ELECTROCHEMISTRY

.]_. Introduction: What is Electrochemistry?

Demo: A Cuwire is placed in a solution of Zn(NO;),.
A light bulb is placed into the solution.
8 ¥ 2 o & W2 -2
Cuw + Zn(NO3)2ay —» Zng + Cu(NO3)2qy
1) What happens to copper as it goes from reactant to product?

s (i becams illere et (dest glectona)

2) What happened to zinc as it went from reactant to product? What do you think occurred in order for zinc
ions to become solid zinc metal?

A A braing iss Earlive (Qdmed lechins) , & bedole s rald
3) What happened to the intensity of the light bulb over time? Why do you think this occurred?
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Electrochemlstry looks at the )] PUZ 1) ’ZM of €  ina given chemical rxn.
As the e are being transferred from one species to the next, these € are used as a
source of electrical energy.

@i OTE: When we think transfer of e, we think ionic solutions, but electrochemistry happens for both ionic
= and (oA [ Z|l f solutions.
C e 3 .2
Example: 4 Al ® 1 3 Og(g) — 2 AbO; (s)
ionic species '
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II. Electrochemical Reactions — Redox Reactions

e Inany 9’1 5{(%’)’(’7 1% ﬂté%ﬁ a7, fz . rxn. there is a transfer of e” from one species to another species.

a) Oxidation: the [% ofe”

Example: Fe , Fe¥' +2¢

o b) Reduction: qami ofe (Qﬂmfﬂ’l% I IXQ'X\{}UH%)

Example: Cu®* +26 ___, Cu



¢ Fora (7 /f OX. rxn to occur, () de d{ 161 is always followed with
/% UCAIEN. - REDOX RXN.

Example: Fe + Cu?* (a) — re’ g + Cu

HI. Oxidation Numbers:

e In order derstand which ion has been oxidized or reduced, we must be able to assign
CXAAHEY,  Huld S to ions.
Oxidation Number: the };’}/ g or /1 .’/%/ZZ 14 ?%f charge on an atom or ion.

Rules for Assigning Charge:

1) Ox. # for neutral elements equal 2‘2 Y0

2) Ox # for any elemental ion is its [szz Zm {ﬂ?% . _capacity. (Combining Capacity = Oxidation #)

3) Oxygen: (0¥)- Ox#=2
EXCEPTION: (Hz(?) Ox#= -

4) Hydrogen: (H) - Ox#=1" -V Oxifdk i,
EXCEPTION: metallic hydrides (NaH) - Ox #= - 1,

5) When assigning ox. # for a g ﬁ{‘f{j{ { /}Zf ~ ,the more{ Jd g [/{Lfﬂ%%ﬂf} ion is assigned the

negative charge. "
o) qf;\gmthm Lo Aot e same oudation # ao Hhair (ﬁmmﬂ ng capuli g

Example: a) Fe (neutral element) - Ox # =

b) Mg”* (elemental ion)— Ox #= 2

¢) Fe;O3 (compound): O: 3x 27 = —-(_é
. Fe: 2x ‘.7_6 = t+{ (Charge per Fe ion = 3+)
+

Net Charge on Compound = 0

d) NOs': 0: 3x2=-0
N: 1 x_+‘?‘5= + H(For ion to have net charge of 17, N must be 57)

Net chargeonion = I
¢) H,0;:  O:2x1 = - % g The fzsa(;%,(?ﬁm Wi Ox%ﬁt S Guidation # (51 .
H: 2x17= + 2 i}
Net charge: =

f Meb: H: 2x 1 = = 2 § Fyophn whirg. Hydrzw's oxidation, # 05 (1)

Mg:1x2"= +2

Net Charge: 0



IVv. Balancing Redox Rxns:

l o Redox Rxn: has (f , Zﬁ .~ oxidation + reduction

o YiRxn: describesonly {7 @ » part of the redox rxn., either reduction part OR oxidation part.

A. Balancing Redox Reactions Using ¥ Rxn. Method

Example: Balance the following elementary redox rxn.

