Ch 18 Electrochemistry %f‘*gﬁ—‘»

Electrochemistry is the study of the interconversion of electrical and
chemical energy.
3
This conversion takes place in an electrochemical cell.
3
1. Voltaic cell. (fﬁ*%’%ﬁ)
2. Electrolytic cell. (?ﬁ%ﬁ%—’?ﬁp)

§ Redox reaction:

contains reduction and oxidation reaction.
Reduction: electrons are consumed.
Oxidation: electrons are produced.

The number of electrons consumed in reduction must be exactly equal
to the number (of electrons) produced in oxidation half-reaction.

§ Electrochemical cell:

Cathode [=4: reduction reaction.
Cu*(aq) + 26 %%® Cu(s)
Anode [F#i: oxidation reaction.
Zn(s) ¥4 Zn**(aq) + 2e

Anions (J£%%5") moves to anode, cations ([#%%+") moves to cathode.

Cathode [&fiy: 4% & BRI~ T, S8R D, P& (™.
Anode Ay 3824 S5 [2M s, RPN, BERLURL

Voltage (R Fi): Is a measure of reaction spontaneity. Cell voltages
depend on the nature of the half-reactions occurring at the electrodes and on

the concentrations of speciesinvolved. E =E° - EF InQ
n



From the voltage measured at standard concentrations, it is possible to
calculate the standard free energy change (DG° =-nFE®) and the equilibrium
constant (DG° =- RT InK) of the reaction involved.
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§ 18-1 Voltaic Cell (4™ E¥)

Any spontaneous redox reaction can serve as a source of energy ina
voltaic cell.
3
The cell must designed that oxidation occurs at anode with reduction at
cathode.
3
The electrons produced at the anode must be transferred to the cathode,
where they are consumed.

§ The zn-cu* cdl:

When a piece of zinc is added to a water solution containing Cu* ions,
the following redox reaction takes place:

Zn(s) + Cu®*(aq) %% Zn*(aq) + Cu(s

Cu metal plates out on the surface of the zinc. The blue color of the
agueous Cu* ionsfadesasit isreplaced by the colorless agueous zn** ion.

T TR [
1

Fig. 18.1: zn-cu* spontaneous redox reaction.
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Using the zn- Cu* reaction as a source of electrical energy, the
electron transfer must occur indirectly; that is the electrons given off by zinc
atoms must be made to pass through an external circuit before they reduce
Cu* to copper atoms.

s [ Waimers

Fig. 18.2: A zn- Cu* voltaic cell.

The voltaic cell consists two half-cells:

¢ azinc anode dipping into a solution containing zn* ions. (on the right of
Fig. 18.2)

g aCu cathode dipping into a solution containing Cu® ions. (on the left of
Fig. 18.2)

g The “external circuit” consist of a voltmeter with leads to the anode and
cathode.

§ The zn | zn*pP cu* | cu voltaic cdll:

1. At the Zn anode: electrons are produced by the oxidation half-reaction.
Zn(s) %W Zn**(aq) + 2e
“pumps” electrons into the external circuit, is ordinarily marked as the
“negative pole” of the cell.

2. Electrons generated at the anode move through the external circuit to the
copper cathode. At the cathode, the electrons are consumed, reducing Cu*
ions present in the solution around the electrode.

Cu®(aq) +2e¢ %3 Cu(s



The electrode, which “pull” electrons from the external circuit, is
considered to be the “positive pole” of the cell.

3. A surplus of positiveions (zn**) tendsto build up around the zinc
electrode. The region around the copper electrode tends to become deficient
in positiveions as (Cu®) are consumed.

3
To maintain electrical neutrality, cations must move toward the
copper cathode or, alternatively, anions must move toward zinc anode. In
practice, both migrations occur.

