Chemistry 12

Reduction-Oxidation (Redox)
aka Electrochemistry

KEY



Oxidation and Reduction

What is a redox reaction? A reacton Huaat nvolves a —hansder
ob electrons.

Oxidation — (g LOSS of electvons b7 a Substance.
What type of substances tend to oxidize? ~metads

Reduction — o &’14/1\/ of d@&#ms b7 o Substace. .

Hint with respect to oxidation and reduction:
S i
LEO e Liow says GER
In order for a redox reaction to occur, there must be an oxidation AND a

reduction (ie. one substance has to first ‘give-up’ electrons in order for another
substance to receive them).

All single replacement reactions are redox reactions. Take, for example, the
reaction of iron metal in copper (II) chloride solution:

Few + CuCley = @(s) v Fe Céz (os)
Iron starts as a metal with a charge of zero, and becomes an ion dissolved in
solution with a charge of _+ Z . Are electrons donated or accepted by Fe
during its transformation to Fe*? _ PONATED
Thus, Fe undergoes OX IDAT 1o~ , and the half-reaction is:

Fe — Fe?' + 27
Copper, as a reactant, is actually a dissolved ion with a charge of + 2.
What does copper become, as a product? ("o petak

Are electrons donated or accepted by the copper ion during its transformation
toCu?__ ACCEPTED
Therefore, _Cu®" undergoes  Re€DUcTION |, and the half-reactionis:

Cu/Z I Za T C"(/




‘Chlorine’ actually begins as a dissolved ion ( (L or ¢hleride ien)asa
reactant and remains so as a product, thus it does not take part in the redox

reaction (it is simply a spectator ion).

To summarize:
Overall Reaction: Fes + CuClaeg = Cuws + FeCloeg)

Oxidation Half-Reaction: Fe = Fe?+ + 2e-
Reduction Half-Reaction: Cu? + 2e- = Cu

Balancing electrons (here, we need to be sure that the amount of electrons
donated equals the amount of electrons accepted):

Electrens are Mr&&ﬂﬁ? ba,gambcac

Overall Net Redox Reaction:

Fe + Ca,2+ —> Fe?T 4 Cu_

So, for every iron atom that oxidizes, two electrons are released, which are
enough to reduce one Cu? ion (hence, the 1:1 stoichiometry).

Note: the reactant that was a metal (iron) oxidized to become a positive cation,
Fe?, as metals tend to do. Cu?*, a metal cation, reduced to become a metal (the

opposite process and therefore a reduction).

¥ ajw ) “fl't"' a 5‘06,-4’,:—(.5 '?(U fed,ux/ér, CLI/LO#LM MMSTL
oxidi 2€ /

Some single replacement reactions involving metals and aqueous salt solutions
are spontaneous (like our example above) and some are non-spontaneous (recall

the Activity Series that you may have learned in Chemistry 11). Non-

spontaneous reactions of this type require an injection of electricity in order for

the reaction to occur.



A half-reaction specifies either the oxidation or reduction that occurred,
whereas the net redox reaction is the combination of the two (with electrons
balanced and subsequently canceled).

Silverware (silver/Ag) reacts with H2S (hydrogen sulfide) that is present (in
trace amounts) in the air in order to produce AgsS (tarnish). The ‘cleaning’(de-
tarnishing) of silverware is a redox reaction:

2Al + 3Ag:S = 6Ag + AlSs (‘Cleaning’ reaction)

*This reaction requires heat in order to overcome E. and water to act as an
electron transfer medium. Thus, the silverware is placed into a pan of water
which is lined with aluminum foil and then heated gently in the oven.

Oxidation half-reaction: ,41 ————

Reduction half-reaction: Aj Yy e —_

Net redox reaction: A ( v 3 /h = +

*again...no electrons are noted in a net redox reaction = all are accounted for,
and canceled, in the balancing process.

Oxidizing Agents and Reducing Agents

An Oxidizing Agent is a substance which _ OX 1D I1Z€<S another
substance. Therefore, an oxidizing agent itself undergoes
What were the oxidizing agents in each of the previous examples?

£ A4
LV

A Reducing Agent is a substance which _ KEDJceES another
substance. Therefore, a reducing agent itself undergoes 0x' DA on/
What were the reducing agents in each of the previous examples?




Practice Questions: For each of the following reactants, provide the

a) oxidation half-reaction b) reduction half-reaction

c) balanced redox reaction d) oxidizing agent e) reducing agent

*assume a metal ion reacts to become the corresponding metal (eg. in number 1,

assume Ag* becomes Ag).

1) Na and Ag*

a) No —> Nat ve” c) /\/a*Aj+"‘“‘“>/\/a+*%
Dhyre Tl )yt O

2) Al and Cu?
) A — AP 3T ) pps Bl > 2MTe Bl

b Cutte leT o Cu d)Cu® o) Al
3) Liand Fe?
. _ " )
) Li —= LiTre” ¢ 3L+ 7T — 2Lty Fe

b) ‘jﬂ% + 5.}0// —> (:e 0‘\) F;"‘&B-r e) L

4) Brz and Cr to produce Br and Cr?
) Cr — Cr¥ v 3™ &) BB+ 20 = (874 267

.\) grj-i Zew — Z@rﬁ 0() gV,, e) Cor

\
b
/

Assignment 1: Read Hebden p.190 (start at ‘Definitions’) & 191 and do
p.192 #1-2

Oxidation Numbers
An Oxidation Number is the I'eal charge (for ions, ionic compounds, and

neutral atoms/molecules) or Qppace wt charge (for covalent compounds)

~ F

that an atom possesses. It is very similar to_¢ombin s ng Capacity
£

\_.‘ / I




Guidelines for Assigning Oxidation Numbers
The sum of the positive and negative oxidation numbers must equal the overall
charge on the substance.

A) For neutral/non-polar covalent atoms/molecules, the oxidation number is 0.

Examples: Al C P4 N2 Ss
Oxidation#: @ O 0 0 0

B) For ions, the oxidation number equals the charge on the ion.

