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Student Learning Outcomes

After studying this chapter, students will be able to:
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Define the terms redox, oxidation, reduction, and disproportionation (in terms of electron transfer
and changes in oxidation number). (Knowledge)

Apply the concept of oxidation numbers in identifying oxidation and reduction reactions. (Application)
Identify the oxidizing and reducing agents in a redox reaction. (Knowledge)

Describe the role of oxidizing and reducing agents in the redox reaction. (Understanding)

Apply the concept of changes in oxidation numbers to balance chemical equations. (Application)
Explain how electrolytic cells convert electrical energy to chemical-e ne@xidation at the
anode and reduction at the cathode. (Understandin g) E@ o

Predict the identities of substances liberatedQurin
position in the redox series, and concentra %0
Apply the relationship bet m:s: p
electron to solve prob : ation
Calculate th charge passed during electrolysis and the mass or volume of substance
liberated dur lectrolysis. (Application)

Deduce the Avogadro constant by an electrolytic method. (Application)

Define the terms standard electrode potential and standard cell potential. (Knowledge)

Describe the standard hydrogen electrode (SHE) and methods used to measure standard electrode
potentials. (Understanding)

Calculate the standard cell potentials by combining the potentials of two standard electrodes and
then use these to predict the feasibility of a reaction and the direction of electron flow in a simple
cell. (Application)

Deduce the relative reactivity of elements compounds, and ions as oxidizing agents or reducing
agents from their electrode potential values. (Application)

Construct redox equations using relevant half-equations. (Application)

Explain how voltaic (galvanic) cells convert energy from spontaneous, exothermic chemical processes to
electrical energy, with oxidation at the anode and reduction at the cathode. (Understanding)

Explain how voltaic cells convert chemical energy from redox reacti s@ jcal energy using
Cu—Zn galvanic cell as an example. (Understandi %&o

Explain how electrode potentials vary @o queous ions and use the Nernst
equation to predict this quanti

ht
ative A\ der
Explain the concept of the ‘\m of*metals and how it relates to the ease of oxidation.

hased on the state of the electrolyte,

nstant, Avogadro constant, and the charge on the

(Understanding)
Deduce the feasi 6X reactions from activity series or reaction data. (Understanding)
Explain the merits of photovoltaic cells as sustainable ways of meeting energy demands by making

reference to the photovoltaic principle. (Understanding)
Explain the use of the Winkler Method to measure biochemical oxygen demand (BOD) and its use as
a measure of water pollution. (Understanding)
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energy into chemical energy and chemical energy mt&el

The branch of chemistry which deals with inter conversnon of electric rgy i.e., electrical
tz ochemistry.

OXIDATIOI{%?\W%@

REDOX REACTIONS

sof electron or electrons.
Fe'?yfe®
s v

Oxidation is a process i

Here Fe™
Reduction is a process involving gain of electron or electrons.

€ +e e’
Cutt 520 el
In these examples, C/° and Cu™

and Zn° have lost electrons, therefore they are oxidized.

have gained electrons; therefore, they

l’;?:l interesting Information!

Photosynthesis is a redox reaction which
provides food for the entire planet, and
another one is respiration that keeps
you alive, both are redox reactions.

Rack Your Mind!

1. Calculate the oxidation number of Cr

are reduced. in K2CrO,.
Differences between Oxidation and Reduction:
Sr. No. Oxidation o Reduction
1. The addition of oxygen in a specie is called | The removal electronegativity
oxidation. called reduction.
e.g., S+0,—>S0, “@Q
e40,25c0 m Zn0+C—>Zn+CO
“ Cu0O+C——>Cu+CO
2FeCl, +H, —>2FeCl, + 2HC/
In these examples, oxygen is added to S, C and CO.
2. The removal of hydrogen is also called oxidation. | The addition of hydrogen to a specie is called
e.g., ‘ | reduction. e.g.,
H,S+Cl, —>2HCL +S H,S+Br, —>2HBr+$
CH, +20, —>C0, +2H,0 Here bromine gets reduced as it gains
So, H3S and CH, are oxidized. hydrogen to form HBr.
R,C=CH, +H, —>H,C—CH,
3. Loss of electron/s and hence decrease in oxidation | Gain of electrons and hence decrease in
number is called oxidation. e.g., oxidation number is called reduction. e.g.,
ZIn——>Zn’** +2e” Zn 26 @
2+
Here Zn is oxidized to form Zn ions. ﬂw CI o-form Zn.
4. In electrochemical cells, oxndatlon lik& /ﬂ\eke\e}r&dhemucal cells, reduction takes place
anode. (('\\/(\\V at cathode.
» Redox Reactions UU =
“Those reacti one species (atom, ion or molecule) is

oxidized while other is reduced are called redox reactions”.
There are two ways of finding out whether or not a substance has

been oxidized or reduced during a chemical reaction:
Electron transfer
Changes in oxidation number

Oxidation Numbes rules can be
applied to any compound, whether
ionic or covalent species.




AV
IDATION NUMBER AND ITS SI ANCE
oX ON mgma L C

)
Definition | UL )
"An oxidation number is a number g ORI a compound that shows us its degree of oxidation.”
E \ Or

"It is the apparent om (per atom) of an element in a molecule or an ion."
e The oxidat rs are also called oxidation states.

. e Oxidation numbers can be positive, negative or zero. The + or — sign must always be included.
* Higher positive oxidation numbers mean that an atom or ion is more oxidized.
* Higher negative oxidation numbers mean that an atom or ion is more reduced.
< Oxidation Number Rules
== 2aton NUmber Kuies
The oxidation number of any atom or ion can be deduced by using

oxidation number rules. It is important to note that an oxidation Rack Your Mind!
.number refers Fo a single atom in a compour.ld. ' 25 ob celhakin v i
I. The oxidation number of any uncombined element is zero. For of an element in a chemical
example, the oxidation number of each atom in Sg.H,,Cl,,Na,Mg species lose electrons and
and Zn is zero. METeate ek
3 i 2 (a) Oxidation state
In either a compound or an ion, the more electronegative element (b) Ele

is given the negative oxidation number. In HF, fluorine has - Ca( s
o

egative charges

oxidation number. :
ii. In compounds, many atoms or ions have fi
group 1 alkali metals are al& earth elements are always +2, group 17 halogens
n

is +1 (except in metal hydrides, such as NaH, where it is

+
in binary compounds are al ﬁ@
-1), oxygenw es, where it is—1, and in KO, where it is +2).

iv. The oxidati of an element in a mono-atomic ion is always the same as the charge on the ion, -

for example, C¢™ is —1,A¢%* is +3.

The sum of the oxidation numbers in a compound is zero. In neutral molecules, the algebraic sum of

the oxidation numbers of all the elements is zero. e.g., In HCL (+1-1=0), NaCl (+1-1= 0).

vi. In polyatomic ions, the algebraic sum of oxidation number equals the charge on the ion. e.g.,
NH;, CO;? and SO;2. —

vii. For transition metals and many non-metals, Ox. No. cannot be fixed as they show variable Ox states.
Therefore, there Ox. Nos. are always determined by calculations.

While applying the oxidation number rules in the following examples, 'Ox. No.' as an abbreviation for

oxidation number is used. '

® Hydrogen shows —1 oxidation state with all metals.
Hydrogen shows +1 oxidation state with all non-metals.

Oxygen shows negative oxidation state with all metals, @m
Oxygen shows negative oxidation state wit @@a uorine.
Oxygen shows -2, —1 de —@g in-HQa, Qg ; 2 Feéspectively.

Finding Oxidation Numbe mpound or a Radical

The oxidation number or state& an element present in a compound or a radical can be
determined by makin e-mentioned rules.

»  Compounds of tal with a Non-metal
A metal always has the positive Ox. No. and nonmetals have the negative Ox. State. For example, in
sodium sulfide, Na,S:

i
£

L)

2(+1)+S =0
+2+S =0
S ==2

[ —— T "-*w)"'wd‘"‘.‘"‘ww"‘f >
® o o o
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Compounds of a Non-metal with a Non-metal

In compounds containing two different don 2 %he Ox. No. depends on the
electronegativity of each atom. The @ﬁ erment/is given the negative sign.
e

Sample Problem 10.1 O m
f

Find the oxidation No. of S j u , SO
Ow@‘m atom = -2
For two oxygenatoms =2 x (-2) = —4

SO, has no charge, so the total Ox. No. is zero. So,

nitrate ion, NO;.

Sample Problem 10.2

Calculate the oxidation number (Ox. No.) of Sulphur in SO?,‘.

, =
Solution: o @O@ number of Sulphur is:
[Ox. No. of S] + 4[Ox. No. of 0] = =2 K“@® (a)-8

S+2(-2) = 0
S-4 =0
S= +4

Ox. No.ofS=+4

Compound lons

Compound ions are ions with two or more different atoms. Examples are the sulfate ion, SOﬁ‘ , and the

()6

S+
Thus, the oﬁd{&w& phurin SO~ is +6. -
: QUICK CHECK 10.1 _

Define oxidation and reduction in terms of electron transfer with examples.

. Oxidation: The loss of electrons by a substance.

Example:
Na—> Na* +e”

Sodium loses one electron — oxidation.
Reduction: The gain of electrons by a substance.
Example:

Cl+ 2e— 2¢t”
Chlorine gains electrons — reduction. :
Define oxidation and reduction in terms of change in oxidation number with examples.

. Oxidation: Increase in oxidation number.

Example:

' : Fe;—> Fe, + €7 @o@©
Oxidation number increases from +2 to —?&' :

Reduction: Decrease in oxid@:i

Example:

OXX CL-———S9Ct
Oxidation n reases from 0 to -1 — reduction.
Determine Ox:'No. of:

Oxygen (N) in Na,0

. Oxygen (0) in Na,O

Let oxidation number of oxygen = x
Na=+1
2(+1)+x=0 =2+x=0 D x=-2 >2(+1)+x=0 =2+x=0 > x==2



-

'I,;s;a);ra"“““'f'—'-‘*'f"*-'a()—@@\m’* '''''''

| Ans. lodine (1) in ICL, ‘A O @@@y :
1 Let lodine = x, Chlorine = =1 : ;

iii) Nitrogen (N)in NO2- OXX :

Ans. Nitrogen (N) inw , :

Ans. Chromium (Cr) in K.Cr,0,

. x+3(-1)=0 =x-3=0

LetN=x,0==-2 :
x+3(-2) = -1 S x6=-1 Dx=45x+3(-2)=~1 = x-6=-1 =x=45
Chromium (Cr) in K,Cr,0, '

K=+1,0=-2,Cr=x -

2(+1)+2(x)+7(-2) =0 = 2+2x-14=0 =22x=12 . Sx=+62(+1)+2(x) +7(-2)=0
=2+2x-14=0 = 2x=12 =S x=+6 :
Manganese (Mn) in KMnO,.

lution:

(Ox. No. of K) + (Ox. No. of Mn) + 4(Ox. No.of 0) =0
: +1+Mn+4(=2) =

(+1)+Mn-8 = o W@o@
or : Mn = +7
Thus, the oxidation number (OK) i ; ¢

OPORTIONATION REACTION

>

Disproportionation Reaction

A chemical reaction where a single sdbstance (a species i.e. molecule, atom or ion) acts as both the
oxidizing and reducing agent, resulting in two different products with different oxidation states. :
This type of reaction involves the simultaneous oxidation and reduction of the same element.

Example 1:

The decomposition of hydrogen peroxide (H,0,) to form water (H,0) ' .
, N : _ _ : Rack Your Mind!
and oxygen (0,) isa dlsproportlonatlon reaction: 1 4 What o e ESTEEE U
2H,0,—>H,0;'+03 : | anexample.

Oxidation number of oxygen in H,0, =-1
Oxidation number of oxygen in H,0 =—2 (Oxygen is reduced from — tr I) @

Oxidation number of oxygen in 0, =0 (Oxygen is ox d 24 @
Example 2:
_ 6NaOH,. ) m aCE +NaC£’ 3( aq) T3H,0

Oxudatlon numbe a oms in Cl, =
Oxidation number of chlorine in NaCL = -1 (Cl. is reduced from 0 to —1)
Oxidation number of chlorine in NaCLO; = +5 CLis (oxidized from 0 to +5) .-

Important: Dlsproportlonatlon reactions can occur where ions or molecules can exist in multiple oxidation
states in a reaction.