§ Salt bridge:

The movement of ions occurs through a salt bridge connecting the two
beakers.
3
An inverted glass U-tube, plugged with glass wool at each end.
3
The tube is filled with a solution of that takes no part in the electrode
reactions; potassium nitrate KNO,, is frequently used.
3
K* ions move from the salt bridge into the cathode half-cell. NO,
ions move into the anode half-cell.
3
Electrical neutrality is maintained without Cu* ionscomingin
contact with the zinc electrode, which would short-circuit the cell.
3
Fig. 18.2 is often abbreviated as; zn | zn* P cu* | cu

In this notation:

¢ The anode reaction (oxidation) is shown at the left. Zn atoms oxidized to
Zn** ions.

§ The salt bridge is indicated by the symbol P.

§ The cathode reaction (reduction) is shown at theright. Cu** ionsare
reduced to Cu atoms.

§ A single vertical line indicates a phase boundary, such as that between a
solid cathode and an aqueous solution.



§ Other salt bridge cells:

Example 1:
Ni(s) + Cu® (ag) %% Ni* (aq) + Cu(s)
Anode: Ni; solution: NiCl, or NiSO,
Cathode: Cu; solution: CusO,
3
Thecell notation: Ni | Ni#P cu?* | cu

Example 2:
Zn(s) + 2Co> (aq) % 3® Zn**(aqg) + 2Co* (aq)

Anode: Zn; solution: ZnSO,

Cathode: because no metal involved in the cathode half-reaction, an inert
electrode that conducts an electric current is used.
3
“platinum”
Solution: Co(NO,),
\  anode: Zn(s) %% Zn*(aq) + 2€
Cathode: Co*(aq) +e 3% Co*(aq)

Thecell notation: zn | zn? P Co*,Co* | Pt

1 indicate the presence of an

inert electrode as cathode.

Ex 18.1: When chlorine gas is bubbled through an agueous solution of NaBr,
chloride ions and liquid bromine are the products of the spontaneous
reaction. For the cell,

a). Draw a sketch of the cell, labeling the anode, the cathode, and the
direction of electron flow.
b). Write the half-reaction that takes place at the anode and at the
cathode.
c). Write a balanced equation for the cell reaction.
d). Write a abbreviated notation for the cell.
Ans:
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Fig. 18.4: Acl,- Br, voltaic cell.

b). cathode: Cl,(g) +2e %3 2Cl (aq) (reduction)
anode:  2Bri(aq) %% Br,(l) +2¢e (oxidation)
c). Cl,(g)+2Br(aq) %% 2Cl (aq) +Br,(l)

d. Pt | Br ,B,PcCl, ,Cl" | Pt

§ Summarization:

¢ avoltaic cell consists of two half-cells. They are joined by an external
electrical circuit through which electrons move and a salt bridge through
which ions move.

¢ each half-cell consists of an electrode dipping into a water solution.

g inone half-cell, oxidation occurs at the anode, in another, reduction takes
place at the cathode.

§ 18-2 Standard Voltages, E°. ;[:gz,%?&.-_r

The driving force behind the spontaneous reaction in a voltaic cell is
measured by the cell voltage.



3
An intensive property.
3
Independent of the number of electrons passing through the cell. Cell
voltage depends on the nature of the redox reaction and the concentrations of
the species involved.

The standard voltage for a given cell is that measured when the current
flow is essentially zero, all ions and molecules in solution are at a
concentration of 1 M, and all gases are at a pressure of 1 atm.

Ex: zn-H*cell; zn | zn*P H*,H, | Pt
Zn* andH* areboth 1 M, and the pressure of H,(g) is1atm.
3
The cell voltage at very low current flow is +0.762 V.
3
The standard voltage, E°.
Zn(s) + 2H*(ag, 1 M) %% Zn*(ag, 1 M) +H,(g, 1am) E° =+0.762V

§ E°, andEY:
E°, : standard reduction voltage.
ES. : standard oxidation voltage.
E* =Ey +E, (18-1)

For Zn | zn*P H*,H, | Pt cell:
+0.762V =E°, (H*® H,) +E’ (Zn® Zn*)
There is “no way” to measure the standard voltage for a half-reaction,
only E° canbe measured directly.
3
To obtain values for E? and EY,, the value zero is arbitrarily assigned
to the standard voltage for reduction of H* ionsto H, gas:

2H*(ag, 1M) +2¢ %% H,(g, 1am) E°, (2H* ® H,) =0.000V
QE = Eu+ E,
\  Zn(s) %% Zn*(ag, 1 M)+ 2e E2 (Zn® Zn*)=+0.762V
3

As soon as one half-reaction voltage is established, others can be
calculated.



