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4. Electrochemistry

King

Z = — : A.Redox

4.3 define oxidation and reduction experimentally and theoretically
4.4 determine the oxidation states (numbers) of individual elements in a compound

4.5 write and balance half reactions and net reactions

1 4.6 compare oxidation-reduction reactions with other kinds of reactions

The oxidation number (or oxidation state) tells you how many electrons an atom has donated or accepted to form an ion,

or to form part of a compound.

+3 Fed3+

+2 Mg2+ Fe2+
5 + Na+
E
g ! 8 £
§ O7—Mg F Na Oy Cl i £
F l 3 e
kel
%
© 4 or

-2 02

2. Oxidation number rules

« The oxidation number of uncombined elements is zero.
0 00 O
Na, C, Cl,, P,

+ Inions made of just one atom the oxidation number of the element is the
charge on the ion.
+1 -1 +2 -2 +3 =3
Na*, Cl-, Mg?*, 0%, A¥*, N3-
» The sum of the oxidation numbers in a neutral compound is zero.
+4-2
Co,
» The sum of the oxidation numbers for an ion is the charge on the ion.

+6-2 -3+1
S0,2, NH,*

» Some elements have fixed oxidation numbers in all their compounds.

1,F—%E2-1;

2 ONTRE2, BIHLO, ; Na,O, (1)
3,HAFE+H , BRTNEEES. (-1)
4, Groupl1, 2, 3— 2 +1 +2 +3

3. Redox (reduction—oxidation)
Reduction: gaining of electrons (decrease in the oxidation state) 0O O

Oxidation: loss of electrons (increase in the oxidation state)

Reducing agent (reductant): species that donates electrons to reduce another reagent. (The reducing agent get oxidized.)

Oxidizing agent (oxidant): species that accepts electrons to oxidize another species. (The oxidizing agent gets reduced.)
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Reaction with I: causes
Al to lose electrons.

L, is the oxidising agent. o Al(s) > AP¥(s) + 3e”

r ] /" Aluminium is oxidised by iodine.
#

2AI(s) + 31,(s) — 2AlL(s)

~
S

Reaction with Al causes s L(s) +2e~ — 2I7(s)

I, to gain electrons. lodine is reduced by aluminium.
Al is the reducing agent.

3. Half equation

A half-equation is used to describe either the gain or the loss of electrons during a redox process.

electron gain (reduction): Cu®(aq) + 2e~ — Cu(s)
electron loss (oxidation): Zn(s) = Zn?*"(aq) + 2e”

Adding together the two half-equations leads to the full ionic equation.
Cu?*(aq) + 2¢~ — Cu(s)

Zn(s) = Zn**(aq) + 2e”

Cu?*(aq) + Zn(s) = Cu(s) + Zn*(aq)

Rules for Balancing Oxidation-Reduction Reactions:

1. Write out half-reaction "skeletons."”

2. Balance the half-reactions by adding H', OH or H-O as needed, maintaining electrical neutrality.

3. Combine the two half-reactions such that the number of electrons transferred in each cancels out when combined.

Examle
Consider the next example:
Cr,0,x + I —= Cr¥* + |
The reduction step is given by... The oxidation step is give by...
Cr,0,> +6e + 14H* ———=2Cr* + 7H,0 3F ——= 2e + Iy

Multiplying the oxidation half-reaction by 3x and adding the two half-reactions together:

Cr,0,> +91 + 14H* = 2Cr* + 31, + TH,0

B. Electrochemical cells and Feul cells

4.1 describe the flow of charge in an electrical circuit

4.2 describe series and parallel circuits involving varying resistance, voltage, and current

4.7 illustrate and label the parts of electrochemical and electrolytic cells and explain how they work

4.8 predict whether oxidation-reduction reactions are spontancous based on their reduction potentials

4.9 predict the voltage of various electrochemical cells

4.10 compare electrochemical and electrolytic cells in terms of energy efficiency, electron flow/transfer, and chemical change

4.12 explain how electrical energy is produced in a hydrogen fuel cell and a variety of batteries
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An electrochemical cell is an apparatus that uses a redox reaction to produce electrical energy or uses electrical energ§
cause a chemical reaction.

electrochemical cells

— N

voltaic (galvanic) cells electrolytic cells
(electrochemical cells) drive chemical reactions using electrical energy
generate electricity from chemical reactions (E{itBEe)

(REEREE) < L

Eectrolysis — Hectroplating cells
1. Voltaic cell

A voltaic cell is a type of electrochemical cell that converts chemical energy to electrical energy by a spontaneous redox
reaction.

Electrons flow

P s
[~ efow \K

ol
K4 &5

lons flow

Zinc atoms form zinc ions by releasing electrons. An equilibrium is set up between the metal and its solution of ions.

solution zinc solution zinc
ete 3
O |
als + 0
1 O @

zinc metal copper metal
strip strip
‘ - zinc copper
= Zn**(ag) + 2e sulfate sulfate
solution solution
Zn**(aq) + 2~ == Zn(s) Cu®*(aq) + 2e~ == Cu(s)
voltmeter

the electrode where \

oxidation takes place is

Oxidation

called the anode. occurs at
the anode.

