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Electrochemicalprocesses are oxidation-reduction reactions
In which:

« the energy released by a spontaneous reaction is
converted to electricity or

« electrical energy is used to cause a nonspontaneous
reaction to occur

0 0 2+ 2-

2Mg (s) + O, (g) — 2MgO (s)

2Mg ——2Mg?* + 4e-  Oxidation half-reaction (lose €°)

O, + 4e — 20~ Reduction half-reaction (gain e°)
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Oxidation number

The charge the atom would have in a molecule (or an
lonic compound) if electrons were completely transferred.

1. Free elements (uncombined state) have an oxidation
number of zero.

Na, Be, K, Pb, H,, O,, P, =0

2. In monatomic ions, the oxidation number is equal to
the charge on the ion.

Li*, Li=+1; Fe3*, Fe=+3; O+, O =-2

3. The oxidation number of oxygen /susually —2. In H,O,
and O, it is —1.
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4. The oxidation number of hydrogen is +1 except when

it is bonded to metals in binary compounds. In these
cases, Its oxidation number is —1.

9. Group |IA metals are +1, ||A metals are +2 and fluorine is
always —1.

6. The sum of the oxidation numbers of all the atoms in a

molecule or ion is equal to the charge on the
molecule or ion.

HCO.-

Oxidation numbers of all Q=<2 H=+1
the atoms in HCO4™ ?
3X(-2)+ 1+ 7=-1

C=+4

<
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Balancing Redox Equations

The oxidation of Fe?* to Fe3* by Cr,O-,~ in acid solution?

1. Write the unbalanced equation for the reaction ion ionic form.

Fe?* + Cr,O,>——Fe® + Cr**

2. Separate the equation into two half-reactions.

+2 +3
Oxidation: Fezt Fe3+
+6 +3

Reduction: Cr,0,7—— Cr3*

3. Balance the atoms other than O and H in each half-reaction.

CI'2072' e 2CI’3+
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4.

54

Balancing Redox Equations

For reactions in acid, add H,O to balance O atoms and H* to
balance H atoms.

CI‘2OTE'_'* 2CI‘3+ + THzo
14H* + Cr,0,2 — 2Cr%* + 7H,O

Add electrons to one side of each half-reaction to balance the
charges on the half-reaction.

i st —= g +

+ 14H* + Cr,0,> — 2Cr3* + 7H,O

If necessary, equalize the number of electrons in the two half-
reactions by multiplying the half-reactions by appropriate
coefficients.

6Fe?t 6Fe3* + Ge-

6e + 14H* + Cr,0,% — 2Cr3* + 7H,0 o



Balancing Redox Equations

/. Add the two half-reactions together and balance the final

8.

equation by inspection. The number of electrons on both
sides must cancel.
Oxidation: 6Fe2t —— BFe3* + B€
Reduction: € + 14H* + Cr,0O-% 2Crt# JH,0
14H* + Cr,0O-* + 6Fe** —— B6Fe** + 2Cr** + 7H,0

Verify that the number of atoms and the charges are balanced.
14x1 — 2 + 6x2 = 24 = 6x3 + 2x3

For reactions in basic solutions, add OH to both sides of the
equation for every H* that appears in the final equation.
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Galvanic Cells

Voltmeter
=t ’f _:\ | Ll
"
anode | .. comer | Cathode
: ~—Cr K — P
- . anode cathode .
oxidation Salt bridge 1 reduction
l |
i
E Cotion I
5'03" plugs
Zn-*
ZnS0y solution CuS0y solution

spontaneous
redox reaction
Zn is oxidized Cu* is reduced
to Zn~" at anode. to Cu at cathode.
Zn(s) —=Zn"(aq) + 2¢ 2e + Cllh{mf} —= Culs)

Net reaction

Zn(s) + Cu**(ag) —= Zn"*(ag) + Cu(s) 19.2




Galvanic Cells

The difference in electrical

potential between the anode
and cathode is called:

« cell voltage

« electromoftive force (emf)

« cell potential

Cell Diagram
Zn (s) + Cu?* (ag) —— Cu (s) + Zn%* (ag)
[Cu=*]=1 M& [Zn*]=1 M

Zn (s) | Zn* (1 M) || Cu=* (1 M) | Cu (s)
anode cathode
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Standard Electrode Potentials

Voltmeter
e— [ e
& Vi —.—\
Zn —H2 gas
1 Salt bridge at 1 atm
I Ll
1M ZnSO4 1MHCI Pt electrode
Zinc Hydrogen
electrode electrode
Zn(s) | Zn=* (1 M) || H* (1 M) | H, (1 atm) | Pt (s)
Anode (oxidation): Zn(s)——Zn=* (1 M) + 2e

Cathode (reduction): 2e" + 2H* (1 M)—— H, (1 atm)

Zn (s) + 2H" (1 M) —Zn® + H, (1 atm)



Standard Electrode Potentials

Standard reduction potential (E?)is the voltage associated
with a reduction reaction at an electrode when all solutes
are 1 Mand all gases are at 1 atm.