Cu®' g + Al —’CU(S) + AP g (-k@r‘( LS (LLYﬁm{ an i(}?ﬁ?ﬂdi/[/% i,
= choge - We gl 1o badance it) .

I ') Begin by writing the ¥ rxns.

Y 2
x Ox. 7z - Moy —> m%} Nhewe # @pesznt 4 0l ameum

. ! g
« RER. /> [u)’g% (i, / gl C?f Ak !ﬂ)é & (Zfﬁm
2)  Balance the numbéy of ¢ by finding the LCM. / S

% l%ecaf,m feti clmmz‘ € LR =
« LM, — MG, ap T OC —]*2 foine anmeunt gamid ! j

[(’uzz@) + 2¢ —— CM(()]’(Z)' %CM (_\

3)  Cancel out any similar species that appear on OPPOSITE sides of the two e equanons

/ZM —> )ZM(%) + E{
o %C/‘L oy /(Vé/ — 7301(,0

Net Redox Equation: 3 Cu® : 2 Al —_ 3 3Cu+2 Al‘?’+ C Ncét (jﬁa 2 én W 57[&7/) L A
P . o
NOTE: The _ %t redox equation should _ AJ{}7” have any e". Lalt %6 L([{.é/ talae e/ ,> .

[TOTAL ¢ LOST = TOTAL ¢ GAINED|

Some Terminology:

3C#AT + 241 —» 3Cu + 24P

e Cu®": was reduced. Therefore, it acts an oxidizing agent.

'

* Substance that Lo
from another species — thus (9}( /d / %1}’75{ that species.
Z

* Al: was oxidized. Thercfore, it acts as a reducing agent

. * Substance that m\!(%éb its € to another species.
Thus, a reducing a%ent ,/é,?y// i/ another species.




NOTE: Most redox rxns. require eitheran _ (1(/ df'C‘; or //7.), M( , _environment in order to '

ocCur.

1) Balancing ¥ Reactions in Acidic Selutions: 0

Example: Balance the Yarxn: NO 5 N>O (in acidic solution)

a) Balance all the species EXCEPT H or O
2N0 — N0
b) Balance the OXYGEN by adding H 9 C molecules — (Acceptable because the rxn. is occurring
in an agueous environment.) -
¢) Balance the HYDROGEN last by adding H t ions (Comes from the _(} ({ Q{ ,['C‘ n 2{2 f;
.}_
2H 1 ZMO — N}&O + H).O

d Add_€ __ to balance the . éd[g}gé .

SR — . _

AT+ WO 26 == N0+ WO @7 uction. 7))

8] —a
Exercise: Balance the 2 rxn.: Cr20-,-2' O in a01d
5 o+ Ayt 4 -

a)

b)

+1i7, +0

NOE: Kédox 245 will effan enty stiso e NE /}zamm?gg ”ﬂj}/ Hitus.
Spreaa AT undéngo 1y,

2) Balancing % Rxns. in Basic Sol"s:

Example: Balance the Y2 rxn: Cl, ——* ClO5’ in basic solution

Balance all other atoms except H and O .

(U, — 2005
Balance (f)}dﬁ#ﬂ atoms FIRST! using H 2( :
c.0 + (I — 2005 + 14t




d) Add the SQ e #of OH 'as H'to bﬁf f .)/ sides of the reaction.
Where there is both OH and H' on the same side of the equation, H,O is formed.

‘ Wivie +(5H2’Dm+ sz_,%, S )ULO% + IW'

L2H..0
e) Subtract excess //2 (3 ifthey appear on 6;%@/ 11 < sides of the equation.
(o viath™ — 2005 4+ CILe

-2
/) Add ¢ to balance the charges.