Examples: Mn?*  Br  §% Cur A
oxidation #:  t2 - -2 41 + 2

C) Polyatomic ions can be assigned a total oxidation number, which would be
its ionic charge, or each element in the ion can be assigned its own oxidation
number (part D will explain how to do this)

Find the total oxidation number: SO4? OH- PO+
-2 - -3

D) To assign individual elements an oxidation number in a compound or
polyatomic ion, perform the following steps in order:

1) alkali metals are assigned a +1
2) alkaline earth metals are assigned a +2
3) Other metals with only one possible oxidation number (comblmng

or ad el

capacity) - hodeose - e vl
4) oxygen is -2 (exceptions: peroxides (either X202 or XOgz, in general) 9

specifically: H, Oz or Mg 02
5) hydrogen is +1 (unless part of a metal/ hydride in which case -1)
ex) CaH2 (a metal hydride) = Cais +2, so each H
has to be ~! .
6) halogens are -1 (but can be different in certain situations)
7) Lastly, assign any atom that is left over using arithmetic logic.

|
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*Note: Since oxidation numbers are apparent for atoms in covalent compounds,
sometimes an atom may possess a non-integer oxidation number.

Practice Questions- Determine the oxidation numbers of each element.
a) MnOs  b)SO2  ¢)SO«* d)PCls  e) CuxO f) HBiOs g) OCI

+1|-2 F?E] + 45 - 2| [alslz] Faf«l
L C’ E@ ég] L S'EJ] 2l

_‘6'

h) NH-OH 1) NOs j)Io k) Cr* 1)Cr m) N2Os  n) HaP207

i L} q 4 B b b

_v-.i ]

Now that we know how to find them, how are oxidation numbers helpful?

When an atom undergoes oxidation during a redox reaction, its oxidation
number will INCREAS E as it changes from reactant to
product (it loses electrons — becomes more positive/less negative).

When an atom undergoes reduction during a redox reaction, its oxidation
number will __ PECKEASE as it changes from a reactant to a
product (it gain electrons - becomes more negative/less positive).

Assigning oxidation numbers to reactants and products in a chemical reaction is
helpful in determining whether the reaction is, in fact, a redox reaction, and if
so, which reactant is oxidizing and which reactant is reducing.

*A Generalization that gave rise to the Terms:
Species that undergo OXIDATION have their oxygen-to-other species ratio
Increase ;

Species that undergo REDUCTION have their oxygen-to-other species ratio
ratio  decrease .

This generalization may only be considered when oxygen is actually observed
in a reaction (in elemental or compound form).



Practice Questions

1. For the following balanced half-reaction (with electrons removed), how does
the oxidation number of chromium change? Is the chromium oxidizing or
reducing? Cr207* + 14H* = 2Cr¥* + 720
_rl* 3 [+ v b o +3
5 A @

Cr,in C0y | s REDUCING.

2. What happens to the oxidation number for nitrogen in the unbalanced
(skeleton) half-reaction? Is the nitrogen, in nitrogen dioxide, oxidizing or

reducing?
NO2 = N2O3

e )= +4 H + 3
5 BB

!\/,?n NO;, is RepuciNG .

3. Use the generalization to determine whether CrO4? oxidizes or reduces to
form Cr207%. Then, use oxidation numbers to confirm. What do you
notice? Conclusion?

AT A Y 1 - f .
L L/)L, = (/; O,? Usl :j j}{’,-i’.,_{f};-';i_.'f BQ/%M -
U g - | 3.5-+4 -1 (/rf;,',f?f‘ redirces
o 2 e M :
i/ 7 ? (. U \ hesrlaesr OYIL!:{_S L% -ad
2 L aes -C/&:oy. Lr T No CHaNGe redanc ¢ i
DI i e AL BATIONS
4. Use oxidation niumbers to 1Hent1 which substance is oxidized and WhJCh is M}_ ¢

reduced in the following redox reactions: ox C&;yh’ws
a) skeleton redox rxn: Cu + NOz = Cu?* + NO

o] !45@ B L2
6(& i1s oxidiz
N’ (. ‘\l\,‘EHI !g (Zd AL -
b) balanced redox rxn: I2 + 5SHOBr + PEO = 2103 + 5Br + 7H+

g[zmmg%

IIW\I’L, 15 Oxw{/.g/\»«j. .
Bf, n HOBV s ’“U’L"“a’j'



5. Use oxidation numbers to determine whether the following reactions are
actually redox reactions.

a) 220 = 2H2 + 92[ H n H,0 s r&o(McA‘nj ,
+]-2 C g

ﬂwy@é«e/ 4 s a  redox reaction.

b) 2AgCl + BaSOs+ = AgaSOs + BaCl
e [l
@ =

Assignment 2: Read Hebden p.193-194, do p. 194 #3-6, and the following
questions:

1) For each unbalanced reaction, which species is being oxidized and which is
being reduced?

a) S + ClO> = Cl + S S ox - diwed. . L | in CLO;™ is reduced.
b) Cl2 + SOz = 2CI' + SO& G, in S0, js pyidized - (R i, is reduced
¢) Mn? + HBiOs = Bi** + MnOs Ma* ocidised . Bi, in HBID,  is reduced

{

d) FeSOs + NO3 = NO + SO+ + Fe3+ {:L; ™ CQ,SO\‘,/ is Dxédijeo(- M, i No;l
15 reduced.
2) Consider the following reaction:
Zns + 2H*ag = Zn%*aq + Hog
The species being oxidized is: (circle the correct response)
A.H, B H 6}11 D. Zn*

3) When SO4% reacts to form S20¢? , the sulfur atoms
_A.\lose electrons and are reduced
.r B. gain electrons and are reduced
C. lose electrons and are oxidized
D. gain electrons and are oxidized



4) In a reaction, the oxidation number of Cr decreases by 3. This indicates that
Cris
[ A.reduced
\
\{oxidized
C. neutralized
D. a reducing agent

5) Consider the following redox reaction:
C:HsOH + 2Cr207% + 16H* = 2C0O2 + 4Cr¥* + 11H:20
Each carbon atom loses
A. 2 electrons
B. 4 electrons
\9)5 electrons
D. 12 electrons

Introduction to the Table of Standard Reduction Potentials
The last page of your data booklet...check it out!

On the left side, oxidizing agents (species that reducce ) arelisted from
strongest to weakest as you go 0w/ v/L the table (sort of like acids in the
acid/base table). Notice that from left to right, all reduction half-reactions show
a gain of electrons.