OXIDIZING AGENT (OXIDANT) AND REDUC&&?S@@S%E&UCTANT)
P r\/\ (\ 1\ 9.0
Oxidizing Agent ﬁﬂ( \\/)U S Reducing Agent

An oxidizing agent (atom, ion I )\Mt\ A reducing agent (atom, ion or molecule) is that

substance which oxidizes tance, and | substance which reduces some other substance, and
is itself reduced Wﬁ%mgﬁon state by gaining | is itself oxidized to a higher oxidation state by losing
one or more elect - | one or more electrons.

If an element ‘M gains one or more electrons and is | If an element M loses one electron and is converted
converted into M~ anion, the element M is said to be | to M"* cation, the element M is said to be acting as a

acting as ‘an oxidizing agent, since it withdraws an | reducing agent, since it is providing electrons, it gets
electron from the other atom, in this process higher oxidation state. Thus,

oxidation number of M has decreased that is: For reducing agent :
For oxidizing agent : ; N M—osM" +e”
Niker e [Ox. No. = 0] [Ox. No. =-1]
[Ox. No. = 0) [Ox. No. =—1] (Lower Oxidation State) (Higher Oxidation State)
(Higher Oxidation State) (Lower Oxidation State) | For example, :
For example, ; ' Na——>Na" +e

a) Identify the oxidized species-and r % ‘q. s g equation. Also identify the oxidizing

and reducing agents on th

Fezos(s) < CO(E —>F g

>
i
9

1. Assign Oxidation Numbers (O.N.):
» CHaHis+1.50,0.N.of C+4(+1)=0= O.N.of C=-4.
. 02 O.N.of O = 0 {(elemental form).

e
1 1
| I
1 1
| I
1 1
I |
1 Ans. i
| 1. Assign Oxidation Numbers (O.N.): |
! © = Fe05:0is—2.50, 2(0.N. of Fe) + 3(=2) =0 = 2(O.N.of Fe) =+6 => O.N. of Fe = +3. .
! = C0:0is-2.50,0.N.of C+(—-2)=0=>0.N.of C=+2. !
| = Fe: O.N. of Fe = 0 (elemental form). |
1 * (CO;:0is-2.50,0.N.of C+2(-2)=0=0.N.of C=+4. 1
| 2. Identify Changes in O.N.: |
. = Fe: O.N. changes from +3 in Fe;03 to 0 in Fe. (Decrease in O.N.) :
I = C: O.N. changes from +2 in CO to +4 in CO,.-(Increase in O.N.) I
! A 3 : : 1
| ®=  0:0.N. remains -2 throughout. _ : |
g 3. ldentlfy Oxidized and Reduced Species: i
| - = Reduced Species: Fe in Fe;03 is reduced (its O.N. decreases from +3 to 0). So, Fe,0; is the |
! species containing the element that is reduced. 1
| = Oxidized Species: C in CO is oxidized (its O.N. increases fro IS the species I
: containing the element that is oxidized. %i @ :
! 4. Identify Oxidizing and Reducmg Age @ !
| = Oxidizing Agent: T : ies z n and gets reduced itself. Fe,03 gets reduced. I
1 So, Fe;0; is the oxidizing ag ' 1
| =  Reducin g ecies that causes reduction and gets oxidized itself. CO gets oxndlzed So, |
) L ing agent. !
i CHyy +20y,) = €Oy ) +2H,0), |
I I
] ]
I |
1 ]
I i
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| . ® €02 0is-2.50, O.N. of C+2(-2)=0= O.N. of C = +4. @ @ Ly |
: * H0:His+1,0is-2.O.N. of O = =2, oh @W . :
! 2. ldentify Changesin O.N.: @@ !
| * C:0.N. changes from = : % rease in O.N.) {
" ® 0:0.N.changes from 0 ih O inCO; and H,0. (Decrease in O.N.) 1
|

1

* H:O.N. remaj LILIRSE bt !
3. Identify O educed Species: , :
* Oxidized Species: C in CH, is oxidized (its O.N. increases from —4 to +4). So, CHs is the species

containing the element that is oxidized.

* Reduced Species: 0in 0, is reduced (its O.N. decreases from 0 to =2). So, O is the species that
is reduced. : ;
‘4. Identify Oxidizing and Reducing Agents (on reactant side): 1
* Oxidizing Agent: The species that causes oxidation and gets reduced itself. 0, gets reduced. So,:: |
02 is the oxidizing agent. : i
* Reducing Agent: The species that causes reduction and gets oxidized itself. CH, gets oxidized. !
S0, CHa is the reducing agent. : G v |
b)  Identify the species in the following reaction which undergoes both oxidation and reduction.
i. 2NaO0y) + 2H,0() —» 4NaOHaq) + Oy : : ;
Ans. : :
1. Identify oxidation states:

|
1
|
]
|
1
|
1
|
1
|
1
|
1
| .
; :
| } | @O@C@G@
| ® In NaO; (Sodium superoxide) : e @ ‘ e
; * Naisalways +1 ;
| * Let the oxidation state @} \ ' : : :
; " So:+1+2x=0 ‘-,- '
O %
1
| Each oxygew}\lpz@W
!
|
1
|
1
|
1
|
i
|
1

i

|}
I
]
I
]
|
]
I

® In NaOH: ; 1
0is—2 _ I

* In 0, (oxygen gas) !
0is0 !

2. What happening to oxygen I
®" InNaO;: . 1
Oxygen starts at —1/2 |
Products: :

* Some oxygen atoms become —2 in NaOH —> reduction FEO A !

* Some become 0 in 0, gas — oxidation : I
The species that undergoes both oxidation and reduction is: 1
The superoxide ion (0;7) in NaO, |

It disproportionate: ' i

]

I

]

I

1

I

1

I

1

|

]

|

a Part of it is oxidaized to 0:(0) S ‘ W@O 4
L _Part of it is reduced to OH- {via N ‘ 2) ;
fi. Py +30H, +3H,0,, __;pus% b
AnS. (e ‘ 3 !

1. Assign Oxida bers (O.N.) of Phosphorus in each species:
* P4 (White phosphorus): O.N. of P = 0 (elemental form).
* PH; (Phosphine): H is +1. S0, O.N.of P+ 3(+1) =0 = O.N. of P = -3, _ '
* H;PO; (Hypophosphite ion): His +1, 0 is -2. So, 2(+1) + O.N. of P+ 2(=2) = -1 (charge of the ion)
:>+2+O.N.ofP—4=—1=>O.N.ofP—2=-1:>O.N.ofP=+1. ‘
* (OandHin QH: ald_H_z_Q go_no_t cha_ng_e_ tl\ﬁ ‘isi‘i' g@ation states).




a  |nthe reactant P4, P has an O.

|
]
= Inthe product PH@9 as A ‘ 20 i i !
= |nthe product H; P +1 (Oxidation: 0 — +1, increase). I
3. Conclusion: ; : T
|
]

Nl o :
The s t'undergoes both oxidation and reduction is Phosphorus in Pa. (Or you can say the | |

- o e @ s e o @

- BALANCING OF'READOX EQUATIONS BY OXIDATION NUMBER METHOD

The following steps are carried out for balancing of redox eq'uations by oxidation number method:

i.  Write down the skeleton equation of the redox reaction under consideration. ;

il.  Identify the elements, which undergo a change in their oxidation number during the reaction.

iii. Record the oxidation number above the symbols of the element, which have undergone a change in the

oxidation number. : :

v. Indicate the change in oxidation number by arrows joining the atoms on both sides of the equation. It
~ shows number of electrons gained or lost. ;

v.  Equate the increase or decrease in the oxidation number, i.e., electrons gained or lost by multiplying with

a suitable digit. . . @@
vl. Balance the rest of the equation by inspection (mf\a(qqzm'zmg@o
, = L3 DT

@)

3 D R 5

Sequence of th n Jemical equation using inspection (hit and trial) method.
e Fir &ms of all elements except nitrogen, oxygen and hydrogen.

e Secondly, balance atoms of nitrogen (if in the equation).
 Thirdly, balance atoms of oxygen (if in the equation).
o Lastly, balance atoms of hydrogen (if in the equation).

a) If an element in a species undergoes only increase in oxidation number or decrease in
oxidation number in a reaction. The specie containing such element is written once on the
RHS of the equation. :

Zn(s) +HC/ (sq) — »Z2n€l z(aq) + HZ( 5)

b) If an element in a species undergoes both increase in oxidation or decrease in
oxidation number * simultaneously in,a reactiq :a self-redox or
Necie \ o 5 SLE ele

disproportionation reaction). ent is written twice on the

RHS of the equation. Fi -EL ation number while second is written for
« crease in oxidat ﬁ

. o "Cl, +NaOH+C/, ——»NaC/ +H,0+NaOC/

:) If ar element in a species undergoes increase or decrease in oxidation number as well as
no change in oxidation number in a reaction. The specie containing such element is also
written twice. First, for change in oxidation number while second is for no change in
oxidation number. ;

HNO, + Cu+HNO, —>Cu(NO), -+ H,0 +NO,
HCL +K,Cr,0, + HCl——>Cl, +KCL+CrCly + H,0







*

iv.

¥

|

#

I
I
1
I
]
I
1
I
1
I
]
I
]
I
]
I
]
I
]
I
1
I
]
I
]
I
]
|
]
I
I
I
]
I
]
!
L]
I
!
L

i

f

S a4 3+
Fem, + Mno(,q, -——»Fe(,q) +Mn
Ans.

Ans.

—-

Bolancedeguations - .0 L o Te R e e @ @\

. Step 1: Oxidation numbers O

Fe,03 + 3(&9 é %lo
MnO, +HCL —MnCZ, +H,0+CZ, Kﬂ i
¢ MninMnO;: +4 —» i@ 2+2 (reduced)
e Clin Hw%@mbkxidized) o
Step 2: Determine changes

* Mn: +4 — +2 (gain of 2 electrons)

e CL-1->0 (loss of 1 electron per CL atom; CL, = 2 CL atoms = 2e" lost)
Step 3: Equalize e~ transfer

® 2CLl oxidized = 2e" loss

* 1Mn* reduced = 2e gain — already equal

Balanced equation:

MnO; + 4HCL——> MnCL, + 2H,0 + CL,

2+
(aq)

Step 1: Oxidation numbers
* Fe — Fe®* (oxidation, loss of 1 )

e Mn” in MnO; — Mn?* (reduction, gain of 5 e") s o©§
Step 2: Equalize electrons @ @ :

QO
* Multiply Fe?* — Fe** by 5 “
- Step 3: Balance rest (acidic W

Balanced eq

5Fe?* + MnO, + 8H* —— 5Fe3* + Mn?* + 4H,0
K3C1,0;(q) + FESO, (o) +H,S0, .., —>Cr, (SO, s(ac) +F€2(S0, ), +K,SO
Step 1: Oxidation numbers
e Crin Crzoi": +6 — Cr**: +3 (reduction, gain of 3e- per Cr)

a(sq) *H20()

o Fe® — Fe*: oxidation (loss of 1e")

Step 2: Cr,0,*" contains 2 Cr —» 6e" gained

* Therefore, 6 Fe?* needed (each loses le’)
Balanced half reactions:

o Cr;05 +14H* + 6e~ — 2Cr** + 7H,0

e 6Fe? — 6Fe3* + Ge-

» Combine:

’ ' Cr,07 + 6Fe? + 14H* 10 4 Eppi O@@
Include sulphates and potassium: id “

O

o Cr;05 — Cra(SOs)s O “

o Fe™ -5 Fe,(SO4)s (need %o 0a)s)
K>SO,

_____ K2Cr,0y7 + 6F8504 o 7Hz$04——) Cr;(SO.); S 3Fe:(504)3 + K,S04 + 7H,0

-—-———-——-—-—-———-—-—-—-—-———-—-—-—-—-———-—-—-———————-—I.



ELECTROLYTIC cELWa @@W

N (\r\r\ A

An electrolytic cell is a device that converts %W\Q \fﬁewncal energy through a process called
electrolysis. %

»  Construction: ; B
It consists of tW ?yplcally made of metal or another conductlve material, which are immersed

in an electrolyte-a-substance containing free ions that carry electric current.

