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. - . . 2H,0+ Mg - Mg(OH), +2 H" + 2
16.  See Chaper 4.10 of the text for rules on balancing oxidation-reduction reactions. peritbO OC]I? - crgi 0 ’Z(); €
r3e NO, > NO -
a CroCrt+ie 4H +NOy » NO+2H,0 OCHaq) + ILO() + Mg(s) » Mg(OH)(s) + Cl'aq)
3¢ +4H +NO; + NO+2 H,0

The tinal overall reaction does not contain H so we are done.
CrCr +3¢
. , r H,CO —» HCO; Ag(NH,)," > Ag+ 2 Nij
. 3 5 1) 5
3e+4H +NOy - NO+2 H0 2H,0+H,CO - HCO, + 5 H' +4d e (e + Ag(NH),' =+ Ag+ 2 NH,) x 4

. - e

4 H'(aq) + NO,(ag) + Cr(s) — Cr"(aq) + NO(g) + 2 H,0(l) 2 HO OO+ HCOr <5 1 14«
b. (Al> AP +3e)x5 MaQ, —+ Mn®* de 4 AgNH,),' >4 Ag+8NH,

8H'+MnO,; — Ma™ +4 H,O

(Se+BH + MnO‘[ - Mn™+4 HZ;O) x3 4 Ag(NHL) +2 HO+ H,CO » HCO, + 5 H' +4 Ag + 8 NH,

SAl>SAP+1Se Convertto basic solution by adding 5 OH' to both sides (5 H* + 5 OIL ~ 5 H,0).

“Then cross
156 +24 H +3 MnO; - 3 Mn?* + 12 H,0 off 2 H,0 on both sides which gives the overall balanced equation;
3 3

34 HGa) +3 Moy (o) 75 AT = 5 A (aa) + 3 Mnag) 5 12 00 5 OH{aq) + 4 Ag(NH,);"(ag) + H,00(aq) ~ HCOx(aq) + 3 H,0(1) + 4 Ag(s) + 8 NHy(aq)

¢ (Ce"+e—>Ce)xg CH,0H ~ CO, Questions
H,0+CH,0H~CO,+6 H"
H,0+CIL,OH +CO, +6H' +6 ¢ 17.

pp et A TP o e PO
By
s
&
&
b

In a galvanic cell, a spontancous redox reaction occurs which produces an electric current. [n an
electrolytic cell, electricity is used to force a redox reaction to oceur that is not spontancous,

6Ce" +6¢ > 6Ce™

H,0 +CH,0H ~ CO,+6 H' + 6 & 18. The salt bridge allows caunier fons 1o flow into the two cell compartments 1o maintain clectrical

neutrality. Without a salt bridge, no sustained electron flow can ocour,

i
|
1
i
!

H0() + CH;OH(aq} + 6 Ce*(aq) ~ 6 Ce™(aq) + CO(g) + 6 H'(aq)

: 19.  a Cathode: The electrode at which reduction oscurs,
d. PO,* — PO

(H0+PO,> > POF +2H +2e) %3 b.

Anode: The electrode at which oxidation occurs.

MnO, —» MnO, .

Oxidation half-reaction: The half-reaction in which electrons are products. In a galvanic
(B e+4H +MnO; - MnO, + 2 H,0) x 2

cell, the oxidation half-reaction always occurs at the anode.

3H,0+3POF 2 3P0 +6H +6e d.

Reduction hulf-reaction: The half-reaction in which electrons are reactants. In a galvanic
e+ 8H +2MnG; - 2 Mn0O, + 4 H,0

cell, the reduction half-reaction always occurs af the cathode.

2 H'+2 MOy +3 PO," > 3 PO + 2 MnO, + H,0 20. a. Purification by electrolysis is called electrorefining, Sce the text for a discussion of the

electrorefining of copper. Electrorefining is possible because of the selectivity of the
electrode reactions. The anode is made up of the impure metal. A potential is applied so just
the metal of interest and all more easily oxidized metals are oxidized at the anode. The metal
of interest is the only metal plated at the cathode due to the careful control of the potential
applied. The metal jons that could plate out at the cathode in preference to the metal we are
purifying will not be in solution, since these metals were not oxidized at the anode.

Now convert to basic solution by adding 2 OH to both sides. 2 H* + 2 OH — 2 H;0 on the
reactant side. After converting H' to OH;, then simplify the overall equation by crossing off
‘; 1H,0 on each side of the reaction. The overall balanced equation is:

H,0() + 2 MO, (aq) + 3 PO;*(ag) 3 PO, (aq) + 2 MnOy(s) + 2 OH'(aq)

i e, Mg —~+ Mg(OH), OCI' - CI' protect. It is oxidized in preference to the protected metal. The protected metal becomes the

;
i

b b, A more easily oxidized metal is placed in electrical contact with the metal we are trying fo
E 2H,0+Mg ~ Mg(OH), + 2 H' + 2 ¢ 2¢+2H +OCI - CF + H,0 cathode electrode, thus, cathodic profection.
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21. As a battery discharges, E.,, decreases, eventually reaching zero. A charged battery is not at

equilibrium. AL equilibrium E,,, = 0 and AG = 0. We get no work out of an equilibrium system.
A battery is useful to us because it can do work as it approaches equilibrium.

22 Standard reduction potentials are an intensive property, i.e., they do not depend on how many

times the reaction occurs. As long as the concentrations of ions and gases are 1 Afor | atm, then

standard reduction potentials and standard oxidation potentials are a constant, and not dependent

on the coefficients in the balanced equation.

23. Both fuel cells and batteries arc galvanic cells. However, fuel cells, unlike batteries, have the
reactants continuously supplied and can produce a current indefinitely.

24, Moisture must be present to act as a medium for ion flow between the anodic and cathodic
regions. Salt provides ions necessary to complete the efectrical circuit in the corrosion process.
Together, salt and water make up the salt bridge in this spontaneous electrochemical process.

Three methods discussed in the text to prevent corrosion are galvanizing, alloying and cathodic
protection. Galvanizing coats the metal of interest (usually iron) with zine which is an easily
oxidized metal. Alloying mixes in metals which form durable, effective oxide coatings over the
metal of interest. Cathodic protection coanects, via a wire, a more casily oxidized metal to the

metal we are trying to protect. The more active metal is preferentially oxidized, thus protecting
our metal object from corrosion.

Galvanie Cells, Cell Potentials, Standard Reduction Potentials, and Free Energy
25, Atypical galvanic celt diagram is:

€ &

Salt Bridge

cations
I— anions 1

Anode
{oxidation)

Cathode
(reduction)

‘Fhe diagram for all cells will look like this. The contents of each half.cell compartment will be
ideatified for each reaction, with all solute concentrations at 1,0 M and lf gases at 1.0 atm. For
Exercise 17.25 and 17,29, the flow of ions through the salt bridge was not asked for in the
questions. If asked, however, cations always flow info the cathode compariment and anions

aiways flow into the anode compartment. This is required to keep each compartment efectrically
! neutral,
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a. Table 17.1 of the text lists balanced reduction
overall reaction, we need the Cl,
oxidation half-reaction. Mani|
equation.

half-reactions for many substances. For this
10 Cl' reduction half-reaction and the Cr* to Cr0>
ipulating these two half-reactions gives the overall balanced

(Ch+2e »2ChHx3
THO+2CH > Crhor + 14 H + 6 ¢

7HO0)+ 2 Cr'(aq) +3 Clfg) ~ Cr,0,(aq) + 6 Claq) + 14 Hi(ag)
The contents of each compartment is:
Cathode: Pt electrode; Cl, bubbled into solution, CI" in solution

Anode: Ptelectrode; Cr™, H', and Cr,0,% in solution
We need a nonreactive metal 1o use as the electrode in each case, since all of the reactants
and products are in solution. Pt is 2 common choice, Another possibility is graphite.

b. Cu¥+2e —~Cu
Mg — Mg* +2¢°

Cu™(aq) + Mg(s) ~ Cu(s) + Mg (aq)

Cathode: Cu electrode; Cu®” in solution; Anode: Mg electrode; Mg® in solution

26. Reference Exercise 17.25 for a typical galvanic cell diagram. The contents of each half-cell

compartment i identified below with all solute concentrations at 1.0 M and all gases at 1.0 atm.
a. Reference Table 17.1 for the balanced half-reactions.