In general, the strongest oxidizing agents (species that reduce) are halogens and
many oxyanions.

On the right side, reducing agents (species that £ dbze  Yarelisted
from strongest to weakest as you move (J)_the table (sort of like bases in the
acid/base table). Notice that the oxidation half-reactions, when read from right
to left on the table, show electrons being lost.

Generally speaking, what type of substances seem to be the strongest form of

reducing agent? WLUM
S

10



The double-arrow does not imply that the reactions are at equilibrium (nor
does it imply that the reactions can reach equilibrium). The double-arrow
simply means that the half-reactions can occur in either direction depending on
the substances present in a reaction. Once you know the direction to use
(oxidation or reduction) for a specific reaction, use only a one-way arrow when
writing the half-reaction.

Why do some substances such as Cu’, H20z2, & Fe? appear on both sides of the
table? f’;\b(r’ ¢ Qe Ak /’a - .\”‘ OXi f_'."“_- 2 & re Arce b),\C"’ P, ,/u{
ped

[ - /

- ,{; ' 7 '_ “[ \____I' & 7
io-'ﬂ_. o | AL (_ADAA tTH1ES o g Oty yréactaost (..

Many of the metals have more than one common oxidation number, and
therefore may have multiple half-reactions on the table (i.e. copper can have
oxidation numbers of 0, +1, +2)

Some half-reactions require acidic conditions (H* from a STRONG acid must be
present), while some require basic conditions (OH- from a STRONG base must

be present).

Predicting Spontaneity

How might you know whether a redox reaction is spontaneous or not?
Recall: In order for a redox reaction to occur, there must be a reduction and an
oxidation occurring simultaneously.

The first thing to do is figure out what substance is oxidizing, and what
substance is reducing. Then, consider the reduction half-reaction and the
oxidation half-reaction while taking into account the following:

1. If the reduction half-reaction is higher on the table than the oxidation half-
reaction (remember that the oxidation half-reactions are written backwards
(right-to-left) on the table), then the reaction is _ SFONTAN ED US

2. If the reduction half-reaction is lower on the table than the oxidation half-
reaction (or, if on the same line), the reaction is _NoA - S &on/ T# 0L

3. No redox reaction is possible if the reactants can both OHlyreduce or can

both only oxidize (both found only on the same side of the table).

11



Practice Questions:
1. Classify the following reactions as being spontaneous, non-spontaneous, or not
possible by any means (ie. no reaction at all).

a) ZnSO4 + Cu = Zn + CuSO4 W’SPWWS
b) Zn + AgS = 2Ag + S + Zn?* < pgntame ois

©) S + NOs + 6H* = NO + HsS + 2H:O0  ho feacteorn. &t all

2) Which metal can be oxidized by I2 but not by an acidic solution of SO ?
(Note: in future questions like this, assume that we are trying to discern the
differences between spontaneous and non-spontaneous situations. If we
were to consider answers where no reaction is even possible, the answer
key would be infinitely long).

3) Which metal(s) can act as a reducing agent for Sn?* but not for Co??

NT Co
Assignment 3

1) Which of the following reactions occur spontaneously?
a) Cr* + Ba = BaZ + Cr SPW"W ue

b) I2 + 2CI = Cl + 2T  nen -spentanenccs

c) 2NOs + 8Hr + 3Ni = 2NO +4H,0 + 3Ni?" spevfaiicous

d) 2A1% + 3Ca? = 2Al + 3Ca no+

2) What products are formed when NOs in acidic solution is reduced by Fe)?

NO + H,0 + Fe?T
3) Read Hebden p.195-199 and do p.199 #8ace, 9ac, 10ac, 11aeg, 12(all)

12



Redox Logic Problems

Strategy to solve redox logic problems:
i) separate all substances into two columns, oxidizing agents and reducing

agents;
ii) list the reduction half-reactions to produce a ‘crude’ mini-redox table;
iii) correct the table, if need be, using the information provided;

iv) answer the pertaining question using your correct mini-redox table.

Examples:
1) Given the following information:
K+Z =K+ 7Z
K- + M = no spontaneous reaction
List the reducing agents from strongest to weakest (M is a nonmetal and

becomes M- when reduced).

OA ] kj A ’ CCPLQ(J'... Table [ (ﬁqr_reaf Table
B (. = I - =iy s o |
2’ |J 2 i Z-r@ —-—-72? z y e “’22‘
K K K+e —%K ,'}\*'C 3 }M K 2

/ /

|

S

L

]
I | :
!
)

Mo M7 MM | e ]

2) Given the following information:
A- + L* = no spontaneous reaction

A+P=>A+ P
List the oxidizing agents from strongest to weakest (L is a metal and

becomes L+ when oxidized).

oh | PA ) Crde | Cevreet

i A~ By A" | Py e —>P7
LT L L++e———> L |A+e —B" F A L-f—

P \ p- [ F“'fe"—-—‘r (9"" ltee > L 5 ( —~|

1 I

Assignment 4: Hebden p.200 #14-18



Assignment 5: Multiple Choice Review Practice

1. Consider the following oxidation-reduction reaction:
2Mn* + 2103 + 2H20 = 2MnO« + I» + 4H*
The reducing agent is

A. T2 B .le‘
yd K2+
C. H.0 (&Mn

2. Consider the reaction below:
Cu?*ag + Nig = Ni%*@g + Cug)
This reaction will proceed spontaneously because Cu?
A. is more easily oxidized than Ni*
B. is a weaker reducing agent than Ni?
C. is a stronger reducing agent than Ni%
"D, /gains electrons more readily than does Ni?
3. A piece of zinc metal is dropped into a solution of FeCl2. The result of this
procedure is
A. no reaction B. the zinc is oxidized by Cl2
C. the iron is oxidized by Zn% L_B"the zinc is oxidized by Fe?

