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L IB[R L ZF Oxidation-Reduction Chemistry

L& L {BAssigning Oxidation Numbers

1. Elements =0

2. B[R +%3FMonatomic ion = charge

3.F:-1

4, 0: -2 (unless T E ¥ peroxide = -1)

5. H: +1 (unless a /@St ¥ metal hydride = -1)

6. ML ERIFZE T S H T The sum of the oxidation numbers equals the overall charge (0in a
compound).

o S ft{EOxidation Numbers

ATIERMTALABRTEF, HAKETESF, BMNAEMNEMETo keep track of what loses

electrons and what gains them, we assign oxidation numbers.

MR —FTERNEAELIN, NZTEHR I the oxidation number increases for an element,
that element is oxidized.

MR —MITRIEMERFE, MiZToHE M IERIf the oxidation number decreases for an
element, that element is reduced.

e Half-Reactions

SRR 3P EFIFE The oxidation and reduction are written and balanced separately.
HATVEA MR FER MM ER RN We will use them to balance a redox reaction.

For example, when Sn2+ and Fe3+ react

Oxidation: S’ (aq) — Sn*"(aq) + 2¢”
Reduction: 2Fe*(aq) +2¢” — 2Fe*"(aq)

SNFMNFRE, FMMEYEFERNIZE—FR

Add the two half-reactions together and balance the final
equation by inspection. The number of electrons on both
sides must cancel.

Oxidation: B6Fe2t — BFe3* + &
Reduction: & + 14H* + Cr,0,2> —— 2Cr3* + 7TH,0
14H* + Cr,0,% + 6Fe2* —— 6Fe3* + 2Cr3+ + 7H,0

o [FREhVoltaic Cells



Galvanic (Voltaic) Cells

> i "T?\\ >
anode | J i W“‘""" cathode
Oxidation [ aws e 1< | Reduction
(PEAR/ 1 4R) | ' (BR#R/E#R)
i 1 .. LIS
SO3 o . \i
ZnS0O, solution CuSO, solution
spontaneous

redox reaction

Cu** is reduced
to Cu at cathode.

Zn(s) —> Zn**(ag) + 2¢ 2e” + Cu®*(ag) —> Cu(s)

Net reaction

| Zn(s) + Cu*(aq) —>Zn**(ag) + Cu(s) |

o HFENIEElectromotive Force (emf)

o HEtFAMRFIFAR 2 (BRI B\ ZFR A BB & The potential difference between the anode and

cathode in a cell is called the electromotive force (emf).
e |tisalso called the cell potential and is designated E cell.

o EHEBRAMAERIFV), —RIEFETFT—EHSEC(1v=1J /C)ltis measured in volts (V). One volt is
one joule per coulomb (1V=1J/C).
o Fm/ERR A Standard Reduction Potentials

o FZEIRAYERBALERINE FHHI R FRAEReduction potentials for many electrodes have been
measured and tabulated.

o JEXLAFSERIMERNSIIRREH1TEE R The values are compared to the reduction of
hydrogen as a standard.



Table 20.1 Standard Reduction Potentials in Water at 25 °C

Ena(V)
+2.87
+L51
+1.36
+1.33
+1.23
+ 106
+0.96
+0.80
+0.77
+0.68
+059
+0.54
+0.40
+0.34
0 [defined)
=0.28
=0.44
=0.76
-=0.83
=1.66
=271
=3.05

Reduction Half-Reaction

Fx(g) +2¢7 — 2F (aq)

MnO; (aq) + 8H'(aq) + 5¢” — M’ *(aq) + 4 HO(])
Cly(g) + 2 — 2CI (aq)

Cr0s"(aq) + 14 H'(ag) + 6 € — 2Cr'*(aq) + 7 HO(1)
Os(g) + 4 H'(ag) + 4 & — 2H;0(])

Bry(l) + 26~ — 2 Br(aq)

NO; (aq) + 4 H(aq) + 3 ¢ — NO(g) + 2H,0(l)
Ag*(aq) + € — Ag(s)

Fe**(ag) + € — Fe**(aq)