Ex: zn | zn®p cu* | cu cel:

E°=+1101V; E’ (Zn® Zn*)=+0.762V

Q E°= E, (Cu” ® Cu)+ E (Zn® Zn*)
+1.101V = E2, (Cu®™ ® Cu) + (+0.762 V)

\ E°, (Cu* ® Cu)=+0.339V

3
Standard E?, isgivenin Table 18.1.

R

Standard potential = E2, b JEH %%%';I/FJ‘:*}J

Zn*(aq, 1M) +2e %3 Zn(s) El, =-0.762V

§ E°: standard oxidation voltage

To obtain the standard voltage for an oxidation half-reaction, all you
have to do is “change the sign of the standard potential listed in Table 18.1”

\ Zn(s) %@ Zn*(aq, 1 M) + 2¢ E =-E, =+0.762V

3
Standard voltages for forward and reverse half-reaction are equal in
magnitude but oppositein sign.

§ Strength of Oxidizing and Reducing agents
The strength of an oxidizing agent is directly related to the standard

voltage for its reduction, E?,.
B E. - P oxidizing agent strength -

The more positive E?, is, the stronger the oxidizing agent. The



strongest oxidizing agents are those at the bottom of the left column.

Cr,0* E°, =+1330V
Cl, E°, =+1360V
F, E°, =+2.889V
The strongest reducing agents are listed in the top of the right
column.
Li ES =+3.040V
K ES =+2.936V

The more positive E?, is, the stronger the reducing agent.

Reducing agent: K, Ba, Sr, Ca, Na, Mg, Al, Mn, Zn, Cr, Fe, Co, Ni, Sn, Pb, H,
Cu, Hg, Ag, Pt, Au.

Ex. 18.2: Consider the following speciesin acidic solution: MnO, , I, NO,’,
H,Sand Fe**, Using Table 18.1.
a). classify each of those as an oxidizing agent and/or reducing
agent ?
b). arranging the oxidizing agents in order of increasing strength ?
¢). do the same with the reducing agents ?

Ans:

From Table 18.1:
MnO, : MnO, (aq) + 8H"(ag) + 56 %% Mn*(ag) + 4H,0 E’, =+1512V
I 21" (ag) %3 1,(s) + 2 E° =-0.534V
NO, : NO, (ag) +4H"(ag) + 3¢ %3 NO(g) + 2H,0 E;, =+0.964V
H,S:  H,S(aq) %3 S(s) +2H'(aq) + 2e E° =-0.144V
Fe™ : Fe™'(aq) + 26 %3 Fe(s) E°, =-0.409V
Fe** Fe** (ag) %® Fe*(aq) +€ E. =-0.769V

\ a). oxidizing agents: MnO, Er, =+1.512V
NO, E,, =+0.964V

Fe* E°, =-0409V

reducing agents: I E; =-0.534V

H,S E° =-0.144V

Fe* E° =-0.769 V

b). the strength of oxidizing agents: Fe** <NO, <MnO,
c). the strength of reducing agents:. Fe’* < I” < H,S
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§ Calculation of E° from E°, andE2,
EO = E?ed + ng

Ex. 18.3: Consider the voltaic cell in which thereaction is
2Ag*(aqg) + Cd(s) %3 2Ag(s) + Cd** (aq)

a). Use Table 18.1 to calculate E° for the voltaic cell.
b). If the value zero is arbitrarily assigned to the standard voltage for

the reduction of Ag” ionsto Ag, what is E°, for the reduction of

Cdionsto Cd ?

Ans:
a). 2x[Ag'(aq) +e€ %3 Ag(9)] E,, =+0.799V
Cd(s) %% Cd**(aq) + 2€ E° =+0.402V
2Ag'(ag) + Cd(s) %W 2Ag(s) +Cd*(ag)  E° =E, +E,
=+1.201V
b, E°=E,+E);IifE, =0V
b E°=0+E’
ES =+1.201V
E°, =-1.201V

Conclusions:
1. Thecalculated voltage, E°, issaways a positive quantity for a reaction

taking place in a voltaic cell.
2. The quantities E°, E2 andE°, are “independent” of how the equation for

the cell reaction is written.
R

Intensive property.