Reduction /

Anode: &4 oxidation
occurs at
the cathode. KRz, FRF;

. i (CuT I +— copper Cathode: &4
The cathode is the sulfate = W | sulfate )
solution solution reduction E/_'_'.[_ 5 /5@
electrode where .
reduction occurs anode () cathode (+) Fa

j Zn(s) = Zn**(aq) + 2e” Cu?*(aq) + 2e~ = Cu(s) k /

Net reaction: Zn(s) + Cu?*(aq) — Zn?*(aq) + Cu(s)

Redox reactions can be "separated"” in a galvanic cell
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3. Cell diagram convention

salt bridge phase boundary

the aqueous solutions of
each electrode are placed
next to the salt bridge;

Zn(s) | Zn*(aq) || Cu**(aq) | Cu(s)
anode cathode
oxidation reduction

\_j

electrons flow this way
via external circuit

Zn(s) — Zn™(aq)+2e” Cu®(aq) +2¢” — Cu(s)

the anode is generally put on the left and the cathode on
the right, so electrons flow from left to right;

4. Standard Hydrogen Electrode (SHE)

Salt Bdge Standard conditions:
. E' + gas pressure, 100 kPa (1 bar)

+ temperature, 298 K

« concentration of ions in solution, 1 mol
dm-3.

5. Standard electrode potential
The standard electrode potential, E° , of a half-cell is the voltage measured under standard conditions when the half-cell is

connected to a standard hydrogen electrode.

Standard Hydrogen

E!ectrode-.\*
Hyyy SBBZRTAE",
100 kPa
N NRpEBR"SNETF, EHEN, (SR )
SU“drfP”O”* MREEBE-R"BFLE, e, (SR )
surface

3 3
(it orous platinam (1.00mol dm™) (1.00 moldm™)

--increase the rate of the

equilibrium between Hs{g)/H*(ag)
il favor) Xl HALF-CELL REACTION E°/V
Stl’orlg reducing agents LI-(aq‘J il LI{S) ! _5(]5
=oxidation K'(ag) + e~ = K(s) _ -292
Hhtn R Ca’(ag) + 2e” = Cals) | ?.8?
Na‘(aq) + e~ = Na(s) =271
AP*(aq) + 3e~ = Alfs) . -1.66
Zn**(aq) + 2e- = Zn(s) . -0.76
Cr*(aqg) + 3e~ = Crls) . -0.74
Fe’*(ag) + 2~ = Fe(s) . -0.44
H'(aq) + e = 3H,(g 0.00
Cu**(aq) + 2™ = Cu(s) ' +0.34
7,(aq) + &= = I(aqg) . +0.54
Agiag)+e” = Agls) | +0.80
1Br,(aq) + e~ = Br(aq) . +1.09 Strong oxidising agents
_l:C\_._,(aq) +e” = Cl(aqg] | +1.36 =reduction
sFaq) + e = F(aq) +2.87 i (favor) il

RE IR
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6. Potential difference/standard cell difference (HZE)

Example: Calculate E" for the cell shown in the Figure below:

Cu* + 2¢ 2 Cu E°=0337V

18)

n* + 2¢ =2 In E’*=-0.763 V

s)

5

0 0 0 o @
Er',-u o El"rih‘rm.ﬁ' = E,hn..;,- =3 Eer = E,,.

g o)
g

;
-

E° = (0.337) - (-0.763) = +1.10 V
“1Fmfa”
7. Nernst J&

Culs) + 2Ag*(aq) == Cu®*(aq) + 2Ag(s) E®=4046V

s , RT, [oxidised form]
n

B Y e ed e

046V _. «— F®

cell
04 E=£% + 2922100 [oxidised form]
7 08y

Iglag’]
— L I
WEH:
SEHBT anode-cathode
kr electron, ions JE3) 77 5]
SR

8. Use Standard Reduction Potentials
Cell potentials can be used to determine if a proposed reaction under standard conditions will be spontaneous.
If the calculated potential is positive, the reaction is spontaneous.

If the calculated potential is negative, the reaction is not spontancous.

Zn(s) + Cu**(ag) — Zn**(aq) + Cu(s)
P

Ee = Eg — Ep = + 0.34-(-0.76) = +1.10V
9. HYDROGEN-OXYGEN FUEL CELL

* In acidic condition:

Hy(g) — 2H*(aq) + 2e
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* In alkaline condition:

—

electron flow

+ve electrode e—_ —ve electrode
; o ¢
H,in O, in
1 OH b ¢
Hy(g) + 20H(aq) .
— 2H,00) + 2e- DFTion 104(g) + HO() + 2e
in solution — 20H (aq)
H,O out . * -
é
\ anion-sxchange
‘membranes
Hy(g) +304(2) — H,0()

C. Electrolytic cells and Electroplating

1. Electrolysis
Electrolysis is the breaking down of a substance using electricity.

An electric current is being passed through a dilute sodium chloride solution, causing water to decompose into hydrogen gas
and oxygen gas
An electrolyte is a liquid or solution that undergoes electrolysis

The electrodes are made from an inert(unreactive) material.