04(g) + 2 H(ag) + 2 & — H;0y(aq)

MnO{ (aq) + 2H;0(l) + 3¢ — MnOy(s) + 4 OH (aq)
li(s) + 26 — 21 (aq)

0.(g) + 2H,0(1) + 4¢ — 4 OH (aq)

Cu**(ag) + 2¢- — Cul(s)

2HY(aq) + 2¢ — H,(g)

Ni**(aq) + 2¢& — Ni(s)

Fe** (aq) + 2 ¢ — Fe(s)

Zn**(aq) + 2¢ — Zn(s)

2H,0(l) + 26 — H,(g) + 2 OH (aq)

Al*(aq) + 3¢ — Al(s)

Na'(ag) + ¢ — Na(s)

Li*(ag) + € — Li(s)

e Standard Hydrogen Electrode

e By definition as the standard, the reduction potential for hydrogenis 0V

e 2 H+(aq, 1M) +2e->H2(g, 1 atm)
o R AR AR Standard Cell Potentials
o EEthARIA=tAIREE 8- IEAR EEER E°cell = E°red(cathode) - E°red(anode)



Cell Potentials
* For the anode in this cell, E°y =—-0.76 V
* For the cathode, E° 4= +0.34 V

+ So, for the cell, E°. = E°4 (cathode) — E° .4
(anode) = +0.34 V- (-0.76 V) = +1.10V

Cu?* 4+ 2¢"— C
NO;~ Na* u e , h|.|i
Salt bridge Cathode
4T (allows ion

migration)
B [ESq = (+034) - (-0.76)
- =+110V

{ Anode

=
JJ
Ll

Zn(s) — Zn*t(ag) +2e”  CuPf(ag) + 2¢"—> Cu(s)

=0.76 =
In—>Zn"" +2e

o SFIFIERFTIOxidizing and Reducing Agents
o TEMMERMT, EredEfIE, TR AThe more positive the value of E°red, the greater

the tendency for reduction under standard conditions.

o REBHNEMNFIESRRAMNIERRBNIThe strongest oxidizers have the most positive reduction

potentials.
o BRIBRHIERFIEAR R A TUIRRE{IThe strongest reducers have the most negative reduction
potentials.

o BHBEFE L IE/FRFree Energy and Redox
o BARSMNER RN =4 FRIEE NS R Spontaneous redox reactions produce a positive
cell potential, or emf.
e E°=E°red(reduction) - E°red(oxidation)
o AR, XMUEATREN, MEERTHRBERENIERKRMNNNote that this is true for ALL redox
reactions, not only for voltaic cells

e HTSHETEHERERMNES, EEMEBIINTAG Since Gibbs free energy is the

measure of spontaneity, positive emf corresponds to negative AG
e AG=-nFE (Fis the j54i %8 & i Faraday constant, 96485 C/mol.)
o B HEEF T ¥ £ Free Energy and the Equilibrium Constant
o EEfItRESIRESRMGT, BHENZAER MURIXMTIEKFUnder any conditions,
standard or nonstandard, the free energy change can be found this way
o SEREXRFEATN
e AG=AG°+RTInQ
o AGER—RE. fhEER FRISMmETEHEE
° RESMAEE



o TEIRE
o SHETEAEEREMEBTMRA, RANAIKEIFERR TS ET B HEE
o REMTMEAGRIER LRMER, FRNEEERRRENAG
o IFMERRRIAGOTRBIE X (BIS M FIRATVAG=AH - TAS)ITE
o EEERERIZEMNMAQRIFRIA LRMHF

o TEFMESRMET, RENIM, FTBAQ=1, n Q=0 /G—INZIEUnder standard conditions,
concentrations are 1 M,so Q =1 and In Q = 0; the last term drops out

o HEHHAES F#Free Energy and Equilibrium
» At equilibrium, Q = K, and AG = 0.
» The equation becomes
0=AG° +RTInK
» Rearranging, this becomes
AG® =-RTIhK