Se+6H +10, > 121+ 3 H,0
(Fo™ > Fe* +¢) x 5

6H'+10, +5Fe" >5Fe" + 1121, +3 H,0

or 12 H'(ag) + 2105 (aq) + 10 Fe®*(aq) = 10 Fe*(aq) + L(aq) + 6 H,0(1)
Cathode: Pt electrode; 10y, Iand H,S0, (H* source) in solution.
Note: L,(s) would make 2 poor clectrode since it sublimes,
Anode: Ptelectrode; Fe™” and Fe® in solution

(Ag'+erAgyx2
Zn > Zn¥+2¢

-
Zn(s) +2 Ag'(aq) > 2 Ag(s) + Zn™(aq)

Cathode: Ag electrode; Ag' in solution; Anode: Zn electrode; Zn®* in solution
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27.

28.

29.

To determine E° for the overall cell reaction, we must add the standard reduction potential to the
standard oxidation potential (EZ,, = ES, + EC,). Reference Table 17.1 for values of standard
reduction potentials. Remember that E2, = -E{,, and that standard potentials are not multiplied
by the integer used to obtain the overalt balanced equation.

| =136 V+(-133V)=003V

25a.

ool

28b. Eoy = Byt Bl g ~034VH23TV=2TLV

eell

26a. o= B T ER =120V +(-0.77 V)= 043V
105 -+ 1,

ol T ¥+ Fe

b B =Byt R, =080V 06V =156V
Reference Exercise 17.25 for a typical galvanic cell design. The contents of each half-cell
compariment is identified below with all solute concentrations at 1.0 M and ali gases at 1.0 atin.
For each pair of hali-reactions, the half-reaction with the largest standard reduction potential will
be the cathode reaction and the half-reaction with the smallest reduction potential will be
reversed to become the anode reaction. Only this combination gives a spontaneous overalt
reaction, i.¢., & reaction with a positive overal! standard celi potential.

a Cl+2¢~2Ck
2B > Br+2¢

Cl(g) +2 Br(aq) - Bryaq) + 2Cl(aq)  Eg, =027V
The contents of each compartment is:
Cathode: Pt electrode; Cly(g) bubbled in, CT" in solution

Anode: Pt electrode; Br, and Br in solution

b. (2o +2H +10; ~ 10, + H,0)x 5 ° =160V
(4 H,0+ M - MOy + 811"+ 5¢) x 2 E°=-151V
10H + 510, +8H,0+ 2 Mn®™ - 510, +5 H0+2MnO, + 16 H' B, =009V

This simplifies to:
3 H,000) + 5 10,(aq) + 2 Mn®(aq) -» 5 10y (aq) + 2 MnO,(aq) + 6 H'(aq) EZ, =0.09V

Cathode: Pt electrode; 10,7, 10y, and H,80, (as a source of 11"} in sofution

Anode: Pt electrode; Mn*, MnQ,” and H,SO, in solution
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30.

31

32

33.

Reference Exercise 17.25 for a typical galvanic cell design. The contents of each half-cell
compartment is identified below, with all solute concentrations at 1.0 M and all gases at 1.0 atm.

a HO,+2H+2¢ +2H,0 E°= 178V
H,0,» 0, +2H +2¢ B°=-0.68V
2 H,0,(aq) — 2 H,0(l) + Oy(g) EZ, =110V

Cathode: Pt electrode; H,0, and H in solution

Anode: Pt electrode; Oy(g) bubbled in, H,0, and H" in solution

b. (Fe" +3 ¢ - Fo) x 2 E
(Ma > Mo® +2 ) x 3

0.036 V
-E° =118V

2Fe™(aq) +3 Mn(s) ~ 2 Fe(s) + 3 Mt (aq)  E,

cell

=114V

Cathode: Fe electrode; Fe* in solution; Anode: M electrode; Mn®" in solution
In standard line notation, the anode is listed first and the cathode is listed last. A double line
separates the two compartments. By convention, the electrodes are on the ends with all solutes
and gases towards the middle. A single line is used to indicate a phase change, We also
included all concentrations.
252, Pt|Cr*(1.0M), Cr,0. (1.0 M), H' (1.0 M) || Cl, (1.0 atm)| CI (1.0 M) | Pt
25b. Mg | Mg" (L.OM) || Cu* (1.0 M) | Cu
292 Pt|Br (1.0 M), B, (1.0 M) || Cl, (1.0 atm) | CI'{1.0 M) | Pt
29b. Pt | Mn™ (1.0 M), MnO, (1.0 M), H' (1.0 M) || 10, (1.0 M), 10, (1.0 M), H" (1.0 M) | Pt
26a.  Pt| Fe™ (1LOM), Fe* (1.0 M) || 10y (1.0 M), T, (1.0 M), H* (1.0 M)] Pt
26b.  Zn}Za* (1.0 M) || Ag' (1.0 M) | Ag
30a.  Pt{0,(1.0atm) | H0, (1.0 M), H' (1.0 A || H,0, (1.0 M), H" (1.0 M)[Pt
30b.  Mn | Ma* (1.0 M) }| Fe* (1.0 M) | Fe

a. Au+3e r Au
(W~ Cr™ +) % 3

E°=150V
E°=-0.16V

o =134V

Ecd]

Au”(aq) + 3 Cu'(aq) ~ Au(s) + 3 Cu?(aq)

(VO," +2H +e > VO + H,0) x 2 ° =100V
Cd —» Cd* +2¢ -E° =040V

2VO;(aq) + 4 H(ay) + Cdls) — 2 VO?(aq) + 2 HLO() + CaP(aq)  Ep,, = 140V

cell
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34, a (H,0,+2H +2 ¢ — 2 H,0) x 3 e= 178V
207" +THO - CrOF +14H +6 ¢ SE°=-133V
3H,0,(aq) + 2 CP*(aq) + H,0() -» Cr,0, (ag) + 8 H'(aq) E, =045V
b. QH +2e > H)x3
(Al AP +3e)x2
6 H'(aq) + 2 Al(s) — 3 Hyfg) + 2 AP'(aq) B, = 1.6V
3s. a. 2Ag+2¢ r2Ag E°=080V
Co—>Cut+2¢ -E°=-034V
2Ag"+Cu—Cu" +2Ag B, =046V  Spontancous at standard conditions
(Egyy > 0).
b, Zn*+2e vZn
Ni— Ni*"+2e
Za" + Nj » Zn+ Nit* EZ, =-0.53V  Not spontancous at standard conditions
(Bl <0
36. a. (5 ¢ +8H' +MnO; — Mn* +4 H,0) x 2 E =151V
Qr—Lt+2e)x5 -E°=-054V
16 H"+2MnO, + 101 = 51, +2 Mn® + 8 H,0 E2, =097V Spontancous
b. (5 ¢ +8H"+MnO, ~ Mn” +4 H,0) x 2 E°=151V
QF - F,+2¢e)x5 -E° =-287V
16 H'+2 MnO; + 10F —~ 5F, +2 Mn* + § H,0 EZ, =-1.36 V Not spontaneous
37. AG® = -nFEZ,; Reference Exercises 17.25, 17.27 and 17.29 for balanced reactions and standard
cell potentials. The balanced reactions are necessary to determine n, the males of electrons
transferred.
252 7 H0+2Cr+3CL > Cr,O" +6Cl+ 14 H 0.03V=0.03JC
AG® = -0FE}, = (6 mol &)(96,485 C/mol €)(8.03 J/C) =-1.7 x 10' 1=-20k]
25b.  AG®= -(2 mol £)(96,485 C/mol &)(2.71 JC) = -5.23 x 10° J =-523 kJ
292, AG® =-(2 mol €)(96,485 C/mol €)(0.27 J/C) = -5.21 x 10* J=-52 kJ
29b.  AG® =-(10 mol €)(96,485 C/mol €)(0.09 J/C) = -8.7 x 10* J = -90 kI
38. 26a.  12H'+210;+ 10Fe® » 10Fe + 1, + 6 HO; B2, =043V =043 J/C