<— H, gas at 1 atm

Reduction Reaction

2e + 2H* (1 M) H. (1 atm)

— Pt electrode E°=0V

1M HCI

Standard hydrogen electrode (SHE) 193



Standard Electrode Potentials

Ege,f;= 0.76 V
Voltmeter
e= | i, e—
N _._‘

Zn \ —H2 gas

L Salt bridge at 1 atm Standard emf (Eg ell)

0 8} 0

ll Iy Eceﬂ_ Ecaﬂmde = Eanode
1M ZnSO04 1MHCI Pt electrode

Zinc Hydrogen
electrode electrode

Zn(s) | Zn=* (1 M) || H* (1 M) | H, (1 atm) | Pt (s)
Egeﬁ= EHG?HQ - Eg?szfn
0.76V=0 -E2,.,,
E__E—?:,?2+L_7ﬂ - '076 V

Zn2* (1 M) +2ee ——Zn E9=-0.76V -



Standard Electrode Potentials

0 = 0 s
Voltmeter Eaeﬂ = cathode ~ Eanoa’e
@= | e-—
e ) FO0 = FQ 0
= 2+ — E4+
Ha gas —ail = Cu cell Cu<"/Cu H™/H o
at 1 atm It bridge 3 _
| I 0.34 = Eguz"'x’(?u -0
4
Pt electrode —__| | | E gu2+ Cu = 0.34V

1M HCI
Hydrogen Copper
electrode electrode
Pt (s)| H, (1 atm) | H* (1 M) || Cu?* (1 M) | Cu (s)
Anode (oxidation): H, (1 atm) —— 2H* (1 M) + 2e”

Cathode (reduction): 2e + Cu** (1 M)——Cu (s)

H, (1 atm) + Cu2* (1 M) —— Cu (s) + 2H* (1 M)
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19.1

TABLE

Standard Reduction Potentials at 25°C*

Half-Reaction E* (W)
i Filg) + 27— 2F (mg) +2.E7
Oylg) +2H (ag) + e~ —s Oalg) + HXO +2.07
Co' “(ag) + ¢~ — Co® “(ag) +1.82
HxO(ag) + 2H {ag) + 26— 2H0 +1.77
PhOuis) + 4H  {agh + SO} (ag) + 2~ — PESOLs) + 2H0  +L.70
'E‘-_‘"I::rq'] +.¢ —rCC'“u.'rﬁ +1.61
MO Gag) + BH {ag) + 8¢~ — Mn™ " {ag) + 4H.0 +1.51
At ag) + 3T — Anix) +1.50
Clylg) + 27— 2C17 (eng + 136
Cra03 " (mg) + 14H ag) + 6~ — 207" “(ug) + TH0 +1.33
MnOaix) + A4H  (mg) + 2e + Mn® " (g} + 2HL0 +1.23
Osig) =+ 4H (ag) + 4o —s 2H,0 +1.23
Bryilt + 2~ — 2Br (ag) +1.07
Nf};[rrq_l 4 -ﬂ!'(mr'l = LT - LN“{J;] = :]1_.“ + (156
IHg* “(ag) + 26" — Hgi"(ag) +0.52
Hgs " (ag) + 2~ —= 2Hgll) +0.85
A lag) + ¢ —s Agls) +0,.80
Fl.""'l':rar'l Al —— FI.‘:'I'ij +0.77
Osig) + 2H (og) + 2e e HaOhslang) {168
MnOy (ag) + ZHL0 + 3¢ —— MnOglc) + 40H  (ong) +0L59
B L)+ 2 —= 2 {ag) +0.53 §
E" Oaig) + ZHA + d¢™ —— 4OH " (ayg) +0.40 3
2 ag) + 26T — Culx) +H034
..":: AzClix) + ¢ — Ag(n) + C1 {ag) +0.22 &
E S0} (ag) + 4H"(ag) + 2" — S0z} + 2H;0 +020 B
g Cu'lag) + ¢ — Cu'lag) +015 &
= Shhl'm;] + g —aEni'tmfl #0013 F::.
£ 2H(ag) + 2¢” — Hilg) 000 £
2 P tiag) + 2¢” — Phix) —]3 =
E" Sn:‘[rrq] e — T . id E‘
2 Nit“fag) + 260 — Niis) -025 §
E {'[l:'l,.':a_,'] L —— gy =25 E
= PbSO4s) + 2e~ —= Pbis) + 505 (ag) -3