4. Consider the redox reaction below:
2BrOs + 10ClI- + 12H* = Br2 + 5CL + 6H20
The oxidation half-reaction involved in this reaction is
A/2Cl = Cb + 2e
“B.2H* = Ha + 2e
C.BrOs + 6H* + 5¢- = 1/2Br2 + 3H20
D.BrOs + 6H* = 1/2Br2 + 3H20 + 5e-

5. Oxidation is the process involving a
A. gain of protons B. loss of protons
C. loss of electrons D. gain of electrons

._//

14



6. In a reaction, the oxidation number of S changes from 6 to 4. This
information tells us that sulfur has acted as
A. areducing agent, losing 2e
B. a reducing agent, gaining 2e
C. an oxidizing agent, losing 2e-
-J'/'D,::' an oxidizing agent, gaining 2e
7. Consider the reaction: 2H20 + Al + MnOs+ = AI(OH)s + MnOz2
The substance which undergoes reduction is

A. Al B. H20
C. MnO« D. AI{OH)«

8. Consider the reaction: 2H* + 2e- = H>
The reaction represents Er
A. oxidation [ B.reduction
C. electrolysis "D. replacement

9. Which of the following is non-spontaneous?
A.Pb(NOs)2 + Ni = Pb + Ni(NOs)2
B.2AgNOs + Ni = 2Ag + Ni(NOs)2
C./Co(NOs)2 + Ni = Co + Ni(NOa)2
D. 2Au(NOs)3 + 3Ni = 2Au + 3Ni(NOs)2

10. Which one of the following is the strongest reducing agent?
A/Al B. Ag
C. Ag' D. Al

11. The oxidation number of an element decreases during a reaction. This
implies that atoms of that element
A. lost electrons B. were oxidized
" C.I:_}gained electrons D. acted as a reducing agent

"

12. Which of the following is the strongest oxidizing agent?
[ A, Cu? B. Pb*
C. Niz ] Sz

15



13. Metallic platinum reacts spontaneously with Au*@q but does not react
with Ag*ag . The metals, in order of increasing strength as reducing agents,

are
A. Ag, Pt, Au B Pt, Au, Ag
C. Au, Ag, Pt /D./Au, Pt, Ag

14. Which of the following pairs of ions will react spontaneously in solution?

A. Cu?* and Fe* B. Pb% and Sn?
f"C.}Co% and Cr? D. Mn?* and Cr*
:\W"/'

15. When NOz2 reacts to form N204 the oxidation number of nitrogen
A. increases by 2 B. increases by 4
C. increases by 8 D.'does not change

Writing Balanced Equations for Redox Reactions Using the Table

Steps:

1) Find the appropriate reduction and oxidation half-reactions from the table,
and write them down, one above the other.

2) Balance electrons.

3) Cancel where appropriate and write the balanced equation. Electrons should
cancel and not be written in the overall redox reaction
(electrons should only be observed in half-reactions).

Practice Questions: Write a balanced reaction for the following reactants:
1. Cu and NOs- (acidic) to produce Cu? and NO
NOy" + YHT 4 37 —— NO + 2H,0

Cw —2 G+ 27

e

"kl
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2. MnOy+ (acidic) and H2SOs
MﬂOq.-* ?H"-}— Se™ — Ma2* + L/'H;O

#,,§05+ H O — SOY".,, ;/.H++ Je” lemMm = (D

/Z M"‘_Q’_-IL- + S H, S0, ——> 7 Ma*"+ Ssof'-r 3H O + ‘%H*I

Assignment 6: Write a balanced equation for each of the following
1. a) H202 (acidic) and N2O4q)

[0+ N,op —> 2NOy+ 247

b) Ag* and HaS¢)

| Jif = o« od ezt

ol - 24" —— 5. 24 - 27

¢) IOs (acidic) and H202

| 2103' + SH,O, + 2HY ——> 50, + [, f-é#,,O ]
| : |

d) HsPOu4 (acidic) and NO

|

'3H>P09 + 2NO + Ho —> 3 H, PO, + 200"+ 2HY

17



2. You have an orange solution comprised of acidified 1.0M Cr207?- and a green
solution comprised of 1.0M Cr®. Non-acidified hydrogen peroxide (H20z) is
added to each solution and a redox reaction occurs in ONE of the solutions.

a. Write the balanced equation for the redox reaction that occurs.

b. How might one qualitatively deduce that a reaction is actually occurring?

Orainge
\J

Balancing Half-Reactions Without the Use of the Reduction Table
Using the following guidelines, it is possible to build and balance half-reactions
that are not on the redox table starting only with a skeleton half-reaction.

Guidelines: ‘MAJOR HYDROXIDE’ (MAJOR OH-, actually)

1. MAJORS: Balance all majorelements (all elements except O and H).

2. ‘O’: Balance oxygen by adding H20 molecules to the applicable side.

3. ‘H’: Balance hydrogen by adding H* ions to the applicable side.

4. - (e"): Balance the charge by adding electrons to the applicable side.

*5. If necessary: If the half-reaction is basic, you must use the equation
H>0 < H* + OH- (may also be written the other way around) to cancel

protons (which are acidic) from the half-reaction and end up with OH- ions
(which are basic).

18



Practice Questions: (other examples on p. 201-203):

1) Balance the half-reaction whereby NO is reduced to N20 in acidic solution.

‘Skeleton’ half-reaction: NO = N20

2NO — N, O
+ LHT + 4,0

v 2e”

LZNO+ ZH*, "'“’—-—)N;O*HO
2) Balance the half-réaction W!Heere“b MnZ is omﬁzMz in acidic

solution ‘Skeleton’ half-reaction: @ Mn?% = MnQO2

4 HY
+2M,0 oo

| Ma?* s 2H,0 — Ma0, + WHY . ze:;}

y
———

3) Balance the half-reaction whereby HOz> is oxidized to O: in basic solution.
‘Skeleton’ half-reaction: HO2 = O2

+HY 4 227
HO,™ = O, & W & 2e”
%-\» OH™ — H, O B
[Fo,” + OH" —> 0, + #,0 + Ze”]
4) Balance the following half-reaction in basic solution.
‘Skeleton’ half-reaction: =~ Cu20 = Cu(OH)2

(w,©0 — 2 Cufow),
+ 34,0 + 2HY 4 27

Cu,O % BH, 0 — 2Cu(oH), + 2H*+ 2¢

-~

G, 0+ B0 + 20H™ —-— ZCMQDH)L 2.7 |

Assignment 7: Hebden p. 203 #19a-m

19



Balancing Full Redox Reactions not on the Table

Steps:

1. Figure out which reactant substances match up with which product
substances to build skeleton half-reactions. Make sure all ‘major’ elements
are present in a half-reaction from the start.