»  Process:
When a direct electric current is applied, one electrode becomes negatuvely charged (the cathode) and the
other positively charged (the anode). ;
In an electrolytic cell, positive ions in the electrolyte mlgrate towards the cathode, where they gain
electrons (a reduction process), while negative ions move towards the anode, where they lose electrons
(an oxidation process). This movement of ions and transfer of electrons results in chemical changes at the

electrodes, effectively converting electrical energy into chemical energy.
/ Direct current power supply

Anode
(Positive electrode)

—> Electrolyte

i Figure: Main parts of an electrolytic cell
»  Applications of Electrolytic Cells:
Electrolytic cells are used in the electrolysis of sodium chloride to produce sodium metal and chlorine gas,
the refining and plating of metals, and the production of chemicals like caustic soda. Electrolysis is also
used to produce non-metals such as chlorine and to purify metals. Electrolysis is generally carried out in an
electrolysis cell as shown in Figure.
In the electrolysis cell:
* Electrolyte: The electrolyte is the compound that is decomposed; it is either a molten ionic compound
or a concentrated aqueous solution of ions
e Electrodes: The electrodes are, made from either carbon (graphlte) or metal, which conduct electricity
to and from the electrolyte - the anode is the positive electrode - the cathode is the negative electrode
e DC: The power supply must be direct current.

(Note: The actual structure of the cell will vary accordlng to th @ @S 3
REDO T/AC\ LYSIS
a )

During electrolysis, the positi WH move to the cathode. When they reach the cathode they gain
electrons from the
For example:

2+ -
Cu,,, +2e Smaas,

2L, + 26 M




Gain of electrons is reduction and it always occurs at the cathode. If ﬁ?&rmed, they may be

'deposited as a layer of metal on the cathode. Alternatlve er in the cell. If hydrogen
gas is formed, it bubbles off. @‘ ‘

The negative ions (anions) move te, the anode, they lose electrons to the anode
Loss of electrons is oxidation. Oxud at the anode.
For example: W’\{] .

40H(aq) ———)OZ( )+2H O(,) +4e”
Electrolysis is a redox reaction. For example, when molten zinc chloride (ZnClZ ) is eIectronzed the electrode
reactions are: :
e Cathode: Zn(,) +2e” ———>Zn(s) (Reduction)

. Anode: ZCE(,)——>C£2(S)+2e (Oxidation)

The electron loss at the anode balances the electron gain at the cathode. The overall reaction is
ZnClyy —>2n +C£2( )

I : QUICK CHECK 10.4
]
| Molten copper (i1) bromide (CuBr,) is electrolyzed using inert electrodes @ @©

1. Which ions are present in this solution?

| Ans. The ions present are Cu?* and Br-.

'ii.  Name the electrode on whi a occurs?
I Ans. Copper metal forms on the ¢ %

| iii. Give the half-equationt

, Ans. Cu?* +2e”
| iv. Write the hal ation for the formation of bromine on the other electrode.

e formation of copper metal.

MASS OF A SUBSTANCE DEPOSITED DURING ELECTROLYSIS

The mass of a substance produced at an electrode during electrolysis is proportional to the time over which a
constant electric current pass and the strength of the electrlc current.
Combmmg current and time, we get the relationship:
Q=Ixt
Where , Q = Charge (in coulombs, C)
i 1 = Current (in ampetes, A)
t =Time (in seconds, s)

The mass of a substance produced at (or removed from) an electrode duri @le@@i@propomonal to the

quantity of electricity (in coulombs) which passes through the elec
»  Faraday:

The quant.lty of electricity is often express d-unit called the Faraday (symbol F). 1 Faraday is
the quantity of electric charg “'ﬂ electrons or 1 mole of singly charged ions. Its value is

96500 C mol™ :
>  Electrolysis W olution:
: Durlng the elec sis of silver nitrate solution, silver is deposited at the cathode.

Agm, +e” ——)Agm

1mol 1mol 1mol
1 Faraday of electricity (96500 C) is requnred to deposit 1 mole of silver.
~»  Electrolysis of Copper(ll) Sulphate:
During the electrolysis of copper (I1) sulphate solution, copper is deposited at the cathode.




Cu(aq, +2e ——3Cu ,
_ [ 1mol 2 mol i ﬁ
The equation shows that 2 mol electrans\3 ‘ ‘ oduce1 mole of copper from Cu®* ions. So,
it requires 2 Faradays of electricf \m (\to-deposit 1 mole of copper.
~ t0. of moles of electrons gained or lost

N
AMOUNT OF SUBSTANCE PRODUCED DURING ELECTROLYSIS

The value of F can be used to calculate the mass of substance deposuted at an electrode and the volume of gas
produced at an electrode.

Sample Problems 10.5
Calculate the mass of lead (Pb) deposited at the cathode during eIectronsns when a current of 1.50 A flows through

molten lead (l) bromide (PbBr;) for 20.0 min. (relative atomic mass, Arvalue: [Pb]=207; F=96500 C mol™)
Solution:
Step 1: Write the half—equatlon for the reactlon

Step 2: Find the number of coulombs required to deposnt 1 mole of product at the electro
2 moles of electrons are required per mole of Pb formed 2F
: %‘9 |—1

Step 3: Calculate the charge transfer%X
= 1.50 X 20 x 60

Step 4: Calculate the mass by simple proportion using the relative atomic mass.
193000 C deposits 1 mole Pb, which is 207 g Pb

so, 1800 C deposits = x1800 =1.93gPb

2t
193000 "

AVQGADﬁO'S CONSTANT BY THE ELECTROLYTIC METHOD

(Exercise L.Q.4)

Q. How Avogadro's number can be derived using an electrolytic cell?

» Avogadro's Constant:
* The Avogadro's constant, L, is the number of specified particles (atoms, molecules, or ions) in 1 mole.

“An electrolytic method can be used to find a value for the Avogadro's co@my calculating the
charge associated with 1 mole of electrons. W ;

& Charge\ :;anlg\f\f‘e

O
e The charge on the electron
the electronis a

y experlment The results show us that the charge on

60%107" C.
< Finding the on 1 Mole of Electrons :
* The charge on 1 mole of electrons can be found from a simple electrolytic expenment The apparatus
for this is shown in Figure.
Procedure:
¢ The procedure is to weigh the pure copper anode and pure copper cathode separately arrange the
apparatus during the electrolysis of aqueous copper(ll) sulfate as shown in Figure.






s

g = 108 g/mol

m er of electrons perion (Ag* — Ag=1¢)

F = Faraday's constant = 96,500 C/mol

Step 1: Calculate

1= 0384 |
t= 35min=35x60=2100s
Q = Ixt=0.18x2100=378C

Step 2: Calculate Mass of Ag
QxM 378x108 40824 ,
= = ~ ~0.423
M= XF " 1x96500 ~ 96500 - 4238 .
b)  An electric current of 1.04 A was passed through a solution of dilute sulfuric acid for 6.00 min. The
volume of hydrogen produced at STP was 41.5 cm’.

i How many coulombs of charge were passed during the experiment?
Ans. Calculate total charge passed

1.04 A @ @(@\S\/g \
s o)
t 6.00 min = 60
Q- =sfst= ‘
ii.  How many coulombs of charge W erate 1 mole of hydrogen gas? (F=96 500Cmol™)
Ans. Charge required to liber 28as

Reaction at Catww o)
2H" +2e” —H,

S0, 2 moles of electrons are required for 1 mole of H..

ELECTRODE POTENTIALS
(Ease of oxidation and reduction)

During the redox processes, a redox equilibrium exists between two chemically related species that are in
different oxidation states.
Definition:

"When a metal is put into a solution of its ions, an electric potential (voltage) is established between the
metal and the metal ions in solution. This is called electrode potential”. @©

Itindicates the ease of oxidation or-reduction of a substance @o : :

Example:‘ When a copper rod is placed in contact wit n)of its ions, the following equilibrium

exists: , @) ' ;
O“ o T8 ==l

»  Explanation: W
There are two oppdsing reactions in this equilibrium.

a) Metal atoms from the rod entering the solution as metal ions. This Iga\)es electrons behind on the surface
of the electrode. '

2+ -
CU(S) e CU(aq) = Ze



b)

lons in solution accepting electrons from the metal rod and get de%ted toms on the surface of

the electrode.

The redox equilibrium is e %r e of eiectron gain equals the rate of electron loss.

For unreactive met il this equilibrium is compared with the equilibrium set up by other
metals, th et up by copper lies further over to the right.

20

Cu(a it 2e —> Cu(s)

Cuf:q ) ions are therefore relatively easy to reduce. They gain electrons readily to form copper metal.

For reactive metals such as vanadium, the equilibrium lies further over to the left.

(aq) +2e -———)V(s)

V(Za:) ions are therefore relatively difficult to reduce. They gain electrons much less readily by comparison.

The position of equiiibriunﬁ differs for different combinations of metals placed in solutions of their ions.

o Electrical Double Layer
"It is thought that the absolute electrode potentials cannot be measured due to the formation of an
electrical double layer, when an element is placed in a solution of its ions. :
Example: . @ \
A strip of Zinc in a solution containing Zn ions: @ Zinc rod
e  When zinc is placed in a solution @ ! :
~a tiny number of zm ‘% ‘ @ @
metal is converted ich go |nto e @ S @
soiution T ess of electrons on the @ - @
' surfac :
] 2 @ @ —1>2ZnS0,..,
e The solution around the metal now has excess Zn ; g
ions. Some of these cations near the surface of the Q@
zinc are attracted to its surface. So, an electrical @ @
double layer is formed. : ®LEI®
e This buildup of charge causes an electric potential T
(voltage) between the metal and the metal ions in Zinc(ll) ions
solution as shown in Figure 10.3. e A Figure: Formation of electrical double layer
e Due to the formation an electrical double layer, the
potential cannot directly be measured.
e The difference in potential between the metal/metal ion system and another system can be measured
~We call this value the electrode potential, E. Electrode potential is measured in volts. The system we
_use for comparison is the standard hydrogen electrode (SHE). |
STANDARD HYDRO NW‘{#@E@\S@
TERpEL) r,\q\vg\ YR ExcrseLas)
Q. Whatis meant by Sta mw\hjﬁ)ectrode (SHE)? How it is used to measure the electrode potential
of anotherm '
The Standard H\yd}dgen Electrode (SHE) is one of several types of half—cell that can be used as reference |
electrode.
> . Construction:

Figure shows a standard hydrogen electrode. : ' SHE is a reversible electrode.




1a

ﬂ_ e 3 o @W@ ol

C | Why platinum black is a preferred
catalyst?

- ,Platmum w:re ; Ans. Platinum black is a highly preferred
: : catalyst due to its exceptionally high
5 surface area, - which significantly

-\ i B % ( . . iy .
i : ¢ -enhances its catalytic activity. This
high surface area, achieved through a

Glass ‘bell’ with

a hole in for H, to ¢<—| =1 H* (1mol/dm*3) fine powder form, provides numerous
bubble out : ; : active sites for chemical reactions to
1> Platinum electrode occur. It boosts reaction rates and

overall efficiency.

Figure: Standard hydrogen electrode (SHE)
Standard Hydrogen Electrode consists of:

» Hydrogen gas at 101 kP, pressure, in equilibrium with H* ions of concentration 1.00 mol dm™
. A platinum electrode covered with platinum black in contact with the hydrogen gas and the H* ions
The platinum black is finely divided platmum which allows close contact of hydro gas and H' ions in

solution so that equilibrium between H, gas and H" ions is esta latinum electrode is
inert so it does not take part in the reactjon.

ndart als @ E|al E° values for all half-cells are
measured relative to this elec “

When connected to another e read on the voltmeter gives the standard electrode
potential for that ' -- \f eguation for the hydrogen electrode can be wrltten
ath

Reduction (Act ode): ZH( 0) +2e ens i 2e) =0.00 vV

Oxidation (Acts as anode): H, —->2H+ +2e © E°=0.00V

The way that the half-equation is balanced makes no difference to the value of EY. The equatlon does not
affect the tendency for the element to gain electrons.
Electrode Potential: Its voltage is arbitrarily fixed at 0.00 V.