Free Energy, Redox, and K

» How is everything related?
« AG° =-nFE° =-RTInK

AG® = —nFE? .
\AG": ~ RTInK
EO

o

o _ RT
E° = nPan

o HEHT4E A FENernst Equation
o nERBHEFINNE



Nernst Equation

« Remember, AG=AG° +RTInQ

« So,-nFE=nFE° +RTInQ

» Dividing both sides by —nF, we get the Nernst
equation:

« E=E° —(RT/InF)In Q

« ORE=F - (2.303RTInF)lg Q

- Using standard thermodynamic &m&{+t
temperature(T=298K) and the constants R and F,
E=E° -(0.0257/n)In Q or
E=E -(0.0592/n)lg Q

0.0592 V
E=F -

lg Q (T = 298K)

SRR RN B &M Spontaneity of Redox Reactions

Relationships among AG°®, K, and Eg,,

Reaction under

AG° K Elen Standard-State Conditions
Negative >1 Positive Favors formation of products.

0 =1 0 Reactants and products are equally favored.
Positive <l Negative Favors formation of reactants.

yRZ H it Concentration Cells

e ryrreeal e
( 0.0888 V \‘
Salt bridge

Ni
anode Discharge
Ni
cathode
[Ni*"]=1.00X10°M [Ni*"]=1.00M [Ni**]=05M [Ni**] = 05M
(a) (b)

o EE, BTSRRI, —DHICELER R CEEENIR, TR EiENotice that
the Nernst equation implies that a cell could be created that has the same substance at both
electrodes, called a concentration cell.

o T IXMERYERME, E°cell’50, {BQAF0 Forsuch a cell, E°cell would be 0, but Q would not

o FIb, REREARE, EMASZNN0 Therefore, as long as the concentrations are different, E will
not be 0

B 1t B9 —LE N FH Some Applications of Electrochemistry
o H3jthBatteries

o [HEMPrevention of corrosion



o EBfZElectrolysis
FE it A —LE {5l F+Some Examples of Batteries
o HREFEM:RNMFEMRMIINER, QN1 BEERETLX; A, BHBMRERHIKE

2)Lead-acid battery: reactants and products are solids, so Q is 1 and the potential is
independent of concentrations; however, made with lead and sulfuric acid (hazards).

Lead-Acid Battery

e

Lead grid filled with H,S0,
spongy lead (anode) electrolyte

Lead grid filled with
PbO, (cathode)

o R4 FEh: B2 E ML AYIR B2 jthAlkaline battery: most common primary battery.
Alkaline Battery

Separator

h Anode Cathode (MnO,
(Zn plus KOH) plus graphite)

o FWAMNREENEER, IRHERESEEHEERN, MUSAYEREERENI-Cd and Ni-
metal hydride batteries: light weight, rechargeable; Cd is toxic and heavy, so hydrides are
replacing it.

o BEFHEMAITE. BE,FEILIEERBME SAIEELithium-ion batteries: rechargeable,

light; produce more voltage than Ni-based batteries.

Lithium-lon Battery

[37v]%
37V

B
EBRRR  Cathode

Electrolyte

i
Anode

atoms (black spheres). Li* can move in an spheres = Co, red spheres = O). Li* can move

The graphite anode contains layers of carbon The cathode contains cobalt oxide layers (blue
d +
out of the space between the layers in and out of the space between the layers,




Batteries

Batteries
m T “Cathode (steel)
\ . Insulation Anode (Zn can)
Paper spacer
Dry cell Moist paste of
ZnCl, and NH,Cl
Mercury Battery
Leclanché cell Layer of MnO,
Graphite cathode
= Zinc anode Electrolyte solution containing KOH
and paste of Zn(OH), and HgO
Anode: Zn (s) — Zn?* (aq) + 2e Anode: 2Zn(Hg) + 20H- (aq) — ZnO (s) + H,0 (/) + 2e-
Cathode:  2NH; (ag) + 2MnO; (s) + 2&- — Mn,0; (s) + 2NH; (ag) + H,0 () Cathode: HgO (s) + H,0 () + 2e-— Hg (/) + 20H- (aq)