2. Balance each half-reaction using MAJOR OH- guidelines. However, do not
convert to basic (if necessary) until after step 4 of this list.

3. Write newly constructed half-reactions one after the other and balance
electrons.

4. Put half-reactions together and cancel where necessary (electrons should
always cancel out).

*5. If necessary: Convert to basic conditions in same manner as learned
previously. If there are no H* ions left to convert to basic conditions, then
no conversion is possible or necessary.

Practice Questions: Balance each of the following redox reactions
1) H2PO2 + CNO- = CN- + HPOs (acidic) -

H, PO, —> HP0.” CNOT » CNT ( )
. #2/() N 33H_+ + 2 +Z2H 4 2e” £ H;O [{ LC M= é
| J
ot = o e e B oima a : o 1
| L Ho PO+ ZCNOT > 2 HPO,T 4 ey T+ H 0

i

2) H202 + SCN- = NH,"+ HCOs + HSO« (basic)

v le Lem =

U N, 0, + SCN™— N T+ HCO,™ 44S0,™ + H,0

20



Disproportionation Reaction: a redox reaction wherein the same substance is
both reduced AND oxidized to make two different products.

3) Balance the following reaction (basic):
P+ = H:PO2 + PHs

R’; = HZPOL-' P‘f > PHB
R‘f — %H;[QO;- PL', E==—2 L,(PHs
+ZH,0 + g H iz HY Lem =12
+Ye” Fl2e”

P + 24 H0 — 12 HyP0."» $PH, + J2 HT
J2H*+ [20HT — 2 H,0
Lf:—P:i 12 H,o + {2 0H™ —> ,2"5;!,—0;_; -Q—PJ;
Assignd e O P B H,F0,” 1 P, |

duiz 3
The Electrochemical Cell

\A%Vhat is( an ﬁic‘;cgoc}if:mical cell and how does it work?

el ouses @ Spewtancous reolpy yeardion

@Le(/hims %@T.ﬁjcd by Qs c?xr'of:ci/ﬁow ;iif:b{'y Viﬁf;,oi?(« wf_z/ wire.

4o red,ucc[' aungther qaec«‘es. m é/l}:CC/fva*nS Can be Yuseol Yo
What is another name for an electrochemical cell? pvwe/ oo deviee

347‘)’&?—7, VoLTAIC CELL .
110V

cations anions o)
Na® NGOy, ;
anode . cathode
NO; @ NO, f ol
i ZnEs y _ " H ; o

Znisy — Zn'lagr+ 22 Cuiiaq) + 2¢” — Cuish

21



Key Terms

Flectrode: & Conductor Thad acts as Yhe sie o a hadt - reaction.
Electrong are conditeted }/’7 an  electole. USMé& a. METHL.

Anode: Hwe efectrode Yhat is Hhe site of oxidaten
-4 i CAf . ) NIy ™
(,11\ ‘-H&L MOOL@ s SC/‘?{' 6’»/‘(40(2; ;p{?g‘" N3 iUx;.'I.-f .-;Bst;. );%g) | AN OX CARED
Cathode: e ¢lectode Huwud is “Hhe sife of  resduction . a‘f”d:f i
. . o Owdanem
( ‘he Cathode inerease i pMass as a cell _
. : ) 4 .
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Summary of the Electrochemical Cell on the Previous Page

Oxidation takes place at the anode, as Zn metal atoms lose two electrons to
become Zn?* cations (Zn = Zn?* + 2e’), which then dissolve into solution
(notice that a zinc salt is chosen as the electrolyte in a zinc half-cell). The
electrons travel up the Zn electrode and through the wire to the cathode Cu
electrode where they are used to reduce Cu? cations to Cu metal atoms (Cu® +
2e- = Cu). The electrons travel from the oxidation to the reduction half-cell
because they are being essentially ‘pulled’ in that direction by the Cu?* ions,
which are looking to be reduced. The Cu? ions are attracted to the cathode (Cu
metal) by the negatively-charged electrons that are arriving through the wire.
Thus, the anode Zn electrode loses mass (as Zn atoms oxidize to form Zn?* ions
that dissolve in solution) and the cathode Cu electrode gains mass (as Cu?* ions
reduce to form Cu atoms that plate on top of the existing electrode).

The point of the whole process is to get electrons moving through the wire,
which can be hooked up to electrically power a device such as a light bulb.
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Salt-Bridge Explanation:

To balance the positive charge build-up in the solution at the Zn anode (due to
production of Zn?"), NOs anions from the salt bridge migrate into the anode
solution and Zn?* cations migrate out of the anode solution into the salt bridge.
To avoid negative charge build-up at the Cu cathode (due to loss of Cu?), Na*
cations from the salt bridge migrate into the cathode solution and NO3 anions
migrate out of the cathode solution into the salt bridge. If there is no salt
bridge, the cell would cease to operate due to the resistance by the build-up of
like charges (ie. Neutrality in each half-cell is pertinent to the cell functioning).

If the half-cells were not separated, the redox reaction between Zn and Cu?
would occur directly in the solution (Cu?* ions would be right beside the Zn
metal taking Zn’s electrons) and there would be no electron flow in the wire.
Thus, the electrical energy from the cell could not be harnessed and
subsequently used. (Cu would accumulate directly on the Zn)

Determining what redox reaction is occurring in an electrochemical cell:
Electrochemical cells are spontaneous (as opposed to electrolytic cells, which
are non-spontaneous). Therefore, find the strongest reducing agent and the
strongest oxidizing agent and they will be your key reactants in your cell.

Draw a Mg/Pb electrochemical cell (assume the lead ions are Pb?).

— O, .
L | k4 0| RA_

| /.

h) P
| ;Tv”\/* If' My )
K | HaD
o |
™\ N |
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Half-Reactions

Any two half-reactions from the redox table can be put together to create an
electrochemical cell. However, not all half-reactions include a metal. How can
these reactions be set up in a half-cell? Through the use of _ /NER T
metals/conductors.

Draw a Mg/F2 electrochemical cell.