(L, + 1260 —— 2005 + GWO + 106 ( Ctidation 1)

3) Balancing Redox Equations Using Y2 Rxn. Method

Example: Os + 10y _  0sO4 + I, (acid solution)

« Qg s 050, W0y — I,
A0t 0o — (0 s SA*19e 2105 — T, + GH0
Ot 1) e+ 24" 1 2105 — T, + ¢U.0

— e e — . —_ e o e — _
—— — — —_— e e _—

LLCij 2310 - 40 | Sx (M0 + 0o — 00y + Gu* 28)
+
4X(12H*+QLD + IOe — 1, 6%\2_O>

e
dOX 5Us f%loé"LgH*_—} 60504'% 412 + AH0
Example: C10y N ClO;” + CI' (basic solution)

Disproportionation Rxn.: a redox rxn. in whichthe _ 2/}{{.  compound undergoes ﬁgﬁ{ 7 /

oxidatton and reduction. j
U — Cigs - (07 — (1
200+ erf CLD —> C£O5 U+ 200 4E’H+4H*+ 0202 — (I + QBT

TN

ZH50 y,.0 M ‘

) M 2X(M UJOw — @O t Hz(‘ +:?e)

(2004 CI0Z rd4e — ([ 4 40
Redew: 30007 — 20005 + (47




B. Balancing Redox Reactions Using Oxidation Number Method

Example: HCIO, + 11, Clh + HIO (acidic solution)

IR 3 P
1) Assign Ox. # to all at0m§ '|§
+
_'41_ - | }
HLQO« + T — (lz + RIC
1 A (A
H -4 | 9 o2
| ga::;:-; .
o ,
1) Since total change in Ox # = 0 — The /fﬂ?}‘ j/ amount of € being given off by the
$7 agent must equal the total amount of ¢ being taken in by the

agent.

« Tt nuitt of € 4 < gaind muist b €. (Lol 23 2)

Cfcvm«/f L.
HCLDL v 1 i)—dg ¢ HIC

1 Mt e x4

2) Balance the O and H as learned previously.

SHY + ,2”&02 + O — @2 v BILO + WO

—_ 1} L . \ m
ot Chave = A
CHECK: et Cﬁa@% & Nzt Cf/lurqu - (V)

Exercise: MnOy + SO ____,  MnO, + SO4 (basic solution)

Answer: 2MnOy +3 805> +H,O —, 2MnQ, +3 804 + 20H
aaind._3E x 2
20 7

2w+ 2t ZMnO +3505 _#_ﬁﬁunooi B304+ e h 200
LR T T mt :r(b e

L—

-4 +/Q; “g

/o a xt)

Exercise: UY" + MnOy ——  Mn>™ + UO,* (acid solution)
20

Answer:"5U* + 2MnOs! _—, 2Mn® + 5UOQ + 4H'

A0+ 5Ll4+ +2M W0y —— M0 +5L«le + A4YF ®
(I \ Ty
+4 t3 -5 +2 A
| . A

A6 AE xE)



|

\
Fxample: Byt 0;' — Hrpo,t + 17 (basic solution)
@& R '
S0 » -{ =1 (O

@piitte s folag 4 @} P e 18gdy]
b 2196, ¢ 570 — Ghpg o7 ]

MJ( o+ CI0; — 2 P00 + 10T+ 1207 4 L2OH
+ lew M TN T
JoR S e)
- /Ff‘{f e K@ﬂ |
Exercise: Zln o AsO0; As?3 + 7n2t (basic soln) * LJ/&LW lé&ﬁ’k/)
. Lo
bowyl 14 v oxidafion # for

L—gmm?@ o atm.

. 2 @Z”L + -"2—,%7_05 — folls + 521/12*>

200 128+ G2+ s, 05— 28eHy + B2+ MO+ 260
3 1200

Fxample: P4 ——» H,PO; + PH; (acid soln)
1) Disproportionation Redox Rxn. Rewrite the equation:
P, + Py —————» HzPOz- + PH;

2) All other steps follow the usual rules for assigning oxidation number and balancing.

Answer: Py + 6 H,0 — 3 H,PO, + PH; + 3H' .I P4 N ‘5“2 PDA‘ - PH5
b an
‘ - @ AN 47
a T P4 _— H;,PD;L + PHg, 20+ P4 —7 ﬁHZPDZ ‘H'}H_:
bt by T + Bh4
0 0 pat 3 43
@ | oot 3t

5 l 21 e —
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V. Reduction Potential — Redox Reactions and Energy

produced by the reaction in the form of / < ﬁ[ "A,

¢ One of the most practical uses for electrochemlcal reactions is to harness the S}/ h/
y B

There are two types of redox reactions: a) reactions- those that proceed
without external
energetic help. These
reactions,

electricity.

b) /w{/? ;/7{7/ 1245 41.) . reactions — Those that do not
react spontaneously.