Cd*tag) + 26~ — Ciilx) —(0.40

Fe*"(ag) + 2¢ w Fe(s (4

Cr' “lag) + 3¢~ —Cris) —0.74

?_ll"'lmﬁ + 26— Fnix) -[(0.ThH

2HAD + 267 — Halg) + 20H (ag) ~{L83

Mn* (ag) + 26 — Mn(x) —1.18

A|‘-1.m|l| E o T —— = | 56

Be® “lag) + 2e~ —s Beix) —1.K5

!‘-'Ig:‘n;ml-l + e ——s Mpis) —-2.37

Na (o) + ¢~ — Maix) =27

Ca’“{ag) + 26~ —s Cais) —2.87

50 (ag) + 26— Srix) ~2 &0

Ba® " {ag) + 2o~ — Balx) — 2.5

K -I,m,r:l + ¢ — Kii1) —203

Li"dag) + ¢ —= Lils) - 3,05 Y

=Fawr all lall- meactsoin ghe comcemtration is | M Tor dissolved spocaes gnd Bhe prossurs i | atm for gases, Thew sio the

slaridaind-shate «alucs

EC s for the reaction as
written

The more positive £7the
greater the tendency for the
substance to be reduced

The half-cell reactions are
reversible

The sign of £7 changes
when the reaction is
reversed

Changing the stoichiometric
coefficients of a half-cell
reaction does not change

the value of £Y
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What is the standard emf of an electrochemical cell made
of a Cd electrode ina 1.0 M Cd(NO,), solution and a Cr
electrode ina 1.0 // Cr(NO,), solution?

Cd?* (ag) + 2ee ——Cd (s) £Y=-0.40V Cdis the stronger oxidizer
Cr3* (aqg) + 3¢ +Cr(s) E?=-0.74V Cd will oxidize Cr

Anode (oxidation): Cr(s) Cr3* (1 M) +. X 2

Cathode (reduction) + Cd>* (1 M)——Cd (s) x3

2Cr (s) + 3Cd2* (1 M) —— 3Cd (s) + 2Cr3* (1 M)

Egeﬁ'= Ec%rhade - Egnade
E?.,= -0.40 — (-0.74)

E9.,=0.34V
19.3



Spontaneity of Redox Reactions

AG =-nFE.,;, n=number of moles of electrons in reaction

J
AGO = -nFEZL, F= 96,500 = 96,500 C/mol
\V « mol

AGO = -RTIn K =-nFEQ,

RT. o (8.314¥K:mal)(298 'K)
Ecan = Y= ~ n(96,500WV-mql)

1
Fo - 0.0257 VOK
cell -

0.0592 V
Ecell N g

AG® = —RTInK
R 2 L >




TABLE [19.2

Spontaneity of Redox Reactions

Relationships among AG®, K, and E,,

Reaction under

AG® K S aii Standard-State Conditions
Negative >1 Positive Favors formation of products.

0 - 0 Reactants and products are equally favored.
Positive <] Negative Favors formation of reactants.
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What is the equilibrium constant for the following reaction
at 25°C? Fe?* (ag) + 2Ag (s) ——=Fe (s) + 2Ag* (ag)

. _0.0257V

ES =———In K
Oxidation: 2Ag — 2Ag* + .
n:
Reduction: + Fest —— Fe
EY= Ef.oyre — Efgemg
E?=-0.44 — (0.80)
£7=-1.24V - Edyxn | _ -1.24Vx 2
=P 0.0257v |~ P 00257 v
K=1.23x 1042
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The Effect of Concentration on Cell Emf

AG=AG+RTINnQ AG=-nFE AG =-nFE"

-nFE=-nFE’+ RTIn Q

Nernst equation
RT
E=FE-—InQ
nF
At 298
F= Fo_ 0.02§7V n O Em 0, 0.0532\/ og Q
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Will the following reaction occur spontaneously at 25°C if
[Fe=*] = 0.60 M and [Cd>*] = 0.010 M?
Fe2* (ag) + Cd (s) ——=Fe (s) + Cd?* (ag)

Oxidation: Cd — Cd#* +

n=2
Reduction: + Fe2t 2Fe
EP= Ef oype = E8yoyey
0= _ (-
£9=-0.44 — (-0.40) = o 00257V n O
E0=-0.04V L -
_ 0.0257V :
E=-004V - 5 In 5.60
E£=0.013
E>0 Spontaneous
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Batteries