STANDARD ELECTRODE POTENTIAL (E°)

The voltage of an electrochemical cell will also depend on concentration, temperature, and pressure of the gas.
Therefore, we should use standard conditions when comparing electrode potentials.
Conditions: :

e Concentration of ions at 1.00 mol dm™> o @ @@m
e Atemperature of 25°C(298 K) '®) %@W =

e Any gases should be at a pES re ‘é‘ ¥ ;

e The value of the electrode p m

alf-cell is measured ,relative to the standard hydrogen

“electrode. ; |
Under these ¢ ; the electrode potential we measure is called the standard eIectrode potentlal

This has the symbol, e It is spoken of as ' E standard'.
"The standard electrode potential for a half-cell is the voltage measured under standard condltlons with
a standard hydrogen electrode (SHE) as the other half-cell".




MEASURING STANDARD ELECTR TENTIALS
RERTLIER O30

There are three main types of half-cell whos e@a hé \bﬁu\ewwhen connected to a standard hydrogen
electrode (SHE):

e metal/metal ion half- II%%
alf-cell (C/* 1Ce.)

e ion/ion half-cell. (Fe** /Fe**)
»  Measurement of Standard Electrode » woloner
Potential of a Cu?*/Cu half Cell: : é
Figure 10.5 shows how to measure the E° Gt i e
value for'a Cu** /Cu half-cell. The Cu®** /Cu  Copperrod o e

1atm

half cell is connected to the SHE and the
voltage measured. The voltage is +0.34 V. The B o ) ] 8
copper is the positive terminal (positive pole)
of the cell and the SHE is the negative terminal. : W

The two half-equations are: ' cul ,;; i :' i i moidiny
Cugy, +2€7 —>Cu, E°=+034V b ' LY Pleuum
+e" —_)lH E°=0.00V Flgure Measun otential of a Cu?*/Cu half-cell
(aQ) 2 2g)
: O
The E° values show us that Cu’* iong bre;eas h v H ions (they have a more positive E°
value). Cu”* ions are moreQikelyto fa an H+ ions. So Cu”* ions will accept electrons from the

H" /H, half-cell and
»  Measure

eleetrons to the Cu®** /Cu half-cell.
rd Electrode Potential of a Zn?*/Zn Half Cell:
anure 10.6 shows how to measure the E° value for a Zn?* /Zn half cell. The voltage of the Zn** /Zn half-

cell is -0.76 V. Zinc metal is the negative terminal (negative pole) of the cell and the hydrogen electrode is
the positive terminal.
The two half-equatlons are:

2H(:)q) +2e ——H,, E°=0.00 V ‘ @ Rack Your Mind!
74T PR L i e E®=-0.76 V : - 5. The standard oxidation potential of Zn is
(20) ) : 0.76 volts and reduction potential —0. 76
The E° values show us that Zn®* ions are more difficult to |  volts. Explain.

reduce than H" ions (they have a more negative E° valueA)
Zn’* ions are less likely to gain electrons than H* ions. So, Zn will Iose electrons to the H™ /H, half-cell and

H* ions will gain electrons from the Zn** /Zn

voltmeter

haif-cell.
From these two examples, we can see that: % = r=; P2
e Reduction takes place at the p sut ~ S:,,’;i‘;ge 2 rA_

i

terminal of the cell. For_exam i
Zn®* /Zn; H' /H, cell: % i
o 0xudatque at the negative ]

terminal of the cell. For example, in the
Zn** /Zn; H' /H, cell: s

(1 molidm’)

©a%

i

5 H’ (1 molzdm’)

298 K Temperature
g Platinum

St

2+ -
Zn(s) : zn(aq) +2e Figure: Measuring the standard electrode potential of a Zn?*/Zn half-cellv




ELECTROCHEMICAL CELI. (GALV
P r\ 0

a \\ﬂﬂ( Q \\)U WO (Exercise L.Q.5)

Describe the construction and vﬁ\léﬁﬂ%\lpﬁ\e%ﬁhe Zn-Cu Galvamc cell.

i §
Galvanic Cell: & [RN NNJ o\ :
A cell in which the-conversion of chemical energy into electrical energy takes place spontaneously in

exothermic redox process with oxidation at anode and reductlon at cathode.
For Example:
Cu®™ /Cu//Z* /Zn cell E° =110V
* Agalvanic cell is designed to take advantage of spontaneous transfer of electrons.
e A'Galvanic Cell, is also known as a Voltaic Cell.
Examples: Daniel cell, dry cell etc. -

For example: Zn?" +2e” —>Zn voltage = 0.76 V
(aq) (s)

In order to measure the electrode potential relating to the half-equation

Cu(aq) +2e —— Cu(s)

A pure copper rod is placed in a solution of Cu2+ ?ns (iwa&@ulfate solutlon) ‘This

Cu®* /Cu system is called a haI
The following standard condmo the half-cell:

e The Cu(aq) ions h 1on of 1.00 mol dm™3

* The temperature is 25°C (298 K)

e The copper rod must be pure. _
If we connect two half-cells together, we have made an electrochemical cell. We can measure the voltage

between these two half—cells Figure 10.7 shows a Cu** /Cu half—cell connected to a Zn** /Zn half-cell to’

make a complete electrochemical cell.

Half-cells are connected together using:

e Wires connecting the metal rods in each half-cell to a high-resistance voltmeter; the electrons flow
round this external circuit from the metal with the more negative (or less positive) electrode potential
to the metal with the less negative (or more positive) electrode potential :

e Sait Bridge: A salt bridge to complete the electrical circuit allowing the movement of ions between the
two half cells so that ionic balance is maintained; a salt bridge does not allow ent of electrons.
A salt bridge can be made from a strip of filter paper (o @ aterial) soaked in a
saturated solution of potassium nitrate. é :

y the following half-equations:

e The voltages for the half cells-#HyFi
;S Cu(s) E°=+0.34 V

WW B +26" —Iny E°=-076V



W

r—-'—-—-—-—

These electrons travel through an external cnrc it to th @@S ions gain electrons and aré

High resistance voltmeter

bt

- ;

"Copper r \\ l—> Zinc rod

cu”? : 1298 K Temperature Zn?
u : : .
(1 molidm®) i ghrn (1 mol/dm)

Figure: An electrochemical cell, made by connecting a Cu®* / Cu half-cell to a Zn** / Zn- half-cell 3

An electrochemical cell is made by connecting a Cu?* /Cu half-cell to a zn** /Zn half-cell. The relatw*
values of these voltages tell us that Zn?* ions are more difficult to reduce than Cu? ions. <
At the anode, zinc undergoes oxidation, losing electrons to form zinc ions:

Zn(s) ——-)Zn(aq) +2e”

reduced to form copper metal: :
cu? (aq) %& q Rack Your Mind!
ted as:

The overall cell reactio 6. What is emf and how we calculate the
emf of a galvanic cell?

(g) —)Zn + Cu(s)

(a)
- This process effectively converts the chemlcal energy of the redox reaction into electrical energy, which
can be connected to perform work.

The voltage generated by this cell is +1.10 V
Ecen = Ereq +Eg =+0.34—(-0.76) =+1.10V

Ina Cu-Zn galvamc cell, zinc(Zn) serves as the anode, and copper lons (Cu *) in solution serve as the cathode.‘
The E° value for the Ag* /Ag half-cell is more positive than for the Zn®" /Zn half-cell. So, the Ag+ /Ag:

half-cell is the positive pole and the Zn?* /Zn half-cell is the negative pole of the cell.

a)

Ans. A salt bridge is a crucial component in a voltaic cell. Its functions are:

Functions of Salt Bridge: :

The purpose of the salt bridge is to prevent any net charge accumulation in either beaker by allowing
negative ions to leave the right beaker, diffuse through the bridge and enter the left beaker. If this
diffusional exchange of ions does not occur, the net charge accumulatim the beakers would

immediately stop the flow of electrons through the extern a ion reduction reaction
would stop. @

Keeps the electrolyte solutjon neutra

Minimizes or ehmmates Wt‘f@} ntlal

;.\‘-._-_..._-_-_-_____.._-_-_.__-_

M : QUICK CHECK 10.6

What is the function of salt bridge in the voltaic cell?

e Maintains electrical neutrality in both half-cells by allowing the flow of inert ions.

e Prevents the solutions from becoming charged (e.g., accumulation of positive or negative ions).
o Completes the electrical circuit, aIIowing electrons to continue flowing through the external wire.
e  Minimizes liquid junctlon potential, ensurmg a'stable cell voltage.



- Atypical salt bridge contains a neutral electrolyte (e.¢., KNG, KCD) that doe half-cell. "~ |
(@)

b)  Calculate the voltage of a cell having iron and cop;tsr el Y
‘ = Fe b - i R
Given Data: &W
Fe?*+2e” — Fey 044N .

Cu™ +2e” — Cuiy E°=+0.34V : ;
It looks like you might have written Cu?* + 2e~ —» Cu; also as —0.44 V by mistake, but the standard value :
is+0.34 V. : Sy :
Step 1: Identify the anode and cathode
* The electrode with lower E° is the anode (oxidation).
* The electrode with higher E° is the cathode (reduction).
So : ‘ : :
e Anode: Fe — Fe?* + 2¢- (E°=-0.44V)
e Cathode: Cu?** +2e~ — Cu (E°=+0.34V)
Step 2: Calculate Cell Potential

o0, 0 _go
Ecell_ ~Ecathode Eanode

Ecen= (+0.34 V)-(-0.44 V) = +0.78 V

Final Answers:
i) Asalt bridge maintains charge 62

ot ii) The standard cell voltage for ol ¢ aic\eell is 0.78 V
''''''''''' o = ‘—'_'_‘_'_'_'__"f'—'—'_'
‘ @ﬂ j APPLICATIONS OF E° VALUES

= Direction of Electron Flow : : :
* We can infer (deduce) the direction of electron flow in the wires in the external circuit by comparing

the E° values for the two half-cells which make up the electrochemical cell. For example, in Figure 10.9
these voltages are: '

G IR L e

Ag(.q) e ——Ag, E°=+0.80V
(o *2e ==12n, E°=-076V
* The relative values of these voltages tell us that Zn?* ions are more difficult to reduce than Ag” ions.
* So, Zn metal will lose electrons to the Ag® /Ag half-cell and Ag* ions will accept electrons from the

0™ /Zn half-cell. @@ |
e The electrons move through the wires in the external ZiWo@I ravel through the

electrolyte solution. : Q
So, the electron flow is from th | / Ag half-cell.
pole to the positive pole. Remember that the more

* Standard electrode potential values, E°, give us a measure of how easy or difficult it is to oxidize or
reduce a species. The E° values are listed in order of increasingly negative values. ;

* Foreach half-equation, the more oxidized form is on the left and the more reduced form is on the right.

* The more positive the value of E°, the gfeater the tendency for the half-equation to proceed in the
forward direction, and the easier it is to reduce the species on the left of the half-equation.
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Ans. This statement is incorrect as ‘ : v
"The agueous solutio i ‘ be oxidized by chlorine or bromme ions."
But using the a ning wuth the given standard potentials:
o lodine (I2) has a lower E° value than both bromine and chlorine.
e Hence, iodine is a weaker oxidizing agent than both chlorine and bromine. :
* 5o, iodide ions (I") can be oxidized to iodine by both C{; and Br, (which have higher E° values).
e Butiodine cannot oxidize Br~ or CL™ because it is not strong enough as an oxidizing agent.
Corrected Explanation:
Aqueous iodine cannot oxidize bromide or chloride ions because its standard electrode potentlal (+0.54
V) is iower than that of bromine (+1.07 V) and chlorine (+1.36 V). Therefore, I, is not strong enough to
pull electrons from Br~ or CL~ ions.

ii. Why bromine does not react with chloride ions?

Ans.
e Bromine (Br;) has an E°=+1.07 V
o Chlorine (Cl;) hasan E°=+1.36V = @
Since CL, is a stronger oxidizing agent than Br,, BN @W o CL
Explanation: : . :
Bromine does not react with d%@ he standard electrode potential of chlorine is higher
than that of bromine, E@ﬁ@m not strong enough to oxidize CL™ to CL,. : :

9 Oxidizing an cing Agents Using E° Values ;

stronger the oxldlzmg agent.
The aqueous solution of |od|ne an be DXi

—— . —— —— — - —— — " —  —  Sm— — — - — - S— . w—

Look back at Figure. Note the following as the values of E° for each of these reduction reactions gets more
- negative. » :

The species on the left of the equation become weaker oxlduzmg : @ oY Min d!

agents. They accept electrons less readily.