cell

AG? = ~nFEZ, = -(10 mol €)(96,485 C/mol £){0.43 J/IC) =-4.1 x 10} =-410 kJ
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26b.  AG® =-(2 mol €)(96,485 C/mol ¢)(1.56 J/C) = -3.01 x 10° J=-301 kJ
30a.  AG® =-(2mol €)(96,485 C/mol &')(1.10 J/C) = -2.12 x 10°) =212 kJ
30b.  AG® = (6 mol ¢){96,485 C/mol ¢'}(1.14 J/C) = -6.60 x 10° J = -660. k)

39. ClL+2e-2¢l E°=136V
(CI0, — ClO, + &) x 2 E°=-0954V

2 ClO,(aq) + Cly(g) 2 ClO)aq) + 2 Claq) B2, =041 V=041J/C

cell

AG® = -aFE, = -(2 mol €)(96,485 C/mol e)(0.41 J/C) =-7.9 x 10* I = -79 kI

0. a (4H"+NOy +3 e+ NO+2 H,0) x2 E° =096V
(Mo~ Mn® +2 &) x 3 EC=LIBY

3 Mn(s) + 8 H'(ag) + 2 NO;(aq) — 2 NO(g) + 4 H,0()) + 3 Mn*'(aq) E, =214V

(2 +2H' +10, + 10, + H,0) x § E° =160V

(M0? + 4 H,0 > MnO; + 8 H" + 5 &) x 2 =151V

510;(aq) + 2 Mn™(aq) +3 H,0(1) -+ 5 10,(aq) + 2 MnOy(aq) + 6 H'(aq) Ecyy=0.09V
b, Nitric acid oxidation (see above for E,,):
AG® = -nFE,, = -(6 mol )(96,485 C/mol e}(2.14 J/C) =-1.24 x 10°] = -1240 k)
Periodate oxidation (see above for 2, ):

AG® = -(10 mol ¢)(96,485 C/mol €)(0.09 J/C)(1 k171006 I) = -90 kJ

41 Since the cells are at standerd conditions, then W, = AG = AG® = =nFEZ,,. See Exercise 17.33
for the balanced overall equations and for L2,

el
338, Wy =-(3 mol €)(96,485 C/mol e')(1.34 J/C) =-3.88 x 10° ) =-388 kJ
33b. Wy = -(2 mol €)(96,485 C/mol €)(1.40 J/C) = -2.70 x 10° 3 =-270. kf

42. Since the cells are at standard conditions, then Wy, = AG = AG® = ~nFEZ, . See Exercise 17.34
for the balanced overall equations and for Edy.

342, Wy, = (6 mol €)(96,485 C/mol €)(0.45 J/C) = -2.6 x 10° J = -260 kJ

" 34m, W = (6 mol €)(96,485 C/mol €)(1.66 J/C) =-9.61 x 10°} = -961 kI

43. 2H0+2¢ ~ H, +20H AG® = In AG; -Zn AG;, =2(-157)-[2(-237)] = 160.kJ

s, products i seactants
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44,

45,

46.

47.

-AG* s
ZAGT IO gy yc-osy
nF @2mole") (96,485 C/mole )

AG® =-nFE®, B° =
The two values agree (-0.83 V in Tabic 17.1).
CH,0H(I) +3/2 O,(g) - CO,(g) + 2 H,O() ~ AG® = 2(-237) + (-394) - [-166] = -702 kJ
The balanced half-reactions are:

H,0 +CH0H > CO, + 6 ' + 6 ¢’ and O, + 4 H' + 4 ¢ + 2 H,0
For 3/2 mol O,, 6 moles of electrons will be transferred (n = 6).

- ~AGY | -(-702,000 1)

AG® =-nFE°, E°
uF (6 mole "} (96,485 C/mol e 7)

=121)C=121V

AG® =-nFE® = -(1 moi €}(96,485 C/mol € }(0.80 J/C)(t kI/1000 J) =-77 kJ

-77 k) = AGy

Tag " [AGY,. v AGL ), TTRI=0-{AGE . + 0], AG;,.. =77 ki/mal

Lag’

Fe*+2e +Fe E

044 V =-0.44 J/C

AG® =-nFE° = -(2 mol (96,485 C/mol ¢X-0.44 J/C)(1 kJ/1000 J) = 85 kJ

85kJ =0+ [AGE r. + 0], AG{ . =-85KJ

We can get AG . two ways. Consider: Fe™ +e — Fe* E°=0.77V
AG® = (1 mol ¢)(96,485 C/mol €)(0.77 J/C) = -74,300 J = -74 ki

Fe* > Fe'' + ¢ AG®=74Kk]
Fe— Fe*'+2¢ AG®=-85 k]

Fe—>Fe+3e AG® =-11KJ, AG} . =-11 kimol

or consider: Fe' +3¢ — Fe °=-0.036 V

AG® = -(3 mol €)(96,485 C/mol €)(-0.036 J/C) = 10,400 J = 10. ki

10.kJ=0- [AG] s +0], AGy 3. =-10. kI/mok; Round off error explains the 1 kJ discrepancy.

Good oxidizing agents are easily reduced. Oxidizing agents are on the left side of the reduction
half-re.aclions listed in Table 17.1. We look for the largest, most positive standard reduction
potentials to correspond to the best oxidizing agents. The ordering from worst to best oxidizing
agents is:

K' < M0 < Ci* < 1, < A, < 10,
E°(V) -2.92 -0.83 -0.40 0.54 0.99 120
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48.

439,

50.

51.

Good reducing agents are easily oxidized. The reducing agents are on the right side of the
reduction half-reactions listed in Table 17.1. The best reducing agents have the most negative
standard reduction potentials (E°) or the most positive standard oxidation potentials, B2, (= -E°).

F<Cr<Fe' <H <Zn< Li
-E°(V) -2.87  -133 077  0.00 076 3.05

a 2H'+2e¢-H, E°=000V; Cu->Cv"+2e -E°=-034V

Eg, =-0.34 V; No, H" cannot oxidize Cu to Cu™ at standard conditions (2, <0).
b 2H' +2¢-H, E°=000V; Mg Mg*+2e -E°=237V
Egy =237 V; Yes, H' can oxidize Mg to Mg?" at standard conditions (EZ,, > 0).
c. Fe"+e—Fe? E°=077V;2I'>L+2¢ -E°=-054V
Eg,y =0.77-0.54=0.23 V; Yes, Fe* can oxidize I'to I,
d. Fe'+e—Fe E°=077V; 2Br > Br+2¢ -E°=-1.09V
E, =0.77-1.09=-0.32 V; No, Fe" cannot oxidize Br to Br,.
a H,=2H+2e  E°=000V; Ag'+e—Ag E°=080V

EZ, =0.80V; Yes, I, can reduce Ag' to Ag at standard conditions (EZ,, > 0).

cell cell

b. H,»2H'+2¢ -E°=000V; Ni®+2e >Ni E°

023V

=-0.23 V; No, H, cannot reduce Ni** to Ni at standard conditions (E2,, <0},

Ecn welt

¢ Fe'oFe'+te -E°=-0.77V; VO +2H +& VO +H,0 E°=1.00V

E, =1.00-0.77=023 V; Yes, Fe*' can reduce VO," at standard conditions.

eell

d. Fe¥ »Fe'+e -E°=.077V; Cr*+e > C® E°=-050V

Eg, =-0.50-0.77=-1.27 V; No, Fe’ cannot reduce Cr** to C¢*' at standard conditions.

cell
Ch+2e—-2CU E°=136V
Pb* +2¢ > Pb E°=-013V Zn* +2e —+ Zn
Na'+e —~ Na E°=271V

Ag' e Ag E°=080V
E*=-0.76V

a. Oxidizing agents (species reduced) are on the left side of the above reduction half-reactions.
Of the species available, Ag” would be the best oxidizing agent since it has the largest E°
value.
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52.

