:

(a) Calculate the cell potential of the working cell between A and C.

Given that

Ef — E) =150V oniviim (1)

ES— EY =30V .../

For the ca!culate the cell potential of the working cell between A and C we have to

Subtract equation (1) from eguation (i)

(Ey — Ef) — (Eg — E3) =3.0-1.50
Ej, — Ef —E% + E4q =150V
EY— EY=1.50V

(b) Identify cathode in this cell.

Efy=150V+ E;

As the standard electrode potentioal of A is greater than B therefore A will
act as catnode and B will act as anode.

23. Standard electorde potentials of three electrodes are in the
following order, .

By B 1l U
.o, <E

Identify anode in the working cell, when (a) Electrodes A and C are

joined in series. (b) Electrodes B and C are joined in series (c)

Electrodes A and B are joined in series.

Ans: The emf measured when a metal/metal ion electrodeis coupled to a
hydrogen electrode under standard conditinns is known as the standard
electrode potential of that metal / metal ion combination

Condition:

As EY > Ejy < E}

Principle:

Tre electrode which has nhigher standard electrode potential will act as
cathode and the electrode which has lower standard electrode potential will act as
anode

The above eguation indicates that standard clectrode potential of electrode
B 1s less than that of both A and C electrodes
(a) Electrodes A and C are joined in series.

As no nformation is provided about the electrode potential of electrode A

and C relative to one another Therefore, we cannot identify anode in this
case



(b) Electrodes B and C are joined in series.
When Electrodes B and C are joined in series electrode B will act as anode

and electrode C will act as cathode. We conclude this with the help of
following relation.

Since, E} < E}
Therefore,
(c) Electrodes A and B are Joined in series.
As we know that
ES > EY
Thus, when electrodes A and B are joined in series electrode B will act as
anode and electrode A will act as cathode because the electrode which has
higher standard electrode potential will act as cathode and the€ electrode
which has lower standard electrode potential will act as anode.
24, Evaluate the importance of standard reduction potentials.
Ans: i. A reduction potential measures the tendency of a molecule to be reduced
by taking up new electrons,
il. The standard reduction potential is the reduction potential of a molecule under
specific, standard conditions.
iii. Standard reduction potentials can be useful in determining the directionality of a
reaction