Two inert electrodes, e.g. graphite or platinum

Na*(l) + e — Na(l)

. sodium reduction (gain of electrons)

2CI (1) — Cly(g) + 2e”
oxidation (loss of electrons)

Mk o, —H
é‘;- '.|; e
“RED CAT", "AN OX" ehilerine -
molten sodium

gasforms chloride (electrolyte)

Overall reaction

2NaClI(l) — 2Na(l) + Cl,(g)

This is a non-spontaneous reaction—a reaction that would not occur naturally.
The reverse reaction, between sodium and chlorine, is a spontaneous reaction.
2. Electrolytic cells convert electrical energy to chemical energy, whereas galvanic cells convert chemical energy to

electrical energy.

® s

lelznmn flow

cathode Reduction
accurs at S
cathode =

Oxidation anode
‘occurs at 3
anode

i /I/ca\hnde
1 - +

<« @b 1 b

=

electrolyte Oxidation occurs Reduction occurs
atanode at cathode
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ELECTROLY SIS OF MOLTEN COMPOUND

-
flow of flow of
electrons electrons
< anode (+ve)

half-equation cathode (—ve)

Pb2* + 2¢- —» Pb 2Br — Br, + 2e-
reduction (gain of electrong) ——

produced at| Maolten lead bromide Bromine is | oxidation (loss of electrons)

the cathode.| produced at
\ J the anode.

\
Molten lead metal sinks to the bottom

®\©
cathode

anode - o

bromine gas g

bubbles of Ak molten
bromine &0 rine

ELECTROLYSIS OF AQUEOUS SOLUTION

cathode (—ve) | anode (+ve)
I

Use the electrochemical series!!!

T O T I T

PTG = 2Fag 287
e g o HiOfsq) + 2H'(aq) + 2" = 2H,00 177

Strongest oxidising agent (/= ) usually netwi e - e 160
i + 2e = 2 +136

reacts at the cathode. ows syt = mon
Brjm + 2 = 28r(q +.09

Ag'(ag) + & = Ag(s) +0.80

Fe(aq) + o = R w077

Sk S e T (e e e

. 1)+ 26" = s w054

Strongest reducing agent (45 ) usually e o
£ Cutag) + 2o~ = Cugs) £ +0.34

reacts at the anode. Ell == T 1
= S+ 2H'(og) + 267 = Hsw H 4018

3 | sewurer & e 3

t | e = )

3 Srt*(ag) + 26 = sm S 018

E Nt + 200 = B oz

e s .

(HEIEARIR ) tieilet s i

Zn(ag) + 26~ =z 076

(et ) s s — e

Ma(aq) + 26 - gy 103

AP (ag) + 36 = g 167

Mg (aq) + 2= = Mg(s) =234

A dde s he

Cat(ag) + 20 = 287

e T o

Liag) + & = e ¥ sw

2. Rechargeable cells
Cells and batteries use spontaneous redox reactions as the source of energy.

When a secondary cell discharges(J8LEf), it acts as a galvanic cell, converting chemical energy into electrical energy

When the cell is recharged(72 ), it acts as a type of cell called an electrolytic cell.
Electrical energy is transformed into chemical energy in an electrolytic cell

During the discharging process(galvanic cell):

* oxidation occurs at the negative terminal (the anode

* reduction occurs at the positive terminal (the cathode).

ELECTROCHEMICAL CELLS

electron flow

anode [ - salt bridge

cathode

Galvanic Cell

Spontaneous rx. draw e into cell
| ———from cathode where reduction

solution

yte

n. & e"' occurs and release them at
u anode where oxidation occurs
oxidation reduction

In=7n*+2e Cu2*+2e = Cu Example

dation at anode  reduction at cathode Cu?+Zn >Cu+Zn?
CR
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When the cell is recharging(electrolytic cell), the cell reaction is reversed:

* oxidation occurs at the positive terminal (the anode)

* reduction occurs at the negative terminal (the cathode).

power electron flow i
supp,y\‘—.' Electrolytic Cell
+ . Current supplied by external
anode cathode source drive nonspontaneous
oxidation/reduction reaction
Anode + and cathode -, opposite
of galvanic cell
oxidation reduction
2CI = Cl, + 2e Mg? + 2e" = Mg(l)

reduction at cathode E |
CR xample

2CI +Mg?* = Cl, + Ma(l)

Cations (M*) move to cathode,
Anion (A") move to anodoe

Discharging

* acts as galvanic cell
: w5 T
* spontaneous reaction anodefi i 1

* negative terminal is anode

2=y

chemical electrical
energy energy

Recharging

« acts as electrolytic cell anode W 1 7
* non-spontaneous reaction

* positive terminal is anode

3. Electroplating cells B4 b

FAkEEREanode
(%kEB7) ! l electron flow
anode ?&Eﬂﬁﬂgﬁcamode
(#tRIP)

object
being
plated
(cathode)

tin(ll) nitrate solution (electrolyte)