53.

54,

b. Reducing agents (species oxidized) are on the right side of the reduction half-reactions. Of
the species available, Zn would be the best reducing agent since it has the largest -E° value.

¢ SOF+4H +2¢ 2 H,S0,+H,0 E°=020V; SO, can oxidize Pb and Zn at standard
conditions. When SO, is coupled with these reagents, E, is positive,

d. Al A" +3¢ -E°=1.66V; Alcan oxidize Ag’ and Zn® at standard conditions since
EZ, >0.

Ce* +¢ — Ce™ E*=170V

Fe* +¢ — Fe?* C=077V

Fe"+3¢ > Fe °=-0.036 V

Sn* +2e ~ Sn E°=-0.14V

Ni*+2¢ > Ni
Fe*'+2¢ —Fe
Mg +2¢ - Mg

a. Ce™ is the strongest oxidizing agent (fargest E°).
b. Mg is the strongest reducing agent (largest -E°).

. Yes, Ce*" will oxidize Fe(s) o the soluble Fe®* ion at standard conditions (E, >0).

d 2H +2e&~H, E°=000V; Fe, Sn, and Mg can be oxidized by H*(EZ,, > 0).

e H,»2H +2¢ -E°=0.00V; Ce* and Fe** can be reduced by H, (EZ, > 0).

a 2Br-Br+2e¢ -BE°=-109V; 2CI»ChL+2e -E°=-136 V; E°>1.09Vto
oxidize Br'; E° <1.36 V to not oxidize Cl; Cr,0.%, 0, MnO,, and 10" are all possible
since when all of these oxidizing agents are coupled with Br, EZ,, > 0, and when coupled
with CF, E2) <0 (assuming standard conditions).

b Mo~ M +2¢ -E°=118 Ni—Ni¥+2e -E°=023V; Any oxidizing agent with
-023 V> E®>-1.18 V will work. PbSO,, Cd*, Fe*, Cr*, Zo™ and H,0 will be able to
oxidize Mn but not oxidize Ni (assuming standard conditions).

2 Cu*+2¢~Cu E*=034V; G +¢ - Cu® E°=0.16 V;  To reduce Cu® to Cu but
not reduce Cu*" to Cu’, the reducing agent must have a standard oxidation potential (EJ =
-B%) between -0.34 V and -0.16 V (so E;, is positive only for the Cu® to Cu reduction).
The reducing agents (species oxidized) are on the right side of the half-reactions in Table
17.1. The reagents at standard conditions which have EZ (=-E°) between -0.34 V and
-0.16 V are Ag (in 1.0 MCI') and H,SO,

b Brt2e > 2Br E°=109V; L+2e 21 E°=054V; From Table 7.1, VO¥, Au
(in 1.0 M CP), NO, CIO;, Hg;™, Ag, Hg, Fe”, H,0, and MnO; are all capable at standard
conditions of reducing Br, to Br' but not reducing T, to I. When these reagents are coupled

with Bry, EZ, > 0, and when coupled with I, ES,, <0.
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The Nernst Equation

55,

56.

57,

58.

H0,+2H"+2¢ »2H,0
(g~ Ag +e)x2

H;O,(aq) +2 H'(aq) + 2 Ag(s) ~ 2 H;0()) + 2 Ag'(aq) E2

cetl

=098V

a. A galvanic cell is based on spontaneous chemical reactions. At standard conditions, this
reaction produces a voltage of 0.98 V. Any change in concentration that increases the
tendency of the forward reaction to occur will increase the cell potential, Conversely, any
change in concentration that decreases the tendency of the forward reaction to accur
(increases the tendency of the reverse reaction to occur) will decrease the cell potential.
Using Le Chatelier’s principle, increasing the reactant concentrations of H,0, and H* from
1.0 Mto 2.0 M will drive the forward reaction further to right (will further increase the
tendency of the forward reastion to eccur). Therefore, Eqy, will be greater than EZ,,.

b. Here, we decreased the reactant concentration of H' and increased the praduct concentration
of Ag" from the standard conditions. This decreases the tendency of the forward reaction to
occur which will decrease E,q, as compared to E, (Eq < ESy).

The concentrations of Fe?" in the two compartments are now 0.01 Mand 1 x 107 M. The driving

force for this reaction is to equalize the Fe** concentrations in the two compantments. This

occurs if the compartment with 1 x 107 M Fe® becomes the anode (Fe will be oxidized to Fe™')
and the compartment with the 0.01 A Fe?* becomes the cathode (Fe?* will be reduced to Fe).

Electron flow, as always for galvanic cells, goes from the anode to the cathode so electron flow

will go from the right compartment ([Fe?'] = L x 107 M) to the left compartment ([Fe**] = 0.01

M),

0.0591
n

At25°C, E_,=EZ

cell

log Q where Q = [Ag'? /[H,O,){H'T; See Exercise 17.55 for the

overall balanced equation and for E, .

2
a Eg=098v.- 2090, (O 408y comrvi=101v
2 20
.
b Ea=098V- 289,00 QO 408y gazvepssy
2 (1.0)(1.0 x 1077y

From Exercisc 17.56, the 0.01 A Fe** compartment is the cathode and the 1 x 107 A/ Fe?*
compartment is the anode,

Fe”' (0.01 M)+2¢ ~Fe E°=-044V
Fe—> Fe" (1 x 107 M) +2¢ -E°=044V

Fet' (0.01 M) — Fe** (1 x 107 M) 000V

oell

As is always the case for a concentration cell, BZ, = 0. The driving force for the reaction is to

equalize the ion concentrations in the two compartments.
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59,

[Fe™],,
By Boy- 2990 o g 00391 1o, [ e
n 2 JLLS
N e
Bgm 0089 10Ty

0.01

For concentration cells, the driving farce for the reaction is the difference in ion concentrations
between the anode and cathode. In order to equalize the jon concentrations, the anode always
has the smailer ion concentration. The general set-up for this concentration cell is:

Cathode:  Ag'(x M)+ e — Ag E°=0.80V
Anode: AgAg Y M) +e E°=-0.80V
Ag'(cathode, x M) > Ag’ (anode, y M) ES, =0.00V

o 0.059i

-0.0591 A2 Linose
By =Bl =" log Q= log >

! [Ag Touose

For each concentration cell, we will calculate the cell potential using the above equation.
Remember that the anode always has the smaller ion concentration.

a. Since both compartments are at standard conditions ([Ag') = 1.0 M) then E_, =EZ, =0 V.
No voitage is produced since na reaction occurs, Concentration cells only produce a voltage
when the ion concentrations are not equal.

b. Cathode =2.0 M Ag'; Anode=1.0 M Ag’; Electron flow is always from the anode to the
cathode so electrons flow to the right in the diagram,

R Ag' N
By = 200990 oy 148 T _ 00501 log 12 0018V
n Ag'] [ 20

[ 8 Leathode

c. Cathode = 1.0 M Ag"; Anode =0.10 M Ag"; Electrons flow to the left in the diagram.

R Ag"
200591y (AL Toge _ -0,
n 1A Tounoae !

E,

wll

d. Cathode =1.0 M Ag’; Anode=4.0 x 10 M Ag'; Electrons flow 1o the left in the diagram.

