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JI&8&  (Standard Electrode Potentials and Electromotive
Force)

STANDARD CELL POTENTIALS, E°

« Can’t measure half- reaction E° directly.
Therefore, measure it relative to a standard
HALF CELL:

the Standard Hydrogen Electrode (SHE).

2 H*(aq, 1 M) + 2e- — H,(g, 1 atm)
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An arbitrary zero standard reduction cell potential has been chosen by scientists

to be the SHE, Standard Hydrogen Electrode. In which the half-cell has IM H *!,
1 atm H,(g) and an inert Pt electrode.

T Ha(g) 1 atm
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H* (@q). 1M

KEJJ

2H " (ag, 1 M) +2¢ —H, (g, 1atm)E,., =0V

Cell potentials:
A) Dependent on concentrations and based on SHE arbitrary voltage assignment
B) Never change when a reaction is doubled, tripled, or halved because they
are intensive properties

C) Sign will reverse when the reaction is reversed

Zn" *(ag, 1M) + 2 ¢ — Zn (s) E.,=—076V
2Zn+2(aq, 1M)+4de” —27n(s) E,.;d = —0.76 VV no change
Zn(s)%ZnJ’Q(aq, 1M) + 2e” Eoux = 4+0.76 V reversesign
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OXIDATION REDUCTION
Zn bridge
Zn2* jons Cu?* ions

e Electrons travel thru external wire.

« Salt bridge allows anions and cations to
move between electrode compartments.

» This maintains electrical neutrality.

Definitions in Electrochemistry

Electrolyte: solution capable of conducting electric
current via the movement of positive or
negative ions

Anion; negative ion
Cation: positive ion

electrode whose atoms lose electrons to the
external circuit, becoming + ions; where
oxidation takes place.

Cathode: electrode where ions gain electrons from the
external circuit; where reduction takes place
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A . ¢
Half-Reaction E° (Volts)
Cu®* +2e- - Cu + 0.34
2H +2e- - H, 0.00
Zn* + 2e- - 1Zn -0.76

BEST Oxidizing agent |Cu?’|
BEST Reducing agent



Using Standard Potentials, E°

—

* See Table 21.1, App. J for E° (red.) H.0) /H.O +1.77
2 2 %
+1.36

« Which ig-the best oxidizing agent: Cl, /Ct .
02r0|2? 0,H,0 +1.23

- Which is the best reducing agent: Hg* /Hg +0.86
Sn, Hg, Sn /Sn -0.14
AP+ -1.66
» In which direction does the following reaction go?
Cu(s) + 2Ag*(aq) — Cu?*(aq) + 2 Ag(s)

As written: |E° = (-0.34) + 0.80 =+0.43 V|| Ag* /Ag TO.SO
reverse rxn: E° = +0.34 + (-0.80) =-0.43 V |Cu**/Cu|+0.34
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Cells at Non-standard Conditions

For ANY REDOX reaction,
+ Standard Reduction Potentials allow prediction of
direction of spontaneous reaction
If E° > 0 reaction proceeds to RIGHT (products)
If E° < 0 reaction proceeds to LEFT (reactants)

« Econly applies to[] =1 M for all agueous species
 at other concentrations, the cell potential differs

* E_., can be predicted by Nernst equation
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Example of Nernst Equation| | g = o . &;,n(Q)
n

Q. Determine the potential of a Daniels cell with
[Zn?*]1=0.5M and [Cuz*]=2.0M; E°c=1.10V

A. Zn/Zn2*(0.5M) // Cu?* (2.0 M)/ Cu

[Zn#]
Zn(s) + Cu?*(aq) — Zn2?*(aq) + Cu(s) | Q==
[Cu*]

E=1.10 -(0.0257) In ( [Zn?*}/[Cu?*])
2
E = 1.10 - (-0.018) = 1.118V

Daniell 8 Xl2 L Zn J} anode Cull cathode & T E"=1.1V I}

He AlOZ M8 BHS0| NHLEOZ BB},
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[Fe™] = 1mol/L 0N 10 *mol/L2 T&H?
0.059

E= E°+Tlog[Fez+] = —0529V
E° = —0.44 [Fe*t] =107
== =W 20 ZE0| o & Zoi=C.

e.m.f.2 3Jt +Jt

cC (=] 3 =)
s = o
O| potentialS Hol2 2 ARXNS Z2dHo =5

E° and AG° (2) AG® = -nFE°

* For a product-favored reaction
— battery or voltaic cell: Chemistry — electric current
Reactants —» Products
AG° < 0 and so E° > 0 (E° is positive)

* For a reactant-favored reaction
- electrolysis cell: Electric current —» chemistry

Reactants < Products
AG® > 0 and so E° <0 (E° is negative)

&S 820 X&E cellol A active potential2 JI&l 20| &t (B
Al) €1 noble potential2 JI&l &=20| &=L,



(Fig. 3)

Chevron 2001

The leak caused by corrosion at this elbow
started the fire that destroyed this refinery

Fig. 3
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