Paper spacer

Moist paste of
ZnClz and NH4CI

Layer of MnO,
Graphite cathode

Dry cell

Leclanché cell

Zinc anode

Anode: Zn(s) — Zn%**(aq) + 2e
Cathode: 2NHj (ag) + 2MnO, (s) + 2 — Mn,0; (s) + 2NH; (ag) + H,O ()

Zn (s) + 2NH, (ag) + 2MnO, (8) ——Zn2* (ag) + 2NH, (ag) + H,O () + Mn,O, (s)
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Batteries

Cathode (steel)
Insulation Anode (Zn can)

Mercury Battery
Electrolyte solution containing KOH
and paste of Zn(OH), and HgO
Anode: Zn(Hg) + 20H- (aq) — ZnO(s) + H,O () + 2e
Cathode: HgO (s) + H,O () + 2e-— Hg () + 20H" (ag)

Zn(Hg) + HgO (8) ——2Zn0O (s) + Hg (/)

19.6



Batteries

Removable cap

Lead storage
battery

H,80, electrolyte

- :‘Negalive plates (lead grills
~ filled with spongy lead)

Positive plates (lead grills
filled with PbO), )

Anode: Pb (s) + SO7 (ag) — PbSO, (s) + 2e
Cathode: PbO, (s) + 4H* (ag) + SOF (ag) + 2 — PbSO, (s) + 2H,0 ()

Pb () + PbO, (s) + 4H* (aq) + 2502 (ag) —— 2PbSO, (s) + 2H,0 ()
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Batteries

Anode

Li TiS,

‘Solid electrolyte

Li — Li*+e- TiS,+ e~ — TiS;

Solid State Lithium Battery 19.6



Batteries

p-
Anode (

electrochemical cell
that requires a
continuous supply of
reactants to keep
functioning

Porous carbon electrode

Porous carbon electrode
containing Ni

containing Ni and NiO

Pf"""“'“ A fuel cellis an

Hot KOH solution
Oadation Reduction
2H,(g) + 4OH (ag) —> 4H,0(1) + de 05(2) + 2H,0(1) + 4~ —= 40H (agq)

Anode: 2H, (g) + 40H- (ag) — 4H,0 (/) + 4e

Cathode: O, (g) + 2H,0 () + 4e- — 40OH- (a9)

2H, (g) + O, (g) — 2H,0 ())
19.6



Corrosion

Air 0,

Water J
T Rust

N e

Fe_h-

Iron

Anode Cathode
Fe(s) — [;C:+[“q} + 2¢ O5(g) + 4H (ag) + 4¢ —> 2H,0(])

Fe**(ag) — Fe**(aq) + e
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Cathodic Protection of an Iron Storage Tank

T

.-J Jf‘r"-,-r h n{r‘f' qﬂ—r"
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Electrolysisis the process in which electrical energy is used
to cause a nhonspontaneous chemical reaction to occur.

Cl, gas
NaCl

Cathode
Liquid Na «— — Liquid Na
Molten NaCl
Iron cathode | Iron cathode Oxidation Reduction
Carbon anode 2CI" —=Cly(g) +2¢~  2Na*+2e~ — 2Na())
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Electrolysis of \Water
Battery

:-.. e '_'_

Dilute H,SO, solution

Oxidation _ Reduction
2H,O(l) = O,(g) + 4H™(aq) + 4¢~  4H(agq) + 4¢ —=2H,(g)

19.8



Electrolysis and Mass Changes

Current & h_-:l.rg:: Number Moles of
(amperes) in of substance reduced
and time coulombs moles of electrons or oxidized

charge (C) = current (A) x time (s)

1 mole e = 96,500 C

Grams of
substance reduced
or oxidized

19.8



How much Ca will be produced in an electrolytic cell of
molten CaCl, if a current of 0.452 A is passed through the
cell for 1.5 hours?

Anode: 201 () —= Gl (g) + 2€

Cathode: Ca2* () Ca(s)

Cast()+ 2CI () ——Ca (s)+ Cl, (9)

2 mole e =1 mole Ca

_ 54 8 1molé  1molCa
mol Ca 0.452/x1.5,bn'/x 3600%)4 96,500}% 2 Mol

=0.0126 mol Ca

=0.50 g Ca
19.8



Chemistry In Action: Dental Filling Discomfort

Corrosion of a Dental Filling

Hgs7Ag,Hg; 0.85V Gold inlay
Sn*7Ag;Sn -0.05V i e T

Sn°7Ag,Sn -0.05V

SHE*

Dental filling