Zn (s) + 2NH,* (aq) + 2MnO, (s) ——Zn2* (aq) + 2NH; (aq) + H,0 (/) + Mn,04(s] Zn(Hg) + HgO (s)—— ZnO (s) + Hg (/)

Batteries Batteries

Lead storage
battery

Anode: Pb (s) + SO% (ag) — PbSO; (s) + 26
Cathode:  PbO, (s) + 4H* (ag) + SO (aq) + 26" —= PbSO, (s) + 2H,0 (1)

Pb (s) + PbO, (s) + 4H* (aq) + 2503 (ag)— 2PbSO, (s) + 2H,0 (/) Li—Li*+e” Li* + Co0, + ¢~ —> LiCo0,

Solid State Lithium Battery

o JARIEBthFuel Cells
o HMRRIBAIGEY, FARYBEE A AR BB BEWhen a fuel is burned, the energy created can be
converted to electrical energy.
o BE, XMEHLINEREFI0%, HRIEALARSHIAZINEIS T Usually, this conversion is only
40% efficient, with the remainder lost as heat.
o RAFEEEREANBENIEREERS, X2 BHAIERThe direct conversion of
chemical to electrical energy is expected to be more efficient and is the basis for fuel cells.
o JRELER St AN 2 FE 3 BESR A TS ZE Rt it i Fuel cells are NOT batteries; the source of energy
must be continuously provided.
o SR Hydrogen Fuel Cells
o TEXTHHME, SHEAZALKIn this cell, hydrogen and oxygen form water.
o XFEAIRER B AR FE AR Z The cells are twice as efficient as combustion.

o HMFERSSNTSPFESIERNBFIThe cells use hydrogen gas as the fuel and oxygen
from the air.



Electrons flow through an RN

external circuit to produce

electricity FELEERRE

H2(g)iaskEmH+  Voltmeter  O2(q)WiAIRHH SRFRRIAMHH20(g)

e

H,(g) is oxidized O,(g) is reduced and reacts

with protons to form H,O(g)

O,, HyO out

Anode Cathode

= —— itk PEM  IEfR o 5
rotons produced at porous membrane catalysts spee
the anode migrate reactions at both

EZ{0C

through the PEM electrodes.

PR =4 RRF SAEEAAFIINET 7
WSS IRTR ANtk ERIR AL

[& 4 Corrosion
o BHES X Corrosion is oxidation

o THIARZEEHIts common name s rusting.

HESEEIRX AL Water Fe2+&fkAFe3+, R EiA(Fe203)

i1 Fe oxidized at anode
region of metal

;i Fe? " oxidized to Fe3*,
rust (Fe,O3) forms

O, g O, reduced at
cathode region

O27ERFR XIEIR

e_\_/
Fe —> Fe?t + 2e’/
/ 0O,+4H" +4e"—> 2H,0

Electrons from Fe @ 5
oxidation migrate to 0, +2H,0+4e —> 40H
region acting as cathode

BT MFeELIER
FFELREIRAIX I

o PAfEitPreventing Corrosion

o A—MERZEMNERIREEK LFHLIEEMCorrosion is prevented by coating iron with a
metal that is more readily oxidized.

o HFERHWRMN, PAMERIFMERE, EUbiRE S /EHKEp LE 34 FCathodic
protection occurs when zinc is more easily oxidized, so that metal is sacrificed to keep the
iron from rusting.



Water

Zinc coating is
oxidized (anode)

TEEEREAMN(PER)

O, +4H" +4e-—> 2H,0

BFABEM(RIR)

Iron is not oxidized
(cathode)

Cathodic Protection of an Iron Storage Tank

Oxidation: Mg(s) —Mg?*(aq)+2¢~  Reduction: O,(g) +4H*(aq) + 4¢~ —> 2H,0(/)

Preventing Corrosion

Ground Soil Iron pipe,
electrolyte  cathodi

magnesium anode

» Another method to prevent corrosion is used
for underground pipes.

» A sacrificial anode is attached to the pipe.
The anode is oxidized before the pipe.