The species on the right of the equation become stronger

7. During a redox reactlon, an oxidizing

agent:
reducing agents. They release electrons more readily. (A) Gains electrons
Cu will not reduce Zn?* ions to Zn. So how can we reduce Zn?* (s osidiacd
. . , il > : (C) Loses electrons
ions? The answer is to react the Zn* ions with a stronger | (D) Is hydrolyzed

reducing agent, which should have an E° value more negative

than the E° value forv Zn*/Zn. In Figure we see that the half-

equation Mg?* /Mg has a more negative E° value. So, Mg is a " ot (O eur Mind!
e feduction potential of Zn is:

A) =0.76 Va (B)-0.34V
C)+0.34 V - (D) +0.76 V

suitable reducing agent.

Zn(aq) ——Zn

Mg(aq) +2e ——)Mg‘s

Zn* is the bettWﬁt. It is more likely to accept electrons than Mg?* ions. Mg is the better
reducing agent. it ore likely to release electrons than Zn. : :

Compounds can also act as oxidizing and reducing agents. For example KMnO, (+0.54 V) K CrZO (+1 33V)
are oxud:zlng agent because of their higher E° values. Whereas Kl and FeSO, are reducing gents due to
their lower E° values.

Few compounds, such as H;0, can act both as oxidizing as well as reducing agents.



VARIATION OF E° VALUE WITH ION i\ﬂ;ﬂﬁ@@@ﬁou

" The position of an equilibrium reaction is affe x- d

oV

e\Q& \:M\Ae\ﬁratlon temperature and pressure. If we
change the concentration or te ﬁ- ectrode potential also changes. Under these non-

x"ﬂ e|ectrode potential. Let us take an example of a metal/metal

standard conditions we use th s S
ion equilibrium:
Table Variation of Potential with lon Concentration

[Fe“](mol dm™) | [Fe**}(mol dm~) | E°(V) Effect
>1.00 1.00 +0.85 | More positive
<1.00 R0 +0.70 | Less positive

1.00 >1.00 +0.70 | Less positive
1.00 <1.00 +0.85 | More positive
Zni e s—aZng £°=-0.76V

o If [Zn*"] is greater than 1.00- mol dm 3, the value of E becomes less negative / more posntlve (say—0.61V )

» If [Zn?*] is less than 1.00 mol dm™, the value of E becomes more negative / less positive (say —0.80 V).
Le-Chatelier's prmcnple can be applied to redox equilibria. If we increase the tration of the species
i @ e value of E becomes

between Fe’" ions and Fe “ : :
' o iy TFefts B2 =407V
1.00 mol dm™ 1.00 moldm™

NERNST EQUATION

(Exercise L.Q.3)

Q. How electrode potential varies with concentration of an aqueous solution? Use the Nernst equation to
explain this variation.

if we consider a cell made up from a sﬂver/snlver ion electrode and a copper/copper(ll) ion electrode, the
reaction taking place is:

\'F

2 4o ° °
Cugy) +2AB(q —>Cu™") +2Ag ) E°=+0.46 V (3] Interesting Information!
When Eg,, is plotted against concentration, we obtain a graph as | Nernst Equation:
shown in Figure. The Nernst equatlon an eq::atlon relating the
$ ca to take up one or more
Note that we have plotted the value of E i (non -standar gg}tem.a,, measured at any
conditions for the cell as a whole) against_the (0 s to that measured at standard
silver ion concentration. The abg) redo 3@ nditions (standard reductlonhpotentlal of 298
value of E“ , more positive. K and one molar or one atmospheric pressure).

The effect . ¢ con@w ure on the value of E.,, can be deduced using the Nernst equatlon For
a given electrode)\g\g., Ues) /Cuf:q) electrode, the relat|onsh|p is:
[oxndlzed form]

E=E° +
' [ reduced form]

where,
E is the electrode potential under non-standard conditions:




————— _

E°® is the standard electrode potential
R is the gas constant, 8.314 J K™ mol™ e
T is the kelvin temperature

Z is the number of electrons %%@
reaction

F is the value of th constant in C mol™

In is the natural logarithm -
[oxidized] refers to the concentration of the oxidized
form in the half-equation <
[reduced] refers to the concentration of the reduced

‘ +
log [Ag ]
form in the half—equatlon — . Figure: Increasing the concentration of silver ions in the cell reaction

Fortunately, for a metal/metal ion electrode, we can simplify this equation in three ways:

© The natural logarithm, {n, is related to log to the base 10 by the'relati'onship {nx =2.303 log,,x
° At standard temperat'ure the values of R, T and F are constant, The equation then becomes
0.059 [ oxidized form]

Bt z 'og[reduced form]

Sample Problem

What is the electrode potential of a Zn electrode_dippéed @Wﬁ& ions (0 1 M), The e°
value of Zn?* /Zn0O is —0.76 V.
Using Half equation and E°, Q m :

R2e = Sy -0.76 V
8.31x 298_
————(n(0.1
206500 ")
E=-0.76+(-0.029)=-0.78 V
Since, Concentration of Zn2+ is decreased to shift equilibrium backward and electrode potentlal decreases to 0. 78 V.

ACTIVITY SERIES OF METALS

E=(-0.76)+

. The activity series of metals is a ranking of metals based on their reactivity, particularly their tendency to
lose electrons and undergo oxidation. ; '
° Metals higher in the activity series have more negatlve standard reduction potentials, meamng they are
~more likely to lose electrons and undergo oxidation. Hence such metals act as reducing agents.
e Metals at the top of the series are the most reactive with water, oxygen and acid. For example, alkali
metals like cesium and sodium are highly reactive and oxidize readily, rea%ﬁj \@@@@nth substances

like water to form ions and release hydrogen gas. ' o

s In contrast, metals lower in the attivity serigs ..‘ @ | s like gold and silver, do not oxidize
easily. They are less reactive and Gb C g ns, that is why they do not react with water.
Metals at the bottom of the s reactive with water, oxygen and acid. Thus, the position of
a metal in the actw correlates with its ease of oxidation and overall reactivity. Conversely,
metals lower in th tivity series have more positive standard reduction potentials, indicating a greater
tendency to gain electrons and undergo reduction. Hence such metals act as oxidizing agents.

@ Activity series of metals is actually reactivity series. ‘
Thus, the activity series can be understood in terms of standard reduction potentials: metals with more

negative potentials are more reactive and oxidize more readily, while those with more positive potentials
are less reactive and oxidize less readily as given in Table. '




ST (e

Table: Activity Series of Metals

For Entry Test

jenqusajod uondnpai 3uisealdu|
sjuade Suizipixo ue se yi8uans uiseadu|

Metals | lons | E°(V) Reaction Occurring\ . R\ N / a
TIRES NP gR Wev “@\\»\) & B
K | g+ |-2.93 Q m - 2
Ba Bal* | —2.90 Re , replacing §
2+ : 3
St | s | PO o +2H,0,, —>2MOH,, +Hy, =
Ca | ca* |-2.87 L 2
Na | nat* |-271 e
Mg | mg? | -2:37 g
-
AL 3+ 1 -1.66 ; ' 2
Mz Reacts with steam (but not with cold 3
n zn** | 7076 | water) replacing hydrogen. - g
G oo 079 M(s)+H20(£)——>MO(aq5+H2(S) 2
Fe | pe* |-0.44 : 2
cd | cq |-0.40 8
; S
CO C02+ —0.28 g :
o 3 g
e NiZ* | =0-25 | po not react with water. React with acids, | -\ & @@@
Sn sn?* | =0.14 | replacing hydrogen. : \ (;@
Pb 2+ 1-0.13 M, . +HC/ > ‘4\ L
i B - e v G
; : : r\\‘ﬂ “ !
H, H {)\m NNN@&’;;S reference
€y Cu2+ "}6§4
Hg Hg?* | +0.92
Ag Ag'* | +0.80 | Unreactive with water or acids.
Pt pt2t | +1.18
Au At | +1.50

FEASIBILITY OF REDOX REACTIONS FROM ACTIVITY SERIES

OR REACTION DATA

The activity series is actually a'reactivity series of metals, in
order of reactivity from highest to lowest.
It is used.to determine the products of singl

a solution if M, is higher in |

e displac
reactions; whereby metal M, will repla%

I~

i
Rack \Your Mind!
v A= ¥
0 ) (-' K can displace hydrogen from
acids but Pt, Cu cannot. Explain.

of metals, we can determine whether the reaction is feasible or not. We sum up

the potentials of half reactions, if potential of the cell is positive it means the reaction is possible, however,
if emf is negative, the reaction is not feasible. Let us see the reactions:

2+ e
Fe(aq) +2e ‘__Fe(s)

(SR
E(OX)_——0'44 V
0 S :
- Efp =70080V



a)

The overall reaction is
2
Fe) + 2Ag(+aq)_————> Fey + 2Ag o

The cell potential is positive; hence the reactiop\isfe
2+ -
Fey) +2A81q ——Feq) +2Ag(s)~E%

Spomser

A4} =%1.24 V From the activity series of metals, we have

3 0
“(s) E(red) =-1.66V
A8 16" —Ag, E(ox) =+0.080 V.
3+ &
Alls) +AB ==AL () +Ag(,, Efred) =~1- 66+0.080=-0.86 V

The sum of E° values of the two half-cell reactions is negative. Hence the reaction is not feasnble

________________________________________ |
QUICK CHECK 10.8 Al

State the Nernst equation, why is it significant in electrochemistry.

Ans. State the Nernst Equation and Its Significance

b)

Nernst Equation:
For a half-cell reaction at 25°C (298 K), the Nernst. equatlon is:
0.0591 e [Red] -
[Ox] .
or, more commonly written for oxidation-reduction reactions: - @ m

E=E°-

_ .o 0.0591 o @
E=E 5 logQ o ®W o
Where: ' : Q‘

®

E = electrode potential at n %@X& ;
e E°=standard electro enty
¢ n=number m@mnsferred 2
e Q=reaction ient (ratio of product to reactant concentratlons)

Significance in Electrochemistry:

o It allows the calculation of cell/electrode potentials under non- standard conditions.

¢ Explains how electrode potential changes with concentration, pressure, or temperature. -
e Crucial for predicting direction of redox reactions, and in designing electrochemical cells.

reaction?

Ans. Effect of lon Concentration on Standard Electrode Potential

e Standard electrode potential (E°) is fixed, measured at standard conditions (1M, 1 atm, 25°C).
e However, the actual electrode potential (E) varies with ion concentration, as shown by the Nernst
equation.
e Increase in ion concentration (oxidant): shifts equilibrium — increases E.
e Decrease in ion concentration: shifts equilibrium — decreases E.
So, electrode potential becomes more positive or more negative depending m ion changes.

c) Give answers using E° values (E° e =+0.80V, & =
i.  Which of Ag*, Cr** and Fe’* i % W |ch is the least oxidizing? Explain
with reason. \ \@ : -
Ans. E° _+0.80W
Ag' /Ag

E =-0.44V

Fe?* /Fe

E° =-0.91V

2+ Jcr
Strongest and Weakest Oxidizing Agent:

i
|
i
|
]
|
]
|
]
|
]
|
]
|
]
|
]
!
]
|
1
|

What is the effect of variation in ion concentration on the standard electrode potentlal of a half i
]

!

]

I

i

|

i

I

]

|

i

|

L]

|

]

|

i

I

L]

: |
. Oxudlzmg agents = spemes that gain electrons (| e, get reduced) i
|






PHOTOVOLTAIC CELlﬂﬁa @@\T\N

The word 'photovoltaic' is composed
energy into electrical energy is calléd
< Principle of Photo (O

ehmd the operatlon of PV cells is the photovoltaic effect, which involves the
of voltage and electric current in a material upon exposure to light.

of photo q |! d@o L)&t}l):él u)tentual). The cell which converts light

generation

o The photovoltaic effect involves the excitation of electrons from the valence band to the conduction

band in semlconductors facilitated by the energy from photons.
e This process is improved by the presence of a PN junction, which separates the electrons and holes,
* creating a voltage that drives an electric current.