§ Spontaneity of redox reactions
If the calculated voltage for a redox reaction is a positive quantity, the

reaction will be spontaneous.
E°>0 b spontaneous reaction

Ex. 18.4: Using standard potentials listed in Table 18.1, decide whether at
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standard concentrations
a). the reaction

2Fe (ag) + 21 (aq) %3 2Fe* (aq) +1,(9) will occur.

b). Fe(s) will be oxidized to Fe** by treatment with hydrochloric
acid.

c). aredox reaction will occur when the following species are

mixed in acidic solution: ClI-, Fe**, Cr*, L,.

Ans:
a). 2x[Fe*(aq) +e %% Fe&(aq)] E°, =+0.769 V
21" (aq) ¥4 1,(s) +2¢e E;, =-0534V
2Fe’ (aq) + 21 (aq) %@ Fe**(aq) + 1,(9) E° = (+0.769 V) + (-0.534 V)
=+0.235V

QE°>0 b \ spontaneous
b). oxidation half-reaction of Fe(s):

Fe(s) %% Fe**(aq) + 2 E;, =+0.409V
hydroloric acid: reduction reaction:
2H"(ag) + 2 33 H,(g) E;, =+0.000V

Fe(s) +2H"(ag) %3 Fe™ (aq) +H,(g)
E° =E, +E;, =(+0.000 V) + (+0.409 V)
=+0409V b \ gpontaneous

c. CI': 2CI(aq) %%® Cl,(g)+2¢ E° =-1.360V
Fe*: Fe™(ag)+2e %% Fe(s E’, =-0.409V
Fe** (ag) %® Fe*(aq) +€ E2 =-0.769V
Cr*: Cr**(aq) %3%® Cr*(aq) +€ E° =+0.408V
l,: 1,(s) +2e %% 21" (aq) E, =+0.534V
\ E°=E° +E >0
R
The only combination reaction is: |, react with Cr** :
1,(s) +2e %W 21" (aq) E;, =+0.534V
2" (Cr*(aq) %% Cr*(aq) +2e ES =+0.408 V

I,(s) +2Cr**(aq) %% 2" (aq) +2Cr**(aq) E°=+0.942V

§ 18-3 Relations Between E°, bG°, andK
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DG°: the standard free energy change.
K: equilibrium constant.

§ E°andDG°:
From thermodynamics:

DG®° =-nFE°

n: the number of moles of electrons transferred in the reaction.
F: Faraday constant; 9.648x10* J/mol »/

DG° <0 b spontaneous reaction

§ E°andK:

From thermodynamics (Ch. 17):

DG° = -RTInK
DG° =-nFE°
\ -RTInK=-nFE°
E° = EInK
nF

if T=25°C=298K
RT _ 8.31Jmol>xK x298K
F 9.648x10* Jmol »/

Ve = 90257 (T=298K)

=0.0257 V

if E°>0 P K>1
E°<0 b K<1

Ex. 18.5: For the reaction:

(18-2)

(18-3)

3Ag(s) + NO, (aq) +4H"(aq) %% 3Ag’(aq) + NO(g) + 2H,0

Use Table 18.1 to calculate, at 25°C
a). DG° h).K
Ans:
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a). 3 x[Ag(s) %% Ag'(ag) +€] E;, =-0.799 V

NO, (ag) +4H"(aq) + 3¢ %% NO(g) +2H,0 E =+0.964V
3Ag(s) + NO; (ag) +4H"(aq) ¥43® 3Ag'(ag) + NO(g) +2H,0 E° =E;, +E,
= +0.165 V

DG° = -nFE°
=-3x9.468x10* x0.165
=-4.78x10* J= -47.8 kJ

b). DG° = -RTInK
-4.78x10" J = -8.314x298x%InK
InK =19.3
K =2.39x10°
0.0257

n
0.0257

InK

or E° =

0.165 = InK

K = 2.39x10°

§ 18-4 Effect of Concentration on voltage

Standard voltage: gas: 1 atm
Aqueous solution: 1 M

3
When the concentration of areactant or product changes, the voltage

changes as well.
1. Voltage will increase if the concentration of a reactant is increased or that of
aproduct is decreased.