OA | RA
H"D.. H,D
FE)FE-
Mq 2t M 4 )
3 Ve |
+
WA | Noy K
&L, a erh\}j
Mnode ATHOD
Mj——’ Mj r*Ze' F;"le-m—”’ZF
Practice Questions: Mo + b, — Ma2%v 4+ 2F 7
1. Draw and label all parts of a Sn/Al electrochemical cell. |
| Oh| €A gp€ C.'T_
7 ag ) b (6 o
ﬂ{hl Y - 4o s C'a_‘,',,{{
W0 | W0 ; Liow: P e
Ke | S e oot
(o
Sa¥ 42 2% M — A + 3
a) Identify a suitable electrolyte for the 'Al' half cell. AI.(NDQ g
b) In which direction will electrons flow in the wire? A{ 4+ S
¢) Which electrode will lose mass? A(
d) Toward which half cell will the K+ in the salt bridge m1grate7 Ca;(wt,\ooﬁ,
e) Write the half-reaction occurring at the anode. A{ — 74( 3 2 [ o i T ¢
f) Identify the cathode. S v A
g) What happens to the [Al*] in the aluminum half cell? T \L = P S
h) Write the net redox equation of the reaction. N s” ) %E
55 s 2 AL oy 3Sme 2AT TN by’
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2. Examine the following diagram of an electrochemical cell.

e -
Anode —, [ €, Cathode

0 “ 0 .
| + post
e J Cu

- post [ )
Al 1 e .
electrode .=~ NO, . electrode

{/ \ K+
I 1 1§ T R
.‘-I i L l -.,. s ! | i .’.-__..—'7:1‘.
== 1| : k= 4 i |
2 bl I,".i . -'
| ( cu-'-.'

:: ill; A|3+ 1 - : T CUNOS
MNOg)y| I W (W /1
@ b, L ™
Al {s)=> Al* (ag) + e~ Cu'{aq)+ e=Cu(s)
Anode oxidation Cathode  reduction
a) Identify the cathode.

(w
b) What happens to the [NO3'] in the aluminum half-cell as the cell is working?

lnerease s
c) What happens to the [Cu*] in the copper half-cell as the cell is working?
Decreases
d) What is the role of K+ from the salt bridge? o nigafe 1afe Cashecle aads-cedl
fo wdp newtve lize “the Jdes c-i';f_;- irg  neglhve chavge .
e) Write the net redox reaction. ’ -

O - , .
ﬂf 3wt — 40 2l
Assignment 9:
1. Draw an electrochemical cell with Mn and Pb electrodes and solutions of

MnClz2 and Pb(NO3)2 with a KNOs3 lﬁlggigge 04 | PA
M“.; .'. ?"-&E,}_ W i Mh“ | *Mn”
| BN Ha0 | 4,0
( Pp* | Pl 2+
& |Mw
a) Identify the anode. f\\n ! 4

b) Write the oxidation half-reaction. Ma — Mn2* + 7~

c) Write the half-reaction occurring at the cathode. Pp**, 2.7 -~ Pio

d) Toward which electrode do the K* ions in the salt bridge migrate? ¢ATHpDE (P b)
e) Toward which electrode do the electrons travel in the wire? CATHODE ( Po )

f) What will happen to the mass of the Pb electrode? ]Vu'/ms e
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2. Draw an electrochemical cell with one half-cell having an iron electrode and
iron III nitrate solution and the other half-cell having an inert platinum
electrode with Clzg) being bubbled in. The electrolyte in that half-cell is
aqueous sodium chloride. Use KNOzin the salt bridge.

a) Identify the cathode. P’L’

b) Write the half-reaction occurring in the iron half-cell. [, —s Fe?* v Z¢

c¢) What happens to the [NOs7] in the iron half-cell? |, Crease s
d) Write the half-reaction occurring in the Cl2 half-cell. CQ.,, v 2 — 2L

e) What happens to the extra Cl- ions being produced at the cathode? move 14+
sak® br! oLj ¢

f) What is the function of the platinum electrode at the cathode? =2 cenduet
hect ong

g) Write the net redox equation for this electrochemical cell.
Fe « C,Ql —> et . 2007
3. Read Hebden p.215-217 and do #34-35

26



Standard Potentials

Cell potential, measured in volts (V), is the 'pull’, or 'driving force' on electrons.
Potential, or voltage, acts on electrons just like ‘pressure’ acts on water, or like
gravity acts on objects. In an electrochemical cell, the substance that is reducing
pulls the electrons through the wire, and this movement of electrons can be
used to do work such as power a motor. One volt is defined as 1 joule of work

per coulomb of charge transferred, so voltage gives an indication of how much
work the electrochemical cell can do - the higher the voltage, the stronger the
cell.

The magnitude of the voltage in an electrochemical cell depends on its half-
reactions. If a substance that is very good at giving up electrons oxidizes (low
on the right side of the table), and a substance that is very good at reducing
gains the electrons (high on the left side), the cell will have a relatively large
voltage (large gap between half-reactions on table). Generally speaking, the
smaller the gap between the reduction and oxidation half-reactions, the smaller
the voltage.

Find the cell voltage of a lithium/fluorine cell:

*When calculating cell voltage, switch the sign of the oxidation voltage:

. - =% = 293 VvV / —
Fo v 2e — ZF i : be Epu = 591V

Ly — L+ e” E° = BodV

*Coefticients don't affect voltage, as it’s joule per coulomb of charge (see p.221 Hebden)

The E° values on the table are at ‘standard state’, meaning 25°C, 1 atm. pressure
for gases (‘room’ pressure), 1M concentration for all solutions. If any of these
conditions are altered, it is just an E value as it is no longer at standard state.