< Merits of Photovoltaic Cell as Sustainable Source of Ener

i. The photovoltaic effect continues as long as light is present, making it a sustainable method for
generating electricity.

ii. A photovoltaic system is a renewable energy source that converts sunlight into electrical energy

ili. The photovoltaic systems use the sun's energy, making them a sustainable energy source that is
independent of fossil fuels.

WINKLER METHOD, BO w’ @@m

Biochemical Oxygen D
"Biochemical dxygen deman
oxygen within a peri ) : :
e The value e amount of oxygen consumed as a result of biological oxidation of dissolved
organic matter in the sample. - ‘

» The oxidation reaction is catalyzed by microorganisms which are already present in the natural water.

e It is measured experimentally through Winkler method by calculating the concentration of oxygen at
the beginning and at the end of five days period, in which a sealed water sample is maintained in the

“U\\/)\)U U : Pt A

dark at constant terhperature at25°C

. Disolved
: .5 Oxygen @ s
B Rack Your Mind!
‘E 10. The capacity of organic matter in
ol natural water to consume oxygen
= TR :
[3) . within five days is called:
o BOD A) DO B) BOD
)COD .~  D)PAN

Direction of Flow of River —————>
Figure 10.12: Inverse relationship betwe

2 O \}U o
O Dissolved Oxygen (DO) @c@wa

"Dissolved oxygen (DO) is de 5\the of oxygen dissolved in water. It is dissolved either from
. the atmosphere or releasedb nts e mg photosynthesns in water." T
o : ,
~ e |tsconce ween 5 to 8mg /dm®. The minimum level of DO should be 5mg/dm?.

o Below 5mg/dm?, the water supposed to be polluted.

* Dissolved Oxygen (DO) and Biochemical Oxygen Demand (BOD) have an inverse relationship as shown

in Figure.
e As bacteria consume oxygen in the water while decomposmg organic matter, BOD increases, leading
to lower dissolved oxygen (DO) level.

pacity of organic matter in natural water to consume



2 Winkler Method '
e  Winkler method is a technique used to measure@e ;- i Qn DO) in water samples.
v $ l

n‘ tion, has oxidizing properties and

e ltis based on the idea that dIS lved ox =
reacts with KI. @

e The amount of iodine_f ed by titrating with sodium thiosulfate using starch as an
indicator whi$§£ﬁ&ﬁgﬁlﬁtlon dark blue, indicating the endpoint.

e The amounto ine formed is proportional to the amount of dissolved oxygen in the solution.

N\

Option | Explanation
Given Data:

K2CrOa: Oxidation Number of 0 = -2
Oxidation Numberof K = +1
Required:
v : Oxidation Numbkr of C:r X =P
1. sS.Q Solution:

2(0.Sof K) + (0.Sof Cr) +4(0.Sof O)= O ;
2(+1) +(x) +4(-2) =0 @ @@YS@
_ +2+4x-8 =4 é @W =

Oxidation Numb@\&m\(@;@\ .

2 A In all oxnd«&m( \)a\'dms of an element in a chemical specnes lose electrons and
. v incre idation state.
S0%
(0.No of S) + 4 (0.No. of 0) = -2
3. D =0.Noof S+4(-2)=—
=0.NoofS—-8
=0.NoofS=-2+8=46
Redox Reactions:
“Those reactions in which one species (atom ion or molecule) is oxldlzed while other is
4 5.Q reduced are called redox reactions”.
Example: 2Fe + 3Cl, — 2FeCls
In this reaction, Iron (Fe) is oxidized while chlorine (CL,) is reduced. So, this is a redox
reaction.

Standard oxidation potential of Zn means that Zn has a greater tendency of 0.76 volts than
SHE to oxidize or to lose electrons when connected to it. :

Zng > Zn(aq) @.
For the reverse reactlon Wh y gam of two electrons the E,, is

5. : s.Q " | with a reverse si
(aq) +2e - Zn(s) E..4 =-0.76 volts

e reactlons are opposite to each other, therefore their values of E;, and E;,
are same but with an opposite sign.

+2 -
Zn(s) —— Zn(aq) +2e

Electromotive force (emf):
6. s.Q The force with which electrons moves from anode towards the cathode through an
external circuit in a galvanic cell is called the electromotive force (emf).




It measures the tendency of the cell reaction to takes pla @ “\5
Calculation of emf of a Cell: Y a
‘Let us find the emf or cell pote f-cell reactions are.
: Zng = \ k idation half) :
I ‘3 - (Reduction half
TWMeactlon is
Zng, + Cu*z(aq) - Cuy, + Zn*z(aq)
The cell voltage or emf of the cell is given by
Eocell = Eooxd 2 Eored
= 0.76V + 0.34V
= 1.10V ,
7 A During a redox reaction, an oxidizing agent Gains electrons.
8. A The reduction potential of Zn is —0.76 V
Displacement of hydrogen from acids involve oxidation of metal and reduction of H* to H,
gas from acid.
MM +1e (Oxidation) ‘ » : :
2H" +2e” > H, (Reduction) m S
trochemic ies, s\whichare\liste ave lesser values of
i ic actrdde u!‘ high values of oxidation potentials.
o poétential so they liberate H, when react with
J. 5.Q 5in electrochemical series.
° . =2.714 volt '
SK' +1e Eo=2.925 volt
On the other hand Pt, Cu, Au, Ag etc. are listed below H, indicating greater reduction
potential so they have negative potential to undergo oxidation. e.g.
CuCu'?+2e” E2,; =—0.34 volt
Therefore these metals are not able to liberate H; gas when treated with acids.
0. : B BOD (Biochemical Oxygen Demand) measures the amount of oxygen consumed by
microorganisms to decompose organic matter in water over five days.

- 'MULTIPLE CHOICE QUESTIONS (MCQs)

Q.1

V.

> Exercise &KL

Four choices are given for each question. Select the correct choice

e

The activity series of metals arranges metal o 3

a) Atomic mass b) Dens% pf oxidation d) Ease of reduction
According to the activity series wmg metals would most readily dlsplace hydrogen gas
from dilute acidsw :

a) Copper (Cu) Silver (Ag) ¢) Magnesium (Mg) d) Platinum (Pt)

The salt bridge allows transfer of ' in Zn — Cu voltaic cell. :

(a) Zn** ions b) SOﬁ' ions ' (c) Both d) None of these

If Zn—Cu ‘galvanic cell.works ideally after complete discharge, both compartments will have:
a) CuSO, solution b) ZnSO, solution c) Cu™ ions d) Zn solid




T

VI.

VIl.

Vill.

Which of the following - hal e oxidation process occurring in the
disproportionation of Cu'? , ;

Which of the following half-reactions represents a reduction process? . @Qm
2+ = 7] 3 = =
a) Zny) —> gy + 2¢7 . b) Fep,, >Fery; +e ‘ @W@O B t2e > Hy

2+ - ~ot 2+ - + 2+
a) Cuj,, +2e 3Fe —>Cu ¢) Cuyg = Cujyg +€ d) 2Cu(q) —> Cugg +Cuyy

If salt bridge is not used between two half cells in a Galvanic cell, then the voltage
a) Decrease slowly - b) Decrease rapidly -~ ¢) Does not change d) Drop to zero

In an electrolysis experiment, if a charge of 96,500 Coulombs is passed through a solution, the amount of
substance liberated or deposited at the electrode is directly related to:

- a) Mass number of the ion b) One mole of electrons being transferred

c) Avogadro's number of ions being discharged  d) Standard electrode potential of the metal ion
The experimental determination of Avogadro's number through electrolysis typically involves

" measuring:

a) The current and voltage applied. : _
b) The mass of the substance deposited or liberated by a known charge.

c) The conductivity of the electrolytic solution.

d) The temperature changes during electrolysis.

X.  The principle of measuring DO by Wrinkler's Method is based o
a) lodimetry

XI. A positive value for the stan

b) lodometry O ¢ ﬁm
0]

indicates that: & i

a) The metal isz ent.

b) The metal io eadily oxidized.

c) The metal ion is readily reduced.

a metal ion/metal half-cell (e.g., Cu” /Cu)

d) The metal will readily displace hydrogen from dilute acids.

XIl. Which of the following changes would typically lead to an increase in the rate of electrolysis?
a) Decreasing the concentration of the electrolyte
b) Increasing the distance between the electrodes
c) Decreasing the surface area of the electrodes
d) Increasing the current passed through the electrolytic cell

Answer Key with Explanations

Sr.No. l Option

Answer

Explanation

s Metals are arranged based on how easily they lose electrons. More
| c) | Ease of oxidation : 5 : v ; 5
: : reactive metals oxidize easily and appear higher in the series.
i 0 Mashesiim tMg) Magnesium is more reactive t roge he series. It donates
- 8) | electrons e, H* (Ops, relgési n gas quickly.
i b) SO . The 3a ge) @AGC&?‘UOM to maintain charge balance. It
2 C()&\ @fﬁ}l ifruit by allowing ion flow without mixing solutions.
v b) \ io\\x\) | ¥hoxidizes and Cu?* reduces to Cu, consuming Cu?* ions. The leftover
: N ‘ electrolyte in both half-cells becomes ZnS0a. 7
i in reduction, a species gains electrons. Cl, gains electrons to form CI”
\' c) Cl, +2e > 2CI° o e : : . .
: so it’s a reduction.
: Without a salt bridge, charge builds up in the half-cells. This stops
_V' R LYOp f9 Ter0 electron flow, and the cell immediately loses voltage.
: In disproportionation, the same element is oxidized and reduced.
+ 2++ ¥ p o
W d) 2008 D Cut o+ Cu One Cu* loses an electron (oxidized), and the other gains (reduced)..




Vil b) One mole of 96,500 C is 1 Faraday, the charge 0 9@ \éy\k\lThe amount
: electrons of substance dépqsitéﬁ\@q nsferred.

Mass deposited by ss of m Yor hlk‘nb\iu‘n charge gives moles of atoms.
IX b) : e ? ’
~ known charge number of atoms (Avogadro’s number).
X b) lado H \'ﬁethod involves titration of iodine formed by DO. Itis a
A redox reaction measured using iodometric titration.
N o ; :
> A positive E° means the ion gains electrons easily. It is more likely to
| % 5
A g Jans tedvel) be reduced than hydrogen.
: More current increases the number of electrons flowing per second.
Xi d) Increase current

This speeds up ion discharge and increases the rate of electrolysis.

- | SHORT ANSWER QUESTIONS | -

Q.2 'Attempt the following short-answer questions:

a. How and why electrical double layer is formed?

Ans. An el_ectrica'l double layer forms at the interface between a solid electrode and an electrolyte solution. It
consists of two layers: a layer of charge on the electrode surface and a layer of opposite charge in the solution.

. This structure arises due to electrostatic interactions between the electrode %r}dﬂe ionsAny lution.

b. Why electrode potential of Cu is called reduction ppgenﬁaﬁ,\ (\m\\J / @\30\9

Ans. The electrode potential of Cu is called a redut ¢nt @eﬁaﬂé it represents the tendency of Cu?*
ions to gain electrons (reductlon)ﬁ\ /K positive value indicates a strong tendency to
gain electrons. ,nvr\‘ﬂ A 2

.C.  What are the advaWs\aﬁ’Bridgé in a galvanic cell?

Ans. A salt bridge: e
e Maintains electrical neutrality by allowing ion flow between half-cells.

« Prevents the solutions from mixing while completmg the circuit.
« Enables continuous electron flow, allowing the cell to produce eIectncnty
d. How can we predict the feasablllty of a chemical reaction using the cell voltage? >
Ans. The feasibility of a reaction can be predicted by calculating the standard cell potential (Eg,,). A positive
E2, indicates a spontaneous reaction, while a negative E;,, suggests a non-spontaneous reaction.

e. During electrolysis of aqueous NaCL, why Na is not liberated at the cathode?

Ans. Sodium (Na) is not liberated at the cathode during the electrolysis of aqueous NaCL because water has a
lower reduction potential than Na* ions. Therefore, water is reduced to hydrogen gas instead of Na* being
reduced to Na metal.

f.  Calculate the Ox. No. of chromium (Cr) in the followmg compounds: @ @ \&\3\3
(i) cree, (ii) Cry(SO,); (.@ crioir (\ (\w

Ans. Oxldatlon Number of Chromium (8 \EU\/)U =

(i) Crcls: @

Given Data: / Oxidation =
Required: Oxidati erofCr=x =7

Solution: :
Oxidation No. of Cr + 3(Oxidation No. of C{) =0
x+3(-1) =0
=0
X =+3

Oxidation Number of Cr is +3 in CrCLs.