[reactant] - b E° -
[product] P E° -

2. Voltage will decrease if the concentration of a reactant is decreased or that of
aproduct is increased.

[reactant] P E°
[product] - P E°

When avoltaic cell operates, supplying electrical energy, the
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concentration of reactants decreases and that of the products increases.
3
As time passes, the voltage drops steadily. Eventually it becomes zero.
3
The redox reaction taking place within the cell is at equilibrium.

§ Nernst equation

From Ch. 17:
DG =DG° + RTInQ
DG° =-nFE°; DG =-nFE % *:
-nFE = -nFE° + RTINQ

E=E°- EInQ
nF

T=298K; Nernst equation:
0.0257
n
Q: reaction quotient
aA+bB ® cC+dD
[C]°{D]"
[A]*4{B]°

E=E°- InQ (18-4)

Q:

Discussion:

1. If Q> 1, which means that the concentrations of products are high relative
to those of reactants, InQ is positiveand E < E°.

2. If Q < 1 (concentrations of product low relative to reactants), InQ is
negativesand E> E°.

3. 1fQ=1 b INQ=0b E=E"

aA(s) + bB(ag) ® cC(aq) +dD(g)

_ [CIF AR’
AR

Ex. 18.6: Consider a voltaic cell in which the following reaction occurs

0,(9,0.98atm) + 4H" (aq, pH=1.24) + 4Br" (ag, 0.15M) %23 2H,O + 2Br,(I)

a). Calculate E for the cell at 25°C .
b). When the voltaic cell isat 35 °C, E is measured to be 0.039 V.
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What isE®°a35C.
Ans:
a). O,(g)+4H"(ag) +4e %% 2H,0 E, =+1.229V
4Br  (aq) %23 2Br,(l) +4e E, =-1.077V
O,(g) +4H"(aq) + 4Br (aq) %% 2H.,O + 2Br,(I) E° =+0.152V
EO = E?ed + ng
=(+1.229) + (-1.077) = +0.152 V
) 0.0257|n 0

n
0.0257 1
=(+0.152) - 2 In P021>{H*]“ B T
1
(0.98)' X0.58)* ¥0.15)*
= (+0.152) - 0.0643%In(1.8x10°)
=(+0.152) - 0.122 = +0.030 V
] 0.0§57 InQ

0.0257 INQ = 0.039 + 8.31><3,08 i
4x9.648" 10

E=F°

= (+0.152) -0.0643In

b, E=FE°

E°=E+

In(1.8x10%)
=+0.165V

The Nernst equation can be also used to determine the effect of change

in concentration on the voltage of an individual half-cell, E?, or E,.

§ Use of the Nernst equation to deter mine ion concentration
Ex: 18.7: Consider avoltaic cell at 25 “C in which the reaction is
Zn(s) + 2H*(aq) %% Zn**(aq) + H,(9)
It is found that the voltage is +0.560 V when [Zn?*] = 0.85 M,
R, =0988am. WhatisthepH inthe H*- H, half-cell ?

Ans:

2H*(aq) +2¢ %3 H,(g) E°, =+0.000 V
Zn(s) %@ Zn*(aq) + 2€ E: =+0.762V
2H"(aq) + Zn(s) %@ H,(g) +Zn* (aq) E° =+0.762 V
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_ 0.0257

E=F -——InQ
Z 2+11 P 1
(+0560) = (+0.762) - 20257 12" [lH ><] ()
0.200 = 00257, (0.85) x(0.988)
[H*]
084 _ (0202)x2 _ ..
[H*]? 0.0257
L’i =6.72° 10°
[H']
[H*] =353 10*
pH =3.45
Usage: pH meter.
§ 18-5 Electrolytic Cedlls Fﬁ“ﬁ'ﬂ?ﬁ'ﬂsp

A spontaneous redox reaction is made to occur by pumping electrical
energy into the system.