These gﬂ:?g 1%
energy in order to

react.

A. Determining Whether a Reaction is Spontaneous:

e Redox rxns. whichare _ SE) [Jil4F£1{a.  generate 15111 . This electricity is
measured in Ve £5 ' , V
e The greater the amount of voltage ,f?/?ﬁ;f}/ g(f{’/%i by a reaction, the more
that reaction is. (ie. The more (+) the EY is, the more spontaneous the reaction).

Standard Reduction Potential (E”):

e All species are considered from the view point of its ability to be il
o The reference species upon which all other species are compared to is the reduction of H' ionin
solution.

2H gy + ¢  Hygy (E° = 0.00V)

e Conditions of a standard system: (a) Each reacting spe01e is { A in solution.
(b) Temperature is _9S (.
(c) Pressure is __ {77 MZ:

NOTE: The more willing a species is willing to be reduced against H; gas, (the stronger it is as an
agent), the more (+) the E°.

Example: Fag +2€ © 2F g (E'= +2.87V)
VS.

K'ap + € « Kg  (E"=-2.93V)

Example: Will 1M nitric acid dissolve gold metal to form 1M Au’" ions in solution?
D

H%” ”Ué{%) ¢ Ay —— My mp




Example: Are the following reactions spontancous?

it
0 @) Al + Mg — Al + Mg¥qg 56WVLWM
' 34 -
M v De == M, =1L bbb\
lagy g (%) S PR AR
] BT 0.

+ 24 /
« My = Mg, +20 2.3\
6 = %(@.@ @ @%@uﬁ Mg, V> b%ﬁg Sl
dﬁ@) U %ﬁ 0@(
(b) Na“agy + Cug— Cu''g + Nag W e ﬁ@m winte ot
“ Notgy v & = Nig -2V Rgucken bk ).
+
' oxl - .25V
« (e = lagy * e . -ooav 118471!2 C/
= Not retahaens
REMEMBER: A strong oxidizing agent will always spontaneously react with a ‘/:"'?17?"77&, reducing
agent. The opposite relationship, however, cannot occur.
The Activity/Reactivity Series: shows the extent to which / ],’ 9’2[/',”/ A wishto £k /(//Sf’
Li K Ca Na Mg Al Mn  Zn Cr Fe Pb Cu Hg Ag Pt
Most willing to Oxidize Least Willing to
Oxidize

B. Non-Standard Conditions:

Example: 2 Al + 3Mn*" 4 — 2 AP 4 + 3 Mng, (E”=0.48V)
Determine whether the E° will increase or decrease with the following changes:

(a) [AP']=2.0M [Mn*]=1.0M
* HYL’Q&{N r2e = My = -LIQV
* M/m = /QM?&Q})*SE/ o b Lo\

o
Lﬁ Wm c&wm . o shft et w;f ,/&wwg His
W

it & ¢ f?/@tmm dzcreare
(b) [A*"] = 1.oM [an*] 3 OOM

v Ml will el o ingre
M 2 - o
‘ * HW [&({)) + Q@ = MVLLS) 'lq\‘/ Huzi— Zg Y?d&&(l ) H;ﬁ/ﬁ%b
« M o= M” . az . pleey ) Y Bgie wee &
K g bzc Ay ﬂﬁm M[S) -
Y/Lw realts (y  noedxd £

/%ML!C 24 .



VI. Spontaneous Redox Reactions:

¢ Spontaneous reactions produce v?jfé/%?/m j .

Electrochemical Cells (Galvanic Cells or Voltaic Cells):

Ex.

+ Fe =
% H\'\Oi +%H+ + (Dré

———

-
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Line Notation:

e Short hand notation for any electrochemical reaction:
it by |dg>_,

i ” Mvw‘i:) Mﬂﬂ iP{'

plase, beundar
Example: Draw an electrochemichl cell for the redox reaction between Mg and Cu*" under standard
conditions.