(ii)

(iii)

Crz(SO4)3: 3 ) :

Given Data:  Oxidation Number of O @ @©
: Oxidation Number of S = @@

Required: Oxidation Numbergftr = XK“

Solution: &\ :: \\ \

2(Oxidation No. of o. of S) + 12(Ox1dat|on No.of 0)=0

3(+6) + 12(-2) =

2x+ 18-24 =
2x = 24 18 =+6
S =
OX|dat|on Number of Cr is +3 in Cry(SOa)s.
€r0; ¢

Given Data:  Oxidation Number of O = -2
Required: Oxidation Number of Cr=x =?

Solution:
2(0xndat|on No. of Cr) + 7(0xndat|on No. of O) =-2
2x+7(-2) .=
2x =14 = -2

2 = +14 —; it 5 @@ @W@O@@

Oxidation Numbér of Cris +6 i@ﬁ%%
fay

ii)

The order of decreasin \éﬁﬁ\\e{\a'fs based on their position is K > Mg > Zn > Fe > Cu. Write
balanced cheﬁ@!ﬁ@%ﬁm t the reactions that would occur (|f any) when:
Copper is adde a solution of magnesium sulphate.
Iron is added to a dilute solution of hydrochloric acid.

Ans.

i) Copper is added to a solution of magnesium sulphate:
No reaction occurs because copper is less reactive than magnesium.
ii) Iron is added to a dilute solution of hydrochloric acid:

Fe(s) +2HC/ T e FeC/ 2ag) T Hz(g)

Explain why some metals higher in the activity series can displace hydrogen from acids, while others
lower in the series cannot. :

Ans. |
: electfons'(oxidize) compared to hydrogen. When reacted with acids, these metalsdisplace H* "

Metals higher in the activity series (e.g., Zn, Mg) are more reactive and have a greater tendency to lose :

ions (reducing them to H, gas) because their reduction potential is lower than hydrogen's.

Metals lower in the series (e.g., Cu, Ag) are less reactive than hydrogen Their redu potential is higher,
meaning they cannot supply electrons to reduce H* ions, so the 3pl n from acids.

In short, electrochemical reactivity (position in th@er/n{s\ﬁh@\ (n\e

Calculate the number of Fara V \Os'éof Ag' 63 5 g of Cu®* and 27 g of M3+
a3y pequited 1

Ans.

Number of Faradays=Mas ﬁﬂéel(ﬂ}fquwalent mass of substance
The equwalen ated as:

Molarmass Molarmass (M)
- Valency (n)
1. For 108 g of Ag* (Silver)
Molar mass (Ag) = 108 g/mol
Valency (n) = 1 '




Equivalent mass (E) = %ﬁ =108 g/e uivalent Wa @@m

Number of Farad% W?%’\
2. For 63.5 g of Cu?* (Co Q
' 63.5 g/mol
Valency (n) = 2
Equivalent mass (E) = -6—?;—5 = 31.75 g/equivalent
: 63.5g
| Number of Faradays = 31 75g/equnvalent
3. For 27 g of AL** (Aluminum)
: Molar mass (Al) = 27 g/mol
Valency (n) = 3

- ! 7
Equivalent mass (E) = =9 g/equivalent

3
27E>
9g / equivalent

=3F ©m
Final Answer: @W@ @
o Ag*(108g): 1 Faraday @@
e Cu’ (63.5 g): 2 Faradays mk
e AL* (27 g): 3 Faradays “
(Each Faraday —@R{I&MQ But here we only calculate the number of Faradays.)

Number of Faradays =

In an eIectrolys:s experiment, a current of 0.500 A was passed through a solution of AgNO, for 30.0
minutes. The mass of silver deposnted on the cathode was found to be 0.503 g. Given that the molar
mass of silver is 107.87 g mol™ and the charge on a silver ion is +1. Calculate the value of Avogadro s
number (N,) from this data.

Ans.

Given Data: ;
Current (I) = 0.500 A
Time (t) = 30.0 minutes = 1800 seconds
Mass of Ag deposited (m) = 0.503 g
Molar mass of Ag (M) = 107.87 g mol™?
Chargeon Ag*ion(n) = 1

Step 1: Calculate the total charge passed (Q)

Q = Ixt=0.500Ax 18005 =9 @@‘KS
Step 2: Determine moles of Ag deposited d

Moles of l’@

=4663x103m0l

Step 3: Relate CW ctrons (Faraday’s Law) .
Since Ag*+e” —» ole of Ag requires 1 mole of electrons (1 Faraday 96,485 C).
Total charge required for 4.663 x 10~ mol Ag: :
: Quneory = Moles of Ag x F = 4.663x 107 x 96,485 C
But the actual charge used (Q) = 900 C, so:
: Q 900

=19 0’ I
Molesong 4663x10‘3 e




Step 4: Calculate Avogadro’s number (N,)

Since F = Naxe(wheree= @ @©m
~ e U
Final Answer: Na = 6.02 x 1023ﬁ1g\“

i

N \J L™ &
k. A cell is set up Wandard nickel electrode (Nl(aq) +2e” —Ni,, E°=-0.25V) and a standard
cobalt electrode (Co(,q, +2e"——Co, E°=-0.28V). :
i) Identify which metal will be the anode and which will be the cathode. Justify your answer.
ii)  Write the balanced overall cell reaction.
iii) ~ Calculate the standard cell potential (ES.)
Solution: : :
Identifying Anode and Cathode
* Standard Reduction Potentials (E°): v
Nt 20t e Nis) E°=-0.25V
* Co™+2e” = (Coy E°=-0.28V
e - Comparison:
®  Nickel has a less negative (hlgher) reduction potentval than ¢ a
= Cathode (Reduction): The electrode with the hig i . ?(Nl“/Nl)
= Anode (Oxndatlon) The elec rode w1t @r on potential (Co?*/Co), where oxidation -
occurs.
Justification:
Since, Eini > E( ms electrons (reductlon) at the cathode while Co loses electrons (oxidation)
, at the anode.
ii)  Balanced Overall Cell Reaction
* Oxidation at Anode (Co): Coy —>Cojr) +2e”
e Reduction at Cathode (Ni): Nl(aq) +2e" —>Ni,
¢ Overall Reaction: Nl(aq) +2e” —>Ni
i) Standard Cell Potential (E°cell)

EO

anode

(-0.25V) - (-0.28 V) = +0.03 V

e The positivé Ecei confirms the reaction is spontaneous.

* Cobalt (anode) dissolves, while nickel (cathode) ) deposits.
Final Answers:

i) Anode: Co, (oxidation)

Cathode: Nif,,, (-reduction) % 5 K“@ @W

ii) Nl(aq) +Coyy — > Ni) + Co(aq) KX
i) Ex, =+0.03V

EO

cathode



- DESCRIPTIVE QUESTIONS /@O@@

SERUER AR BN TEN

Q.3

How electrode potential varies wi Wn aqueous solution? Use the NERNST equation to
explain this variation. _ «\[] .

Ans.

See Page No. (356)W N g

Q.4

How Avogadro's number can be derived using an electrolytic celi?

Ans.

See Page No. (345)

Q.5

Describe the construction and working principle of the Zn — Cu Galvanic cell.

Ans.

See Page No. (351)

Q.6

What is meant by Standard Hydrogen Electrode (SHE)? How it is used to measure the electrode potential
of another electrode?

Ans.

- NUMERICAL PROBLEMS - '

See Page No. (348)

Q.7 Calculate the electrode potential for a zinc electrode |mmersed D O@{&H\éoluﬂon of zinc
sulfate (ZnSO,) at 298 K. The standard electro /@t e Zn(s) is —0.76 V. (Gas
constant, R=8.31J K™ mol™?, Fara&m ol™)

Given Data: \)\)U =

e Standard electr til E =—0.76 V (for Zn** + 2e”
e - Concentration ofZn™* ([Zn?']) = O 010 mol dm™3

e  Temperature (T} =298 K

e Gasconstant (R) = 8.31 JK™ mol™

e Faraday constant (F) = 96500 C mol™

e n(number of electrons transferred) =

Zng))

Nernst Equation:

P —-R-Iln 1+
nF [ZnZ ]

Since the activity of solid Zn({s) is 1, the equation simplifies to:

E =F° —O'Osgllogm[ZnT]

RTIn (10)

(At 298 K, = 0.0591 V)

F o
Substitute Values @wao@
Y&Z@ @

=-0.76 + 0.0591

E = -0.7009V
E =-070V

Ioglo(_0.0IO) =-2)

Final Answer:
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0.25 = 0-F°

NiZ* /Ni

2\
Eva: = 025V Q @@@W
e

Anode and Cathode IdentificationO

» Anode (Negative terminal): Nig)

e Cathode (Positive P {reduction).
N

- "ADDITIONAL SLOs BASED MCQs -

10.

11.

12.

13.

14.

By electrolysis of brine solution which of the following is deposited at anode?

A. H; B. C/z C. 0 - D. Na
Which of the following is reducing agent?

A. KMnO4 B. HI s chr207 D. HzSO4
The oxidation number of Mn in potassium manganate is:

A. +7 B. +6 C4b D. +2

All of the following statements about (oxidation) state is / are correct EXCEPT:
A. Itis apparent charge on an atom in a compound B. Its value is either zero, positive or negative
C. It can be variable D. Maximum oxidation state can be +7

In the extraction of Al by electrolysis. Why it is necessary to dissolve Al,O; in.mo @e?
A. Cryolite provides the ions needed to carry current B. To.decre i the electrolyte
C. Cryolite reacts with ALOs to form ions - ag& t conduct electricity

All of the following is / are characteristi
A. Electrical energy into chemical e “Anode has negative charge and cathode positive charge
ﬁ D. Endothermic process

C. Reverse of addition reacti

A solution of copp h i(; electrolyzed using copper electrode, which of the following would be
happen? :

A. The anode loses weight B. The cathode loses weight

C. The solution darkens in colour D. The solution lighters in colour
Which is not a galvanic cell?

A. Daniel cell B. NICAD C. Fuel cell D. Dry Cell
Voltage of silver oxide battery is:

A. 1.5V B.1.8V €. 2V D:22
Coinage metal Cu, Ag, Au, are the least reactive because they have:

A. Negative reduction potential B. Positive reduction potential

C. Negative oxide potential D. Positive oxide potential

The following standard half cells are connected
Cd”,, +2¢ == Cd, E’red = -0.40v

(uq )

+2 ~ ~ 0 =
) Ag " te == Ag E’red =+0.80y @o@©m !
What is cell potential of the Cd electrode relati J @@

A.-2 .0v B. - 0.04v D. +0.40v
SR Q)
Zinc displaced copper from copper&
t per

A. Atomic no. of zinc is highe t

B. Zinc has more ne e potential than copper

C. Zinc has positive electrode potential than copper

D. Zinc sulphate is more soluble in water than copper sulphate

The cell reaction Zn + Cu®(aq—> Zn*%,q+Cu, is best represented by:

A.Cu|Cu®™ | |Zn* |Zn B.Pt|Zn" | |Cu** |Cu C.Zn|Zn*" | |Cu** |Cu D.Zn|Cu** | |Zn* |Cu
Which of the following is type of electrolytic cell? v
A. Ni—Cd cell B. Down’s Cell C. Silver oxide cell D. Dry alkaline cell *




15.

Sr.No. | Option |

If the salt bridge is not used between two half cells, then the voitage:

A. Decrease rapidly B. Decrease slowly . Dpe ﬂ# to zero

Explanations

1 B fyse 8f Brihe soln. CI and OH-are present at anode according to E.C series OH'
oxidize to give O,but to high cone. CI is oxidized to give Cl; at anode.

2. B Among the following the reducing agent is HI.

3. B The oxidation number of Mn in K;MnOQ, is+6.

4, D The correct statement among the following is maximum oxidation state can be +7.

B In the extraction of Al by electrolysis. It is necessary to dissolve Al,Os in molten cryolite to

5. decrease high melting point of the electrolyte.