Notice that each half-reaction is assigned a certain voltage on the redox table. It
is impossible to set up just a half-cell (without another half-cell) and get a
voltage reading. You can only get a voltage from a complete cell with oxidation
and reduction half-reactions. So where do these values on the table come from?
The hydrogen half-cell at standard state was used as a reference, and every
other half-cell was hooked up to a hydrogen half-cell and the voltage was
recorded. Thus, the hydrogen half-cell was arbitrarily assigned a voltage of
0.00V (see table).
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2H* + 2e & H» E° =0.00V

Below is an example with hydrogen and a Cu/Cu? half-cell:

/; gr:_o._s Q}f e
( Voluneter . W

c

Hz(g)
1 atm =i
Cu
ipd
iy .
H*(aq) == Cu=*(aq)
(1 M) (1 M)
ANODE CATHODE

Ho = 2H* + 2e- E°=0QV Cu* + 2e-= Cu E°= 034V
To predict the cell voltage of two half-cells, simply add the two half-reaction
voltages together: Bt = OV + 0.3¢V = 0.34V

What about a cell with a hydrogen half-cell and a zinc half-cell?

| =
YT

i E_—b
—
=il
Salt
-, Bridge - 4— Ho(g)
i AnodeE°’= 0.3V
] | 1
sl | Cathode E°= 0 V/
!
| s Eocell - 0 ?6 V
HY— C'é-'lho'tlie» t

2H" + 2¢ > H,
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Any other half-reaction could have been chosen as the reference half-cell and
been assigned 0.00V, but it was the hydrogen cell that was used.

The voltages given on the table are for reduction half-reactions. To determine

oxidation half-reaction voltages, reverse the sign on the voltage measurement:
If Cu? is reduced (as above): Cu* + 2e = Cu E°=0.34V

but, if Cu was oxidized in a cell: Cu = Cu® + 2¢ E°= -0.34V

Example (not involving Hydrogen half-cell): Brag +2e" =>2Br E’= 1.09 V
Pbe = Pb2 +2e” €72 0.3V

Ecen= |.22 V

»

A spontaneous reaction has a positive E°1 and is an electrochemical cell.
A non-spontaneous reaction has a negative E°cn or zero E°ei and is an
electrolytic cell (it won’t occur unless supplied with voltage).

Examples:
1. Calculate the standard potential of the cell: Cu* + Co = Cu + Co*
Rediwction - Cu?? 4 Je —> Cu E%= 0.3¢V
Oxidation: Co —> (o?'+2e” E°= 0.28v
” ifei[ = 0462V

2. Calculate the potential of the cell: 3Zn* + 2Al = 3Zn + 2Al%*

*Remember: Coefficients don't affect the voltag

?w(,wc%m: .'(I"i-\;“ 4 .?e’_ » ? f_—_‘f{ex (_.}‘ = "'076\/

14 22 P

0)( lo(ﬁ./’/’fn - J{] _{I — ,:'.i-_' ' =7 4 31 t-, ot <] /._é 6 V

Ccacfl = .90 v
3. Write the complete redox equation and calculate the E°.uof a Pb/Cr

electrochemical cell. OA | gA
Ke,oéu.c Fiew: iy Je —D Fi Ef= 0.3V ‘& ";'E
OX(A(.A"*W; Cr — C/g+4' e 60? Q. v “::-’wfl ,."‘(-_'
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Cells at Equilibrium (Static)

The E°cn of a cell is the voltage at standard state, so solution concentrations are
1.0M. As the cell operates (as the battery runs), reactants are being used so
their concentrations continually decrease, thus the voltage starts to decrease.
When all reactants are used up, the cell will cease to operate, and the cell
voltage will be zero. At this point, the cell is said to be at equilibrium.
Therefore, the voltage of a cell at equilibrium is 0 V.

Assignment 10: Hebden p.224-225 #36abcdef, 37, p.226 #46

Cell Potential Practice Questions
1. Draw and label an electrochemical cell using a copper anode and having an
E°cen greater than 1.0V (The product of the oxidation is Cu®).

EAN

(Qxi;{&_z*'f.lsrﬂn : C‘u, _ sz*f Ze E==0.3%
Eﬂ.ﬁf/{.c'{'r'&u ; sSee below E°>[.39v

ES, > 1oV

N[
Culhosd )\ ) "
CU’\/Odp W&ﬂd-@ Xt -‘l-"'f_:- i .r“lv'.w'.,a'. e .

43 7 )y — wedelic !::I" ":;"‘_' /}H ¥
aciolic (L0y~, A Sl '

!

o .".
{/ ! ; Ly
] [ :v\/_ .

: A - = : ] P _II..
aciolic. Mn Oy p aedic 50, 5252.
|

2. If the E° for Ni* + 2e- = Ni were set at zero volts, what would be the Eo F,

for Cu* + 2e = Cu?
N2 F2e” —> N7 ~0.26v — 0oV (u _e‘ze_v)

Ca™™ 5 2. — Cic 0.34v + 0.26V = ;)0’60\/ 'f

=

3. What will happen to an aluminum spoon if it is used to stir a solution of
Fe(NOs)2? Use E° values to support your answer.

Fe?t  2¢” —= Fe E°= -0.4c VvV
M — M+ 3. E= Lesv

Eeg = [-21V

= e reactie— i< s‘F:Fn‘f’:Lp;cn:féq

So “fae f'—:f:{‘i-;‘,-'lu Lwﬂ Asssolve,



4. Four metals were used to set up the following electrochemical cells:

Anode Cathode Cell Voltage

] L +0.30V

L K +1.60V

L M +1.30V
0k RA Cruole Cevvect
L? L LTve™— L Kt e  — K
Kt K K*+e -~ K Mt re” — M
M* M M*+e” —>M LtT+e” — L
J* J JT+re  —T T +e” — T

a) Identify the strongest reducing agent.

b) Identify the strongest oxidizing agent.
K r
c) Calculate the voltage of a J/M cell.
0.30v + l.30v = [-60OV

5. Four half-cells are constructed by placing strips of the four metals W, X, Y,

and Z in 1.00M solutions of their ions, W+, X%+, Y3*, and Z?* respectively.

Various combinations of these half-cells are connected, giving the following

data:
Anode Cathode ECcen
W X +0.20V
W Y +0.36V
Z \\4 +0.14V
oA RA Crade Covrect
W+ W Whie — W 344 3. s vV
Yo 2T e g
" I Y W e”—» W
o g é 2222 ZH,. 2,7 _o 3
a) Which metal is the strongest reducing agent’f - 5 2
b) Which metal ion is the strongest oxidizing agent? 3+

c) Write the balanced equation for the cell reaction that would occur when
half-cells X and Y are connected.

3X v 2y — 33X 2Y
d) Calculate the voltage produced when half-cells X and Y are connected to

produce a spontaneous reaction.