<
—

M% 15)
(s 22 =

energy to run objects.

— 9

0.45V

ES L. - 1.
LSI\/% pac = A6V

Porous Disc/Salt Bridge: serves to
(LbLerh the ions in solution

as oxidation or reduction takes

place. The porous nature serves as

the conduit to  pIEHLGIE.

redox to occur.

Electrode: site for ions to reduce
onto. The electrode may or may
not be

Anode: site of oxidation.
¢ travels Away from
anode.

Cathode: site of reduction. q

Mg'2++,’le B

G'L Y] : EC

1.0

231
0,24\

2.HV

{ o



A. Applications of Electrochemical Cells:

1) The Breathalyzer:

3CHsOH +2Cr07" + 16H' . 3CH;COOH +4Cr' +11 H,0
orange-yellow dark green

¢ Blood vessels lic closely to the alveoli in the lungs.
» Exchange of alcohol vapours from the blood vessels to the lungs is easily accomplished.
¢ The higher the content of alcohol, the greener the breathalyzer instrument shows!

2) Car Batteries:

Anode: Pb + HSOy ———>  PbSOs+ H' + 2

Cathode: PbO; ;) + HSO4 +3H" + 26 — > PbSO4¢ + 2 H,0

Overall: Pby + PbO, + 2H" + 2HSO, —— 2 PbSO, + 2H;0

Above rxn. occurs when battery is 15 W2 = ror.
Spontaneously reacting to produce electrical energy.

As rxn. proceeds, the solid Pb ),  product starts

to accumulate onto the 2 ﬁ. . (Pb and PbO,).

To recharge the battery, an electrical source is applied ,

to the battery, forcing e back onto the solild PbSO,, » M f
thus forcing the rxn. _(l1  y2U%4%5 . (C]%b@)’ awr HA80,
The battery still eventually dies because the PbSOy ffmt- electrolyte

flakes off over time, falling into the acidic solution. Q%W@, I ld\%ugn

_ , Tpviding € 97 | /YA

3) Alkaline Dry Cell (Duracel or Energizer): ,d/@f %% JENNSE i~
Anode (lead ' T

Anode: Zng+ 20H —— » ZnOg + H,0 + 28 snid filled with = e (icad

spongy lead)

orid filled witir

Cathode: 2Mn02(5) + H,O .26 —  » Mn203 + 20H I — spongy PhO.)

Electrolyte (catakpei is ZZQ M ___ —therefore, alkaline name.

Zn is the liner on the battery .

MnOsisa Y f - that fills the battery’s shell —
Electrode for the MnQO; is a Carbon Rod

(Electrode is inert purposely, so that it doesn’t react with Zn.
Carbon’s job is to house reduced  £/5

- A{lt:cig
(A0 TR Case)

I
P ;
~~H———— Cathode

| teraphite rods

B puste o VNGO
b NH:CLL and

varkeon - X
- ot e

4) Fuel Cells:

Anode: 2 H, (e 40H — 5 4H0O,4E

-
]
o

Bathode: O, @ + 2H0 + 4€ — s 40OH

Overall: 2H2 (g} + 02 g ——» 2 HzO(])

4

A u
w pitdict (o SAmmieufadly
A1 iad




¢ The unique feature of a fuel cell is that the reactants
for the anode and cathode (or the “fuels” of the mxn.)
are continuously A

o The rxn. is efficient and produces env1ronmentally
friendly by-products.

» This is why it is a popular choice for “fueling”
the cars of the future.

Redox in Nature: Corrosion

e Most metals do not exist in their _ }]/} % il f states when found in nature. They exist as
O1CA, - The oxidized form of the metal.
o Almost all metals (except AdL, Ao, J%' ) are more oxidizable than O, and H>O.