_ ~0.0591 40107

= = log A2 =026V

Since the ion concentrations are the same, then 10g ([Ag")nos/[AL Jauuee) = 10g (1.0) = 0 and
Eci= 0. No clectron flow occurs.

As is the case for all concentration cells, Egy = 0 and the smaller ion concentration always is in

the anode compartment. The general Nernst equation for the Ni | Ni®' (x M) || Ni"(y M) | Ni
concentration cell is:

. Ni2H
B ape 00991 0.0591 Iug[ o

e ™ Deell =

g Q=

2 INi*]

cathode
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61.

E°

cell

ov.

a.Since both compartments are at standard conditions ((N*] = 1.0 A, then E_,
No electron flow accurs.

b. Cathode =2.0 M Ni¥; Anode = 1.0 M Ni**; Electron flow is always from the anode to the
cathode so electrons flow 10 the right in the diagram.
- Ni2 -
2200591y NI ™) ose _ -0.0591

w2 N 2

E,

g 18 —gox 107y
20

¢. Cathode = 1.0 M Ni*"; Anode=0.10 M Ni*"; Electrons fiow to the left in the diagram.

_ —0.0591
=—"""" lo|

B 2

e 210 0030 v
10

d. Cathode = 1.0 M Ni*'; Anode=4.0 x 10* M Ni*; Electrons flow 1o the left in the diagram.

R s
0.2591 tog 4.0xom oy

€. Since both concentrations are equal then log (2.5/2.5) = log 1.0 = 0 and B, = 0. No electron

flow occurs.
Se +8H'+MnO, —» Ma® +4 H,0 E° =151V
(Fe* + Fe +&)x 5 -E° =077V
8 H'(aq) + MnO,(aq) + 5 Fe?(aq) — 5 Fe™(aq) + Mn™(aq) + 4 H,0(l) EZ, =074V
[
B B2y - 2990 o g pggy. 00591 [Fe T (Mn?]  pH=40s0H =
a 5 [Fe®]* [MnO;] [H']® ST
55 5
Eo=074. 90590 (1 x 10%° (1 x 109
H (=107 (1 x 103 (1 x 1048
B =0.74- 28990 105 (1 10%) 2074V 0,15 V = 0.59 V = 0.6 V (1 sig. fig, due 0
5 concentrations)

Yes, E,., > 0 so the reaction will oceur as written.

n =2 for this reaction (lead goes from Pb — Pb?' in PbSO,).

E=E°

L0059y U poay. 20591 i
(457 @5

2 [H"J[HSO;P 2

E=204V+0077V=2.12V
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63.

64.

65.

66.

Cu™*+2e—Cu E*=034V
Zn~Zn*+2e -E°=076V

Cu™(ag) + Zn(s) - Zn*(aq) + Cu(s) E;

celt

=LV

Since Zn™ is a product in the reaction, then the Zn** concentration increases from 1.00 A1o 1.20
M. This means that the reactant concentration of Cu?* must decrease from 1.00 M0 0.80 M
(from the 1:1 mol ratio in the balanced reaction).

0.0591

° 0.0591 Zn?"
B =Egy- ]"gQ:l-mV-Tlog[JJ

[cu?]

= LI0V- go;ﬂ log %=L10V-0.0052V=I.09V

(Pb*+2e > Ph)x3
(Al =+ AP +3e)x2

3 Pb¥(aq) +2 Alls) > 3 Pb(s) + 2 AF(aq) E, =157V

From the balanced reaction, when the A" has increased by 0.60 mol/L (AF* is a product in the
spontaneaus reaction), then the Pt concentration has decreased by 3/2 (0.60 mol/L) = 0.90 M,

Iy 2
B 153 V- 00991 | AT | o 00591 o (1607
{Pb27 6 (0.10°

E=153V-0034 V=150V

Cu(aq) + Hy(g) = 2H'(aq) + Cu(s)  EZ, =0.34 V- 0.00V =034V n=2mol electrons
=pz, . 00591 1
[Cu?]

cell

eell

Since Py = 1.0 atm and [H']= 1.0 M: E,

o By=0av 209y 1 _yuvionv-ony
2 &l

25x 10

1 jog L
[Cu™] [Cu™]

b 0.195V=034V- @ log =491, [CW) = 1049 = 1.2 x 10° A

Note: When determining exponents, we will carry extra significant figures.

3 Ni*(aq) +2 Al(s) > 2 Al*(aq) + 3 Ni(s) ESy =-023+1.66 =143 V; n=6mol electrons

sop -2
a By=l43v. Q09 (AT | 00591 o (122107
.6 mitp 6 (1.0

B =143V -(-0042V) =147V
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67.

68.

69.

302
b 162V =143V 20010 (AT s 199
6 (1.0y
TAP'R =102, [AP] =23 x 1070 pf

Cu'(aq) + Hy(g) > 2 H'(aq) + Cufs)  EZ, =034V -000V=034V; n=2

0.0591 1
log ——
[Cu®]

Since Py, = 1.0 amand [H) = L.0M: E_,=E°

Use the K, expression to calculate the Cu®® concentration in the cell,
Cu(OH),(s) = Cu™(aq) +2 OH(ag) K, =16 x 10%= [Cu] [OHT

. _ 2 LEX10% _ "
From problem, [OH] = 0.10 M, so: [Cu}= —220" 55 g17 4

(0.10
BBl 20 iog L _0pay 00900 1 0oy 50 =01sy
2 [Cu} 2 161077 !
Since B, <0, then the forward reaction is not spontaneons, but the reverse reaction is i

spontaneous. The Cu electrode becomes the anode and E,,, = 0.16 V for the reverse reaction. i
The cell reaction is: 2 H'(aq) + Cu(s) “» Cu*"(aq) + Hy(g).

3NI"(aq) +2 Al(s) > 2 AP'(aq) + 3 Ni(s) Eg, =-023V+166V=143V; n=6 i
332 3932 i

0091 0 IR gy gy D091 1 (A1)
n NEF o ooy

E,

eon = By -

log [AP'Y = -39.59, [AP*F = 10%%, [AF']=16x 107 M

|

H

,I

AUOH)(s) == AP'(aq) +3 OH(aq) K,,=[AI] [OHT; From the problem, [OH] ;
=10%104 M !:

Kp=(1.6 % 102 (1.0 x 107 = 1.6 x 1072

See Exercises 17.25, 17.27 and 17.29 for balanced reactions and standard cell potentials. 1B
Balanced reactions are necessary to determine n, the moles of electrons transferred, b

252 7 HO+2CH +3CL—>Cr0F+6Cl+ 14H'  E°

2, =003 V=0.034/C
0.0591

Euw= E3y - log Q: At equilibrium, F,, = 0 and Q =K, so B, = 20591

logK

L D YR ST g
0.0591  0,0591 !

log K=

Note: When determining exponents, we will round off 1o the cotrect number of
significant figures after the caleulation is complete in order to help eliminate excessive
round off error.
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25b. IugK:%l=9].709,K=5.12x}09‘ 2. a  CuterCu

Cu' > Cu +e

295 logk=292D _g 14 K410

o7, 2Cu'(ag) ~ Cuf(aq) + Cu(s) | Egy =036 V; Spontancons
N 1(')(0‘09) I AG* = -nFEZ, = (1 mol (96,485 C/mol €)(0.36 J/C) = -34,700 ] = -35 k)
- oBRE e 15 2= 2000 10k, tog k= ET L MO36) oy oem g 5 106
: . n 00591  0.0591
: ) o Eas 0‘0:91 log K. log K = o,[(im b Fer+2c¢oFe