FEfiZElectrolysis
o TEHMAFER, MRIIFNBIRIRN, MeAkEIEE K KRN Nonspontaneous reactions can

occur in electrochemistry IF outside electricity is used to drive the reaction.

o FFBEETEMFRMNFRAEEUse of electrical energy to create chemical reactions is called
electrolysis.



4 = e Voltage source

(-»Voltage sourcej p(_» jl

Anode Cathode Nid:lel slt;e'el t
anode objec
| Cl~ Na®
% N
| < H
L] e Nag 1
k—MOImHNL J Anode Cathode

g i = i = Y
e Clyg) + 2~ Ni(s) —> Ni“"(aq) + 2¢ Ni“*(aq) + 2e~ —> Ni(s)

2Na*t+2e~ —— 2Na()

Electrolysis of Water

Bam,ry

[\\

|! |

l
T eCdthode
!
\

Anode

\
.

i

Oxidation Reduction
2H,0(l) = O5(g) + 4H™(ag) + 4e 4H%(ag) +4e” —=2Hy(g)

— Dilute H,SO, solution

o HEB%EElectroplating
o ETEHEAEXRAEL, B FZEMNMNZENRN, BREBRATEENZREHIKNT

electroplate metals onto a surface. The material to be plated with a metal is the cathode. The
anode is made of the metal used for the plating

Battery

(—MII WL

Positive ions go over

Ag > Ag* + e- : and plate spoon
Anode "~ Ag* +e- > Ag
Oxidation - Spoon R’Cac;[ho'?e
CBHARIERD A eduction
s CBARRI )

AgNO;(aq)

o St RREE Oxidation-Reduction (Redox) Titrations

o ETFSMAEER Z BIINE M AE & MNBased on an oxidation-reduction reaction between
analyte and titrant

o MNTFHEMARFEHEE, WEERNMIBAIMA R —FIFRRE T ERIFor a redox titration
it is convenient to monitor the titration reaction’s potential instead of the concentration of one
species.

o BEETRAIRERRNBNS S5 RN ERR N RN DHERAIRIIREE R EHNernst

equation relates a solution’s potential to the concentrations of reactants and products that



participate in the redox reaction.
o SHEYE
o BIXMNBENE, HBERFNEES B RAIXRTFENRZSAfter each addition of
titrant the reaction between the titrand (#;& E 5ll) and the titrant(;i & 5ll) reaches a state of
equilibrium.

EB.u/Bnd . EAmblmi - Esystcrn

o XE—TEBEMNMELER, RAERTFENMERFRMEENEELEThisis an
important observation as it allows us to use either half-reaction to monitor the titration's
progress.

o JEIEFEHIBefore the equivalence point

o HEREYVHEMMENEEE TINEAFIEERZ VAR The titration mixture consists of
appreciable quantities of the titrand’s oxidized and reduced forms.

o AT, ARRNEEFIFIREIERE/)\The concentration of unreacted titrant, however, is very

small.
o FEURIRIBEHHESIMF RN FEITERThe potential is calculated as the titrand’s half-
reaction

RT ln [Arm"]
nk " [A.]

cn— b
ES)"Stcm — EAo‘r/Arra' o

o HE 1[5 After the equivalence point

o FAREEMFAREITREIBENF RNIVBZIEIRE Z It is easier to calculate the potential
using the Nernst equation for the titrant’s half-reaction

RT ln [Brm']

Ciis = B3 —
system B! B red nF

o JEEFEIRTAL the equivalence point



Calculating the Titration Curve

Calculate the titration curve for the titration of 50.0 mL of
0.100 M Fe2* with 0.100 M Ce#* in a matrix of 1 M HCIO,.

At the equivalence point, the potential, E.q, are identical.

Ey = Bt — 00592 log 15 }
Ce™]
Ce*]

[Fe*'][Ce™]
[Fe’]1[Ce"]
Because [Fe2*]= [Ce4t] and [Ce3+*]=[Fe3+] at the equivalence
point, the log term has a value of zero and the equivalence
point’s potential is:

E} /f:*'*'E *ice? 0767V+170V
2 2

[Fe
[
E, = E&wic — 0.0592 log {

2E, = Eeper + Etovicor — 0.0592 lOg

E_

=123V