Storags battery

Fig. 18.8: Diagram of an electrolytic cell.

Oxidation occurs at the anode, reduction at the cathode, in both voltaic
and electrolytic cells.

§ Quantitativerelationships
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Quantity of electrical charge:
1 mole electrons = 9.648x10" C.

Rate of current flow: Ampere, A.
1A=1CIs

Amount of electrical energy: J

When a charge of one coulomb (C) moves through a potential
difference of one volt (V), it acquires an energy of 1 J.

1J=1 cw

Electrical energy: kWh
1 kWh = 3.600x10° J = 3.600x10° kJ

e g = :
'-"'J'—E'q.i‘rgiﬁ:‘»_% Electrical Units

Ouantity Unit Defining Relation Conversion Factors
coulomhb (C) 1 &-5=1JN | minl ¢ B8 X T E
ampers (A) i Gy

vilt (V) B JiC

i| 1l 1d=1¥:C 1 KWt LRI

Ex 18.8: Chromium metal can be electroplated from a water solution of
potassium dichromate. The reduction half-reaction is:

Cr,0,” (aq) + 14H" (aq) + 126 %% 2Cr(s) + 7TH,0
27 2

A current of 6.00 A and a voltage of 4.5V are used in the
electroplating.
a). How many grams of chromium can be plated by if the current is

run for 48 minutes ?

b). How long will it take to completely convert 215 mL of 1.25 M
K2Cr,O; to elemental chromium ?

¢). How many kilowatt hours (kWh) of electrical energy are required
to plate 1.00 g of chromium ¢

Ans:
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6.00 A x(48x60)s 2

a). x — %(52.00 g/moal) = 1.55
) 9.648" 10" C/mal 12 ( g ) g

b). 0.215L x1.25M/L x 1—12><9.648’ 10* C/mol =3.11" 10° C

charge _ 311°10° C
current 6.00 A

. 512'0(?0 mol x 1—22><9.648’ 10* C/mol x4.5V =5.01" 10* C»/ =5.01" 10* J

501 10" J
3.600" 10* JkWh

t=

=5.19" 10" s=14.4h

c)

=0.014 kWh

Some electrical energy is wasted in side reactions at the electrodes and
in the forming of heat.

3
The actual yield of productsis less than the theoretical yield.

§ Cdll reactions (water solution) P Electrolysis of water solution

Electrolysis of Water Solutions
Cathode Product

‘Eu!mn_ Anode Product

GuBrslag

A reduction half-reaction occurs at the cathode of an electrolytic cell.
This half-reaction will be:

Cathode:
¢ the reduction of a cation to the corresponding metal.

Ag'(ag) +€ %3 Ag(s) E,, =+0.799 V
Cu*(aq) + 26 %% Cu(s) Ec, =+0.339V

Thisis an electroplating processes, in which a metal object serve as the
cathode.

¢ the reduction of awater molecule to hydrogen gas.

2H,0+2e %3 H,(g) +20H (aq) E,, =-0.828V
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This half-reaction occurs when the cation in the solution is very difficult
to reduce.

Ex. K'ions E2, =-2936V Or Na'ionsE’, =-2.714V.

Anode:
¢ the oxidation of an anion to the corresponding nonmetal.
217 (aq) % 1,(s) +2¢€ E; =-0.534V

¢ the oxidation of awater molecule to oxygen gas.

2H,0 %% 0O,(g) +4H"(aq) + 4e E; =-1.299V

This half-reaction occurs when the anion cannot be oxidized.
Ex. NO,, SO, : the nonmetal present is already in its highest oxidation
state. (+5for N, +6 for S)

§ 18-6 Commercial Célls

Applications of electrolytic cellsin electroplating and electrosynthesis
are of particular importance.

§ Electrolysis of aqueous NaCl
The most important electrolysis carried out in water solution is that of
sodium chloride.