(Fe*" > Fe* + &) x 2

265 logK= 1008 _ 506k jgnm_sgxqgn
0.0591

3Fe"(aq) > 2Fc(aq) +Fe(s) By, =-121 V; Not spontancous
2(1.56

) = 52792, K= 6,19 x 102

26b.  logK = . HCIO, +2 H' +2 ¢ — HCIO + H,0 E°
591

65V
HCIO, +H,0 -+ ClO; +3H' + 2 ¢ E°=-121V

|
; 30a.  logK= %‘? =37.225, K=1.68 x 107 2HCIO,aq) - ClO;(aq) + H'{aq) + HCIO(ag) B2, = 0.44 V; Spontancous
AG® = -nFEZ,; =<2 mol ¢)(96,485 C/mol &}(0.44 J/C) = -84,900 I = -85 kI

fogK=-IE" 204D _ 4 17 qon
00591 0.0591

71 a Possible reaction: I(s) + 2 Cl(aq) > 2 I'aq) + Cl(g) EZ, =0.54 V- 136 V=-0.82V o
This reaction i not spontaneous at standard conditions since EZ,,< 0. No reaction accurs. Boa Fe'* + ZZe - ;eb rre
n—> 2o <

305, logk= S0 15950 ko5 a5 1us
0.0591

i b Possible reaction: Clg)+21(aq) > I(s)+2 Cl(aq) EZ, =0.82 V; This reaction is

spontaneous at standard conditions since EZ,> 0, The reaction witl occur, Fe™(aq) + Zn(s) - Zo"(aq) + Fe(s) B, =0.32 V=032 1/C

Cl@)+21(2g) > L(s)+ 2 Claq) B2, =0.82V=0.82 J/C b. AG?= -nFEZ, = -(2 mol ¢)(96,485 Climol ¢0.32 J/C) =-6.2 x 10° J = 62 kJ
N . _ 00591 L _nB° 20032 _ g o
AG® = -nFE, =-(2 mol &)(96,485 C/mol ¢(0.82 HC)=-1.6 x 10° J =-160 kJ el m logK, log K 00551 0.0591 10.83, K= 10"% = 6.8 x 10
o 0.0591 NE° _ 20.82) g "
E°= ———1logK, logk= "= - =27.75, K= 107" =56 x 10 2+
n B OBRT G0t vasel o By =B - 290 ioi - 032 v-@ fog Z071
e Possiblo reaction: 2 Ag(s) + Cu(ag) ~ Cu(s) +2 Ag'(ag)  EZ,, =-0.46 V; No reaction (Fe™]

occurs.

B =032- 888 10y O35 15020
d. Fe®" can be oxidized or reduced. The other species present are H', SO, H,0, and 0, from Lox10

air. Ouly O, in the presence of H' has  large enough standard reduction potential to oxidize

Fe¥ to Fe™ (resulting inEZ, > 0). Al other combinations, including the possible reduction 4 a At+3e au E =150V
of Fe™, give negative cell potentials. The spontaneous reaction is; (TI> T +e)x3 -B°=034V
4Fe(aa) +4 H'(aq) + Oy(g) ~ 4 Fe¥(aq) + 2L HO() ES, =123 -0.77 =046 V ; AGY+3 TS > Aus) +3 Tlag)  Eg, — 184V
AG* = -nFEZ,, =-(4 mol €)(96,485 C/mol e')(0.46 JC)(1 kI/1000 J) = -180 k} ! b AG® = -nFE(, =-(3 mol €)(96,485 Cfmol €}(1.84 J/C) =-5.33 x 10°J = -533 kJ

logK = %5“9"’1) =313, K= 13 x 107 togk = B _3(LED) gy 1y k1o Zg5p 4 17

0.0591  0.0591
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TI*P 4y + .
o Boy =184y 280 g (P _ g, 00501, (10x107p b 10gNix LmolNi  2mole” 96485C, s i
3 [Au*) 3 10% 107 S869gNi  molNi  mole-  1000C

By = 184 - (-0.20) = 2.04 v c. SOmolAgx 1molel, 96485C s 416 i3 nous
molAg  moler  1000C
75 CdS+2e~Cd+ S
Cd-Cdt+2e

80. The oxidation state of bismuth in BiO" is +3 sincc oxygen has a -2 oxidation state in this ion.
Therefore, 3 moles of electrons are roguired to reduce the bismuth in BIO" to Bi(s).

CdS(s) > Cd¥(aq) + S*(aq) _ E¢

el

=081V K,=? ) .
> LmolBi  Jmole  96485C  Is _gopo oo

10.0 g Bix

‘ _ nE° _2(-081) a1 y 209.0gB 1Bi - 2s50C
‘ . logK,, = = _ = 22081} _ 59 4y, =107 =39x |0 g molBt  mole -
8K = Dot 0.0591 K x 1 .
8l 15A=12C, 808, 60min 5,06 ofcharge passed in | hour
p
76. AP +3 e - Al °=_166V s min h
Al+6F *+3e  E°=
TARTr3e E-207V o Saxiorcx tmole, ImilCo  5893gCo (o
i AP*(ag)+6 F(ag) » AlF(aq) EL, =041V K=9 96,485C 2 mole” moiCo
i __nE°_ _3(0.41) _ Imole”  1molHf  178.5 gHf
logK=-"E_ - =20.81, K=102% =65 x 10® b 54x10'Cx Lmale PRLILE 2 e
0.0591  0.0591 96,485C  4mole’  mol Hf &

< imoll, 253841
T c+Aglo AgtT o 20l +2e; S4x10icx Lmole,, 1ML 298, )
Ag—Ag+e 96,485C 2mole” mol I,
Agls) * Ag'(aq) +I(aq)  BY, =B, - 080 K=K,=15x (0" d. CrOst) > Cr*" +3 0%; 6 mol & are needed to produce 1 mol Cr from molten CrO;.
For this overall reaction: 54x10'Cx Lmole , lmolCr 52.008Cr _, o, 0
005 56485C  gmole. . molCr
Bo = 22 g, = 20990 100 (151009 - 004 v
1 82 The oxidation state of each chromium in K,Cr,0, is +6, 50 6 mol electrons are required to reduce
B2, =094 V=B, 080V, Eg, =-094+080=-0.14V each mol of chromium in K,Cr,0; to Ce(s), Cré+ G & - Cr

7. Culte o Cutl Ee, =7 L0t x S0min 605 150 Lmole” , ImolCr, S2005Cr oo o
Cu~Cuo*+¢ CES2.052V hr min s 96485C 6mole-  molCr
Cul(s) ~ Cu'(aq) + I{aq) ES, = Foy - 052V 8. 1397sx S30C, Lmole”  TmolM gy, 102 ot where M = unknown metat
i . s 96485C 3mole
For this overall reaction, K =K, = 1.1 x 10"
0.0591 0051 Molar mass = — LA EM M98, e e ic candium, Se forms 3+ fons.
oo = = log K, = = log (11 % 10 =071 v 3.14x10%molM  mol
By =071 V=B, -0.52, EZ, =-0.19V 8. 7a6sx 20C, Lmole’ LmolM _g oo oiiim
‘ s 9%485C  2mole
s
g Electrolysis Molar mass = —0:10868M__ 112¢
It 9.66 x 10 molM  mol

79 & AP+3e - Al; 3mol e are needed to produce 1 mol Al from AL,
: The metal is cadmium. Cd has the correct molar mass and does form Cd** ions,

1.0% 10 g Al x LMOIAL 3mole”, 96485C, Is
2698g Al mol Al mole- 100.0C

=107 x 10° s = 30. hours
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Fy is produced at the anode: 2F — F, + 2 ¢
60 min Xﬂx 10.0C x Imole”

2.00hx
h min s 96,485 C

=0.746 mol e’

1 mol F,
0.746 mol & x —

=0373 mol Fy; PV =aRT, V :%I

2mole”
y - {0373 mol) (0.08206 Latm/Kemol) 298 K) _
1.00 atm
K is produced at the cathode: K*+¢e - K

LmolK | 39.10gK
mole” molK

9.12LF,

0.746 mol ¢ x =292gK

The half-reactions for the electralysis of water are:

2e+2H,0 »H,+20H) x2
2H0 > dH' +0,+4¢

2 H0(1) + 2 i1,(g) + Ofg) Note: 4H'+4OH >4 H,0andn=4

for this reaction as it is written.
605, 250C , 1mole”  2moiH,
min s 96485C  4mole”
A STP, | mole of an ideal gas occupies a volume of 22.42 L (see Chapter 5 of the text).
n42L
molH,

15.0 min x =1.17 x 10? mol H,

117 % 16 mol H, x 0.262 L =262 mL H,

1 mol 0,
2y 2282L g 13 L= 31 mL 0,

117 x 10 mol Hy x — 2
2molH, molO,

108N, 1 min, ImolCHN,  omole | o6dssC
h 60min 605  108.14gCHN, motCILN, mole-

=7.44 x 10" C/s or a current of 7.44 x 10* A

AP +3 e — AL 3 mol & are niceded to produce Al from AP

200016 Al < 35368, TmolAl 3mole 96,485C
b 26.98g  mol Al mole”

=1x 10" C of electricity needed

0 ;
141000, b dmin oA
24h 60min 60

230minx 208 < 3¢ 13555 20C, Imole” , ImolAg _y g 143100 og
min s 96485C  mole-

[Ag™]=2.86 x 10”7 mol Ag'0.250L=1.14 x 10 M

CHAPTER 17 ELECTROCHEMISTRY

90.

0.50 L x 0.010 mol P"/L = 5.0 x 107 moi Pt

To plate out 99% of the Pt*" , we will produce 0.99 x 5.0 x 10 mol Pt.
4mole” x 96,485C L 1s
mol Pt mole”  4.00C

0.99 x 5.0 x 10” mol Pt x =480 s

Avt+3e - Au E°=1.50V N +2¢ - Ni E°=-023V
Ag'te - Ag E°=0.80V Cd* +2e-Cd E°=-0.40 V

Au(s) will plate out first since it has the most positive reduction potential, followed by Ag(s),
which is followed by Ni(s), and finatly Cd(s) will plate out last since it has the most negative
reduction potential,

The reduction reactions and the cell potentials are:

Cu¥+2e - Cu E=E®=0.34 V (standard conditions)

_ 60591 1 1

Ag' te > Ag E-E"- =2 log —— =0.80-0.0591 log =068V
[Ag”

0.010

It is easier to plate out Ag from 1.0 x 107 M Ag" since this process has a more positive reduction
potential than Cu® to Cu.

Reduction occurs at the cathode and oxidation occurs at the anode. First determine all the
species prosent, then look up pertinent reduction and/or oxidation potentials in Table 17.1 for all
these species. The cathode reaction will be the reaction with the most positive reduction
potential and the anode reaction wil} be the reaction with the most positive oxidation potential.

a Species present: Ni*and Br; Ni*” can be reduced to Ni and Br' can be oxidized to Br,
{from Table 17.1). The reactions are:

Cathode: Nit*+2¢" > Ni E°=-023V
Anode: 2Br—Br,+2e¢  -E°=-109V

b. Species present: Al**and 3 AF* can be reduced and I can be oxidized. The reactions are:

Cathode: AI*+3 ¢ - Al E°=-166V
Anode: 2F > F,+2e& BT =287V

. Species present: Cr'" and Iy Cr'* can be reduced and I can be oxidized. The reactions are:

Cathode: Cr*' +3e — Cr E° =073V
Anode: 21 »1,+2¢ -E° =-0.54V

These are all in aqueous solutions so we must also consider the reduction and oxidation of 1,0
in addition to the potential redox reactions of the jons present. For the cathode reaction, the
species with the most positive reduction polential will be reduced and for the anode reaction, the
species with the most positive oxidation potential will be oxidized.
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2. Species present: Ni¥*, Br and H,0. Possible cathode reactions are:

23V
.83 V

Ni**+2¢ - Ni E°
2HO+2¢ = H,+ 200" E°

Since it is easier to reduce Ni** than H,0 (assuming standard conditions), then Ni** will be
reduced by the above cathode reaction.

Possible anode reactions are:

2Br ~Bn+2¢ E° =109V
2H,0 O, +4 H +4e E¢r-123V

Since Br is casier to oxidize than 1,0 (assuming standard conditions), then Br will be
oxidized by the above anode reaction.

b, Species present: AP, Fand H,0; AI" and H,0 can be reduced. The reduction potentials
are E” =166 V for AP and E° = -0.83 V for H,0 (assuming standard conditions). H,0
will be reduced at the cathods (2 H,0 + 2 & — H, + 2 OH).

F-and H,0 can be oxidized. The oxidation potentials are -E® = -2.87 V for F- and -E° = -1.23 \4
for H,0 (assuming standard conditions). From the potentials, we would predict H,0 to be
oxidized at the anode (2 H,0 — O, + 4 H' + 4 ¢).

©. Species present: Cr'", I' and H,0; Cr* and H,0 can be reduced. The possible cathode
reactions are:

P 436 Cr
2H,0+2¢ - H,+2 0l

Reduction of Cr** will oceur at the cathode since L85 is most positive.
I"and H,0 can be oxidized. The possible anode reactions are:

2l +2e E°=-0.54 V
2HO 0, +4H +4e EC=-123V

Oxidation of I' will occur at the anode since -E is most positive.

95. Species present: Na”, $O,* and [1,0. From the potentials, H,0 is the more easily reduced than
Na’ and H,0 is more easily oxidized than SO,*. The reactions are:

Cathode: 2H,0+2¢ —~ H,+2OH; Anode: 2 HO~0,+4H +4¢

96. Species present: Fe™, SO.%, H' and H,0. The possible cathode reactions are:
SOF+41F+2¢ — H,S0,+ H,0 E°=020V
2H +2¢ + H, E°=0.00V
Fe?' -+ 2¢ - Fe E°=-044V
2H,0+2¢ -5 H, +2 O E°=-083V
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Reduction of SO,* will occur at the cathode since Egez- is most positive. The possible anodc
reactions are: !

Fe" > Fe' + e
2HO-> O, +4H +4 ¢

Oxidation of Fe*” will occur at the anode since -E.. is most positive.

e
Additional Exercises
97. The half-reaction for the SCE is;
Hg,Cl,+2 ¢~ 2tig+2Cl Egp = 0242V

For a spontancous reastion to occur, £,y must be positive. Using the standard reduction
potentials in Table 17.1 and the given SCE potential, deduce which combination will produce &
positive overall cell potential.
a Cu'+2e—Cu E°=0.34V
Eo=0.34-0.242=0.10 V; SCE is the anode.
b, Fe™ +e - Fe?* E°=0.77V
Ee=0.77-0.242 = 0.53 V; SCE is the anode.
c. AgCl+e —»Ag+Cl E°=022V
Eey=0242-0.22= 002 V; SCE is the cathode,
d AP +3e Al E°=-1.66V
E.u= 0242+ 1.66 = 1.90 V; SCE is the cathode.
¢ Nif+2e¢—Ni E°=-023V
E.=0.242 +0.23 = 0.47 V; SCE is the cathode.
98. The potential oxidizing agents are NO,"and H'. Hydrogen ion cannot oxidize Pt under either
condition. Nitrate cannot oxidize Pt unless there is CI in the solution. Aqua regia has both CI-

and NOy". The overall reaction is:

(NO; +4H +3 ¢ > NO+2H0) x2
{(4Cr+ Pt—PICLT +2¢) x 3

12 Claq) +3 Pt(s) + 2NO, (aq) + 8 H'(ag) ~ 3 P1CI,%(aq) + 2 NO(g) + 4 HLOU) Evy =021V
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99.