NOTE: “Rusting” only applies to f;@ metal

Corrosion = oxidation of all {&%ﬂ[é}
Anode: Fe « Fe*' + 2e < F0d E’/ will 18 fé% m J%Z

Cathode: O 2H,0 + 4e & 40H
athode , + 2 e P[%%M%%DH)—

x Te eidised 7 o mzz
| - C i e rmduhen f () )
| N\ x The esuting recuction &f 0,
T ‘ e e, o p2 Son O orzafzs f%fm@).

lorming a pu
Fe™ +2¢7 ) (Catbode e ction: O- % THAO + 2™ —— JOH 3 * 77%4 95{/[( b}fﬁum fL(/)f’ L(} ]:()[UH)

e,y Fe T +36

it reaction: Fe

R(S) -

Preventing Corrosion:

1) Galvanizing: process of coating a metal with a top coatofa_ )12, reactive metal.
The more reactive metal will first, leaving an. ¥ fdf ?/ /f top
coat that prevents further corrosion. (Eg. Zn coated iron or Zn coated steel).

2) Alloying: where more readily oxidized metals are MI Y‘}{f. in with another metal. The mixture 1s
meant to lower the reduction potential to near 0V.
(Eg. Stainless steel has  f¢ and in its mixture).
3) Cathodic Protection: where a more oxidizable metal is “__ <}/ :[[ ﬁﬁid " to be oxidized first,
leaving the other metal protected.

x (mlvanizing (5 @ wiy 6 SAic B CHAg- O
Wms ﬂgt/m/% ﬂ%; 9-




VII. Non-spontaneous Redox Reactions

¢ Reactions that require energy L i ]{’ in order to proceed.
® ,

lectrolytic Cells:

* Electrolysis: the process of supplying electrical energy to induce a redox rxn. to happen.
Electro-potential is ﬂ/?//m fﬂ/f,&, )

Example: Cu + Zn*™* — Cu®* + Zn Eo N _
Heoretical
(tettea)
There are 3 types of electrolytic cells: a) Typel: M i‘fg}{f salt. _
Electrodes are “/MQ{ .

b) Type 2: _Agm solution.
Electtodes are | J[#A1

¢) Type3: ‘%ﬂ[m solutions .
Electrodes may be 27/ 5.

a) Type I:

Example: molten NaCl and platinum electrodes

(%W) Na(,@‘F@ - ,\b/g) % Ec -
(AonE 2 gy = (gz(%Jrle ficoraticad

) No raﬁfm % ractants 15 Kpilived blowe. W QIg
fie € anln @ SPenmisus 1n.
2) No %@Ef bna’g»z %mm Dacaiss. Wo et 5 nedded
Mg, | cilg &f Gycons 160D AN ﬁﬁa/ﬁd

Example: aqueous solution of Nal. Electrode is platinum,.

Pﬁé{“&]b& %admt’é Na{a[v ) (%y ) HZD(.G)

-—




¢) Type 3: Electroplating (Plating):

Method is used to force ametal to _ J //f Uis onto another surface.

Thi hod i d ively i ; i - 7
is method is used extensively in (ﬁ]/afm “wi}/] L SO | //w“i[% /)/ﬂ/‘%)

i <S” A7 G FHC ] w Galvaszin &Z pleceas Wigre we
re_loy wish bo frd Zi o rducs enlp Fe,.

Tii vl &3 &. IR eI Lidti
Example: Plating more silver onto a tarnished silver spoon.
€

_CATH@DG *@?LZ#_R% @Cﬂ H% /A%(a(b) ) /)‘%( S ) HLO

B N Kt 1o,
(CATHEDED - f\%ta(bv te = A%LS) feorticag

Other examples include making “tin” cans, “chrome” mags/rims.

A. Factors Affecting Yield in an Electrolytic Process:
1) The amount of electrons or Qéﬂ [’Ezﬁf flowing through the system. The more charge or e running
through, the more reduction can océur. .
Amount of charge is measured in _{ p11f ﬁmf)i%

2) The charge on the ion. The more € needed for the redox reaction, the ébﬂﬁjﬂz - it will take for

the reaction to be fully completed.

Example: Ag' + € o« Agg : Vs. + 2 %
x Reductien, of F, will ke tongee o o Aot bamws reductien of
ﬁbur%# t g% et ﬁf /1? 7 -

3) Amount of hm 0 g:ven for the electrolysis to occur.