6. B The incorrect statement about electrolytic cell is anode has negative charge and cathode
positive charge.

7. D A solution of copper (1) sulphate is electrolyzed using copper electrode then solution lighters
in colour.

8. C Fuel is not a galvanic cell.

9. A Voltage of silver oxide battery is 1.5V. SN

10. B Coinage metal Cu, Ag, Au, are the least reactive b y@@\b\ééﬁive reduction
potential. el (\(‘?\W o

11. C Element with low R.P ilM@Wf%Mm be=+0.40 Ag with high R.P will
be reduced red pot @iﬁ = Qé : ding both weight = +1.20V

12. B Zinc displaced pﬂ\ﬁ’ghUcb)p\ﬁer sulphate solution because Zinc has more negative
electrasls than copper.

13. ¢ Zn|Z0¥ T |Cu* [Cu

14. B Electrolytic cell like Down’s cell uses electricity to carry out non-spontaneous chemical
reaction.

15; D

Due to charge accumulation, flow of eis stopped and voltage drop to zero.

- ADDITIONAL SHORT ANSWER QUESTIONS -

Q.1 What is Winkler method?

Ans. Winkler method is a technique used to measure the amount of dissolved oxygen (DO) in water
samples. It is based on the idea that dissolved oxygen (DO) in the sample solution, has oxidizing
properties and reacts with KI. The amount of iodine formed is measured by titrating with sodium
thiosulfate using starch as an indicator which turns the SOIUEQW '@@ : he endpoint.

- The amount of iodine formed is proportlonaHo t@\ afrtga\u{r\t@\ 3’!{ 8 gen in the solution.

Q.2 Differentiate between dissolve @?\W&%ﬁé@é nd.

Ans.

Dis. ~lved oxygen (DO) is defi Qﬂ\ﬁé\}h\éﬁnt of oxygen dissolved in water. It is dissolved either
from the atmosp §ed by plants during photosynthesis in water. Its concentration is
between 5 to 8 mMmmum level of DO should be 5 mg/ dm3. Below 5 mg/dm?, the water
supposed to be polluted. ;
The capacity of organic matter in natural water to consume oxygen within a period of five days. The

value of BOD is the amount of oxygen consumed as a result of biological oxidation of dissolved
organic matter in the sample is called biological oxygen demand.




Q.3

g n— s
What is the principle of photovoltaic cell? s R (—\m

Ans.

V

Principle of Photovoltaic Cells @OK\Q\/ "

The central principle behind the operatigi o (g @@o voltaic effect, which involves the
generation of voltage and elegty “ n exposure to light. The photovoltaic effect
involves the excitation of elec alence band to the conduction band in semiconductors,

facilitated by the ns. ThlS process is improved by the presence of a PN junction,
which separate trons and holes, creating a voltage that drives an electric current.

Q.4

Define electrochemistry.

Ans.

Electrochemistry:
“The branch of chemistry concerned with the conversion of electrical energy into chemical energy in
electrolytic cells and chemical energy into electrical energy in galvanic or voltaic cells is called
electrochemistry.”

Galvanic cell

Chemical energy Electrical energy

Electrolytic cell

Q.5 Differences between oxidizing agent and reducing Agent.
Ans. Oxidizing Agent Reducing Agent

(i) A specie which oxidize a substance in a redox | (i) A specie which reduces a substance in a
reaction is called an oxidizing agent or oxidant. redox reaction is as a reo icing

e il

(ii) In the process, the oxidizing agent |s m Q&e&ss the reducing agent is

£ (%\K\ ed itself.

(iii) An oxidizing agent gain (iii) The reducing agent lose electrons and
number decrea @\X €action. e.g., its oxidation number is increased.
KMnOdW}Q&}M 04, HNO;3, CL,, Br; etc. e.g., FeSO,,HI,SO,,Na,K etc.

Q.6 Define Oxidation and Oxidation number. Give two examples.
Ans. Oxidation: There are three definitions
(i) Loss of electron (ii) Loss of hydrogen (iii) Gain of oxygen
Oxidation Number/Oxidation State: i
“The apparent charge on an atom of an element in a molecule or in an ion is called oxidation number or
oxidation state.”
Examples:
(i) Oxidation number of Cris+6in KzCr,07. (ii) Oxidation of Pis + 5 in NazPOs.
Q.7 What is difference between oxidation and reduction process, give one example of each?
Ans. Oxidation Reduction

“Addition of oxygen or removal of hydrogen is ”Addltlon of hydrogen o m

called oxidation” called o @ sboriasid 2nA

e Loss of electron and hence increase) n and hence:ndéerdase in
oxidation number is called-¢xidati tl tion umber is calledredugtionwa
e.g.,Zn——>In"? + 2e % e.g., Cu'? + 2e  —iGloy i3 buabngs®

¢ In electrochemi kes place | » In electrochemical @glgxegggg%t@ggs place
at anodex [\[] at cathode. ;... :

Q.8 Write down the oxidation states of oxygen in peroxide and super oxides. 73 26 bainseawger 2l 8 oo
Ans. Oxidation States of Oxygen in Peroxides and Super Oxides: = 5¥&# Tiw fs 10 DOT & SIQMBXS f*‘%

In peroxides, oxygen has — 1 oxidation state e.g. Hz( Vo2, iaria avitsgen o vevel 2ic “55 2muls 25 Yo

we g ~. 5 1’ i
In superox1de it has —1/2 oxidation state e.g. K*10FY2), 5 5ot S gdis bruos barm syai slduab

SN NS



e e \‘3
Q.9 Calculate the oxidation number of underlined elements: HNO; : QQ\g r)@\ ((’3@\3\3

Ans. HNO; o m HEECaw
Given Data:  Oxidation Number ~%

Oxidation Numb
Required: Oxidation Nu
Solution:

(Oxidation No. of H) + (Oxidation No. of N) + 3(Oxidation No. of 0) = 0

(+1)+x+3(=2) = 0
+1+x—6 = @
X = +6—1=+45

Oxidation Number of N is +5 in HNOs.
CrOs
Given Data:  Oxidation Numberof 0 = -2
Required: Oxidation NumberofCr=x = ?
Solution:
(Oxidation No. of Cr) + 3(Oxidation No. of 0)=0

x+3(-2) = 0

X—6
X +6

©
Oxidation Number of Cr is +6 in C;QY}\ MM“ O
Q.10 Define anode and cathode. S Y\\ \\ \\A\AU\)‘/

Ans. Anode: W o=
. An anode is an el e of a polarized electrical device through which conventional current enters the

device.
Cathode:
An electrode of the device through which conventional current leaves the device.

Y

Q.11 Define electrolytic cell. Give example.

Ans. Electrolytic Cell: ,
In this cell, electrical energy is converted into chemical energy. Non-spontaneous redox reaction takes
place. Electrical energy is used to carry out reaction. Electrolysis takes place. Anode is positive and cathode

is negative. e.g., Down’s cell (to prepare pure Na-metal), Nelson’s cell (to prepare caustic soda
——;commercially) etc.

e electrode potential and standard electrode potential.

: ST

B

Ans. Electrode Potential:
i

o
. 7l =:Thetendency of a metal to form its ions or get sepqis&t @W@is dipped into solution of its

aQ
oo

ownions is called electrode poten&%1
“17 "The potential set ip wWhen-a el % @contact with one molar solution of its own ions at 298 K is
RN

Itis rebresenté& as E°. =
" For example, a rod of Zn ave an accumulation of negative charge owing to the net ionization of some
of its atums. This layer of negative charge will attract Zn*? ions around the rod. In this way, an electrical

double layer is formed around the Zn rod as shown in figure. The equilibrium state is represented as

Ing =—= Zn(;i, + 2e”



Q.13 What is Standard Hydrogen Electrode (SHE)? Explain with the help oj,gi,a@‘. @3@\3\5\3

with a layer of finally divided plati rge surface

Ans. Standard Hydrogen Electrode (SHE): O \mﬂ Lo _
A standard hydrogen electrode consi %ﬁ@%& |@i ik coated )
a
i

and is connected with a plati mmersed in 1 M HCL solution. {
Pure H; gas at on e Fessure is continuously bubbled into 1 M /1:/"‘-‘1

HCL solution.

The platinum acts as an electrical conductor and also facilitates the

attainment of equilibrium between the gas and its ions in solution

electrode potential (oxidation or reduction) of this standard hydrogen

electrode is arbitrarily taken as zero at all temperatures.
E°=0.00V

area) P \ £5+=0.00V

i, = e—Hy(g) at

1 atm

. The

o ; Finely divided
ad Pton Pt

S 100

Q.14 Write down the importance of standard Hydrogen Electrode (SHE).

Ans. Importance of Standard Hydrogen Electrode (SHE):
e SHE is used as a standard electrode.

e Standard Hydrogen Electrode is used as a reference electrode and has a potential of 0.0 voits.

e SHE is used to find the reduction potential of different electrodes.
e SHE serves as a medium for cell potential calculations.

, o
Q.15 Differentiate between Galvanic cell and Electrolytic cell, mw(%\()@@u ¥

Vo

Ans. Differences between Galvanic Cell and Electrolytic€etr \\ \ | \\ | |}
‘ Electrolytic Ceth{\ ~~\\ YA\NTJ "

Voltaic/Galvanic Cell

chemical energy

— .
e In this cell, electrical en f\ii\%&t\eh\‘i)nto e In this cell, the chemical energy is converted
B Nw o
A

into electrical energy.

SNV S - :
® Non-spontar}e&is redox reaction takes place. | ® Spontaneous redox reaction takes place.

e Electrical energy is used to carry out reaction. | ® Electrical energy is generated by a chemical

commercially) etc.

reaction.
e Electrolysis takes place. e No electrolysis takes place.
e Anode is positive and cathode is negative. e Anode is negative and cathode is positive.
e Example: Down’s cell (to prepare pure Na- | ¢ Example: Zn-Cu cell (Daniel cell), lead storage
metal), Nelson’s cell (to prepare caustic soda battery, silver oxide cell etc.




' SELF~-ASSESSMENT |[*CIJGI& S0N

Total Mark: 30
Q.1 Encircle the correct option. (1x6=6)
()  Which of the following half-reactions represents a red
A. Zn(s) _)Zn2+(aq) + Ze_ B- Fe2+(aq) =R Fe3+(aq) < & 4] 7 D 2H+(aq) + Ze' > Hz(g‘,

(i) The activity series of metals ar

A. Atomic mass B. Densi C. Ease of oxidation D. Ease of reduction
(iii) The Nernst equati étrode potential to: :
A. Temperature o B. lon concentration and temperature

C. Pressure only D. Volume only
(iv) In the Cu-Zn galvanic cell, metal which oxidized is:
: A. Copper B. Zinc C. Both D. Neither
{v) The principle of measuring DO by Wrinkler's Method is based on ;
A. lodimetry : B. odometry : C. Acid-Base titration D. Complexometry

- (vi) Which of the following changes would typically lead to an increase in the rate of electrolysis?
A. Decreasing the concentration of the electrolyte
B. Increasing the distance between the electrodes
C. Decreasing the surface area of the electrodes

- D.lIncreasing the current passed through the electrolytic cell

Q.2 Write short answers of the following questions. a2a) . (2x8=16)

: () Determine Oxidation No. of Oxygen (O) in Na,0 @ L L =
(i) What is the function of salt bridge in the voltaic esll? @W g0

(iii) Why bromine does not react with chloride ipns

/(iv) Calculate Number of Faradays rég

- (v) How and why electrical double | 5 \ ed:
(vi) Write the principle ethod for measuring BOD.
(vii) What is meant by erm standard electrode potential?

(viii) The photovoltaic cells generate electricity. How?

Q.3 Extensive Questions. ‘ (2x4=8)

(a) How electrode potential varies with concentration of an aqueous solution? Use the NERST equation
to explain this variation. - 5 '

(b) Calculate the electrode potential for a zinc electrode immersed in a 0.010 mol dm™3 solution of zinc
sulfate (ZnS04) at'298 K. The standard electrode potential (E°) for Zn?* + 2e- ==—= Zn is—0.76 V. (Gas
constant, R=8.31J K™ mol™', Faraday constant, F = 96500 C mol™)

F

. o

P