Fig. 18.10: Electrolysis of aqueous NaCl.
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Anode: 2Cl (aq) %% CI,(g) +2e E;, =-1.360 V

Cathod: 2H,0 +2e %3 H,(g) +20H" (aq) E., =-0.828V
2CI" (aq) +2H,0%% Cl,(g) + H,(g) +20H (aq) E° =-2.188V
anode cathode
Usage:

Cly: 1). is used to purify drinking water.
2). raw material for PVC.
H,: synthesis of ammonia.
NaOH: 1). processing pulp and paper.
2). purification of aluminum ore.
3). manufacture of glass and textiles.

§ Primary (nonrechar geable) voltaic cells
b Dry cell. (Leclanche’ cell)

Anode: zinc wall of the cell.
Zn(s) ¥ Zn* (aq) + 2¢€
Cathode: graphite rod.

2MnO,(s) + 2NH,"(aq) + 26 %% Mn,O,(s) + 2NH,(aq) + H,O
Redox: Zn(s) + 2MnO,(s) + 2NH,"(aq) %¥® Zn** (aq) + Mn,O,(s) + 2NH,(aq) + H,O
E° =+1.50V

If too large a current is drawn from a Leclanche’ cell, the ammonia
forms a gaseous insulating layer around the carbon cathode. When this

happens, the voltage drops sharply and then returns slowly to its normal of
1.50 V.

§ Alkalinedry cdll:

The paste between the electrodes contains KOH rather than NH,4CI.
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Anode: Zn + KOH
Zn(s) + 20H (aq) %3 ZnO(s) + H,O + 2¢
Cathode: MnO,
MnO,(s) + 2H,0+ 2e %43 Mn(OH),(s) + 20H" (aq)

Redox: Zn(s) + MnO,(s) + 2H,0 %3 ZnO(s) + Mn(OH),(s) E° =+150V

@EIJT longer shelf life and provide more current.
P more expansive.

§ Mercury cell:

Anode: Zinc-mercury amalgan
Zn(s) + 20H (aq) %3 Zn(OH),(s) + 2¢e
Cathode: aplate made up of mercury(ll) oxide, HgO
Electrolyte: a paste containing HgO and sodium or patassium hrdroxide.
HgO(s) +H,O +2e %3 Hg(l) + 20H" (aq)
Zn(s) + HgO(s) + H,O %% Zn(OH),(s) + Ho(l) E° =+1.34V

1. small aize.
2. the overall reaction does not involve any ions in solution, so there are no
concentration changes when current is drawn.
3
\ the battery maintains a constant voltage of 1.34 V throughout its life.

i 1}
LNRE -

1. Expansive.
2. not environmental friendly.

§ Storage (rechargeable) voltaic cells

b can be recharged repeatedly.
3
This can be accomplished because the products of the reaction are
deposited directly on the electrodes. By passing through a storage cell, it is
possible to reverse the electrode reactions and restore the cell to its original
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condition.

§ Lead storage battery

Anode: Pb plates.
Pb(s) + HSO, (aq) %3 PbSO,(s) + H"(aq) +2e
Cathode: lead oxide PbO,.
Electrolyte: H,S0,.
PbO,(s) + 3H"(aq) + HSO, (aq) +2e 3% PbSO,(s) +2H,0

Pb(s) + PO, (s) + 2H" (aq) + 2HSO, (aq) %%%% 2PbS0, (s) + 2H,0

DG° =-371.4kJ
E° =+2.10V

Recharge: adirect current is passed through it in the proper direction so as to
reverse the above reaction.

[ E?*] recharge: HSO4(ag) VFE1 < 1.05 E?*].

§ Fuel cells 4 Frp

A fuel, usually hydrogen, is oxidized at the anode.
Anode: Graphite.
2H,(g) +40H (aq) %% 4H.,O +4e
Cathode: #if=.
0,(g) +2H,0 +4e %% 40H (aq)
2H,(g) +O,(g) ¥%® 2H,0
DG° =-474.4 kJ
E° =+0.75V

The deterrents to the use of fuel cells:
1. The cost per kilojoule of energy isten times that with a gasoline or disel
powered engine.

2. The storage of hydrogen in avehicle is a serious problem.
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