2 Ag'(ag) + Cu(s) » Cu?'(ag) +2 Ag(s) E, =0.80-034V =046 V; A galvanic cell
produces a voltage as the forward reaction occurs. Any siress that increases the tendency of the
forward reaction to oceur will increase the cell potential, while a stress that decreases the
tendency of the forward reaction to occur will decrease the cell potential

a.  Added Cu” (a product ion} will decrease the tendency of the forward reaction to occur which
wilt decrease the cell potential.

b. Added NH, removes Cu? in the form of Cu(NH,),”". As a product ion is removed, this will
increase the tendency of the forward reaction to oceur which will increase the cell potential.

¢ Added ClI removes Ag’ in the form of AgCI(s). As a reactant ion is removed, this will
decrease the tendency of the forward reaction to occur which will decrease the cell potential.

Ca? .
d Q= [— ]1; As the volume of solution is doubled, each concentration is halved.

lAgl;

_ e, _ 2[Cu?),

aniag’ly  [Ag)

=2Q

The reaction quotient is doubled as the concentrations are halved. Since reactions are
spontaneous when Q < K and since Q increases when the solution volume doubles, then the
reaction is closer to equilibrium which will decrease the celi potential.

e. Since Ag(s) is not a reactant in this spontaneous reaction ang since solids do not appear in
the reaction quotient expressions, then replacing the silver electrode with a platinum
electrode will have no effect on the cell potential.

(AP +3e > Alyx2 E°=-1.66V
(M- M"+2e) %3 =7

3 M(s) + 2 AP'(aq) — 2 Al(s) + 3 M7 (aq) 2, —<E°- 166V

AG® = -nFE,, -411 x 10°J = -(6 mol €)(96,485 C/mol €)(L.5), o, =071V

cell?

Ely=-E°-166 V=071V, -E°=2370rE*=-2.37

eelf

From table 17.1, the reduction potential for Mg®* +2 ¢ — Mg is -2.37 V which fits the data.
Hence, the metal is magnesium.

AG” = B0,AG7 gy - BNAGE i, = 2-480) +3(86) - [3(-40.)] = -582 kI
-AG" (3820000 _ o1y

From oxidation numbers, n = 6. AG® = -nFE°, E° =~ 090 -,
o 6(96,485)C

log k= BT 600 _ 45 538 = 10 =345 ¢ 10
00591 0.0591

SR
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+
b. (2 +AgS »2Ag+5)x3 Epg=?
(AL AP +3e)x2 E°=1.66V

102.

103.

104.

105,

3AgS(s) +2 Al(s) - 6 Ag(s) + 3 Si(aq) + 2 AF'(aq)  EC

cell

=101V =Eg  +166V
Epg =101 V-166V=-065V

Zn-+Zn* +2¢ -E°=0.76V; Fe-» Fe* +2¢ -E° =044V

it is easier to oxidize Zn than Fe, so the Zn will be oxidized protecting the iron of the Monitor's
hull.

In a simplified view of the corrosion process, the half-reactions are:

Cathode: O, +2H,0+4¢ > 4 OH
Anode: (Fe— Fe¥ +2¢)x 2

Oy(g) + 2 HLO(l) + 2 Fe(s) ~» 2 Fe™(aq) + 4 OH(aq)

Sinee O is a product in this reaction, then added H' will react with OH to form H,0, As OH
is removed, this increases the tendency for the forward reaction to occur. Hence, corrosion is a M
greater problem under acidic conditions in our simplified view of this process. !

Aluminum has the ability to form a durable oxide coating over its surface. Once the HCl
dissolves this oxide coating, Al is exposed to H" and is easily oxidized to Al", i.e., the Al foil
disappears after the oxide coating is dissolved.

Consider the strongest oxidizing agent combined with the strongest reducing agent from Tablc
17.1:

F+2¢ »2F
(Li—Lit+e)x2

Fig)+2Li(s) 2 Li'(aq) + 2 Fag) B, =592V

"
The ciaim is impossible. The strongest oxidizing agent and reducing agent when combined only
gives an E2,, value of aboul 6 V.

2 Hy(g) + Oy(g) ~2 H,O(1); Oxygen goes from the zera oxidation state 1o the -2 oxidation state
in H,0. Since two mol O appears in the balanced reaction, then n = 4 mol electrons transferred.

. _ 0.0591 0591
4

a EZ,= togK= 299010, 128 x 10%), B2, =123 Vv

et

AG* = nFEZ, = (4 mol £)(96,485 C/mol ¢)(1.23 J/C) = -4.75 x 10°) = 475 k)
Since}mo] of gas decrease as reactants arc converied into products, then AS® will be
ncgative (unfuvorable). Since the value of AG® is negative, then AH® must be negative
(AG” = AH® - TAS°).
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c. AG=AG®+RTInQ=AG® +RT In (Py/P,)

AG=2722 ] +(8.3145)(298) In (0.50/1.50) = 2722 J - 2722 = 0 (carrying extra sig. figs.)

L A§° . For K at two temperatures T, and T,, the equation
1 : . K _aH°(1 1

can be manipulated to give (see Exercise 16.81): In % = R

1 T\ TZ
| 3252102 AH® I
.84 83145 J/Kemol| 298K 348K

From Exercise 16.65, In K =

-5.61 = (5.8 x10° mol/J) (AH®), AH® =-9.7 x 10* J/mol

ForK=884atT=25°C:

(97x10'mol) A" AS® _ i icol 40 cemol
(83145 /Kemol) 298K) ~ 83145 /Kemol® 83145

In8.84 =

We get the same value for AS® using K =3.25 x 10? at T = 348 K data. AG® =-RT In K. When

K =1.00 then AG® = 0 since In 1.00 = 0. AG®=0=AH® - TAS®. Assuming AH® and AS® do not

depend on temperature:

_ AH° 9.7 x 10* Jimol
As® -310 J/Kemol

K, = sz; To insure Ag,CO; from decomposing, Pcoz should be greater than K ..

AH®=TAS°, T =310K

From Exercise 16.65, In K = O 3 . For two conditions of K and T, the equation is:

] m_AHa[l 1}

K, R (T, T,

Let T, =25°C=298 K, K, =6.23 x 107 torr; T,=110.°C=383 K, K,=?

In

ks =79.14x1031/m01( 1 1 J

623x 107 torr  8.3145 /Kemol | 298K 383K

ln-—Ki— 5 —L =e"=12x10, K,=7.5torr
6.23 % 10 623 x 107

To prevent decomposition of Ag,COj, the partial pressure of CO, should be greater than 7.5 torr.

CHAPTER SEVENTEEN

ELECTROCHEMISTRY

Review of Oxidation - Reduction Reactions
13 Oxidation: increase in oxidation number; loss of electrons
Reduction: decrease in oxidation number; gain of electrons
See Table 4.2 in Chapter 4 of the text for rules for assigning oxidation numbers.
a. H(+1), O(-2), N(+5) b. Cl(-1), Cu(+2)
c. 0(0) d. H(+), O(-1)
Mg (+2), 0(-2), S (+6) - Ag(0)
Pb (+2), O(-2), S (+6) . O(-2), Pb(+4)
Na(+1), 0(-2), C(+3) Jj- 0(2), C(+4)

- (NH,),Ce(SO,), contains NH,' ions and SO, ions. Thus, cerium exists as the Ce*" ion.
H(#1), N(3), Ce (+4), 8 (+6), O(-2)

I 0(2), Cr(+3)

The species oxidized shows an increase in oxidation numbers and is called the reducing agent.
The species reduced shows a decrease in oxidation numbers and is the oxidizing agent. The
pertinent oxidation numbers are listed by the substance oxidized and the substance reduced.

Substance Substance
Redox?  Ox. Agent Red. Agent Oxidized Reduced

Yes H,0 CH, CH,(C,-4-+2) H,0 (H,+1 - 0)
Yes AgNO, Cu Cu (0 +2) AgNO, (Ag, +1 - 0)
Yes HCl Zn Zn (0 +2) HCI (H, +1 - 0)

. No; There is no change in any oxidation numbers.
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