0.26v — 020 V = 0.6 Y
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6. Consider the following redox data:
3V# +2Ga = 3V +2Ga? E° =-0.64V
3VZ + 2A1 = 3V + 2A13% E° =+0.46V
Based on these observations, a student concludes that Ga3 and Al will react
spontaneously. Evaluate this conclusion and support your answer with

calculations.
Ok R A Crude Correct
VY vV VH le” ™V Ga3t+ 3 = =
Ci,aak C-;/a Yy g D C; V2+ de” > |/

ALET AL M“*?e 2 A L 3 AL

Ecote (§7/80) = Dbuv e 046V = I.j0v
Student s 687/54%
Assignment 11

1. An electrochemical cell has electrodes of Pb in Pb(INOs3)2 and Cr in Cr(INOs3)s.

Calculate E°cen . N -
PL2* 4+ 2¢7 —> FPb E" = ~-D.13 v -

=

(:,f — Cr?++ 3&— 60: 5(;&; Ve g e :ﬂl_ ’J-L:_ 4

/7 ————

2. Use the following diagram of a cell at 25°C to answer the questions:

‘;f’ & @ 3 Accovdin ‘-.‘ o electren “{/“OW
Agig 2 /ﬁcj s Hae CATHOD E .

i ,, At ve” — kg E7= 050V
e i E°= z V

o

AN

1M AgNO, MY 2w C.93V
X =0.13\V -‘uzu‘_.{,n"\_s {0 be au \
’ - — DR :‘_'J_. a FT,\ Fie. v.\)
I P b > P b i 3 ée_ /)

The electrochemical cell produces an initial voltage of 0.93 V.
a) Identify the metal "X" ¥ |y

b) Identify a suitable electrolyte "Y" Py (NoyY,

c) Identify a suitable electrolyte "Z" K nJ O =
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3. Can Fe2(SOu4)3 be stored in a container made of nickel? Support with E°
calculations. Fe ' +e” — Fo*' E°= 0.737V Le !
Ni —s Ni**+42.° E°= o2y 5*”""""*”6('\9 ‘
E%u = 103V So--- i;o;:
4. Draw and label the parts of an operating electrochemical cell using a zinc
anode that will produce an electric current having a voltage of 1.56V at
Zn covdd be 0*«‘4‘1%\‘«3’, v 2> cowld be

[ 2 —> 2P+ 27 E’- D%V;m

standard conditions.

Hu reduction ’ ¥ 60 x vV A= 0.9\

atre” —p A )
T i “J Eocou' L Sé\/j\
£ Bt a 27 —> B E°: -0V

ParOs| | o oxidatien Simeon  Ere z Vo bweed

: — |t —— (M+ erdoch le ! ) . ; =) i 22V
|[NoDE | | CATHODE | E° . = ,55\/
5. Consider the followinge ectrochemical cell: = J

. direction ot
) electron flow

OA RA
2+ LT'
<« Ni ":.__N'L* NI
K* | 1,0
",0

1.0M Ti¥ 1.0 M Ni**

E°cell =137V

a) Write the equation for the half-reaction that occurs at the anode.

Ti — Ti* o+ 2e” 2= 163V
b) Calculate the reduction potential of Ti%. (oxidation P"M"‘E)
.24 - _ - R
: : E° 0.26 V " reduchion
Ni ZL P N L Cole wehial = —1.63V
T —s 17777 27 o= =V | -

E_" . .33V



6. Given the following diagram of an electrochemical cell, which is constructed
in order to determine the reduction potential of a Cadmium half-cell,
answer the questions provided:

. ) e flow
"
¢d — 7n
Ew= O.7TV
a) Identify the cathode in the cell. Zn

PR A N

b) Write the half-reaction occurring at the Cd electrode.
/ Eo= -0 ?6

CA — Cd*m+ 2¢”
c) Determine the E° for the half-reaction: Cd* + 2e- = Cd -3Vt = 03V
{“’I-S?)\/E > x:|.53V

T
7. Four/metals were used to set up the following electrochemical cells.

Arode Cathode Cell Voltage
A B +1.402V
A C +1.230V
Z A +0.080V

a) Rank the metals from strongest reducing agent to weakest.
b) Predict the E° of a Z/B cell.

04 1'1 K& ' ?/VUJLC | Covrect
A e R T FUE S,
At B Btee — B Ctee” — C |'
e e R St LA TR
2z 2 A B Ly

) 2, A C B . |
h) LYoz V 0.080V =| |.492 V| "



8. The following reactions occur at 25°C with all substances present in 1.0M
concentrations.
Zn + Pb?* = Zn> + Pb
Ti + Zn* = Ti* + Zn
2Lu + 3Ti* = 2Lu* + 3Ti
Predict whether each of the following reactions will occur:

8.) Pb + Tj.2+ ? Pb2+ +3T1 —(1’9:2(:‘(,&_ : sz* 3 2.& - -y Pb
b) 2Lu + 3Pb* = 2Lu?* + 3Pb e Ut s P T B
¢) 2Lu* + 3Zn = 3Zn* + 2Lu 2t L 9 —m T

L3t ¢ 3™ — Lw
a) NO
b) yes

c) NO

9. The metals Rh, Ti, Cr, and Pd are individually placed in 1.0M solutions of
Rh?, Ti?*, Cr?, and Pd? , and the cell voltages of the spontaneous reactions
are determined.

CQ'&'I/&E;EM
ION ) 2 e ~
AETAT Rh’* Ti** pd? crt PA* s e > Fh
BT PR =
| Rh %i“%ﬁ" s/ noreaction| 035V no reaction e = R
- girg-,t:?ﬁ?:% _ _ _ v 2e = Cr
T 223V ? T% 42 =T
Pd no reaction no reaction
Cr L51V no reaction 1.86V

a) Arrange the metals in order of increasing strength as reducing agents. PA < Rh< Cr<Ti
b) Determine the cell voltage for Tiin a 1.0M solution of Cr**. 2.23V - .51V
10. Hebden p. 225 #38, 40-41 | = 032V I
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Applied Electrochemistry

Breathalyzer

Police use a breathalyzer to test for alcohol consumption. The breathalyzer
consists of a redox reaction that includes a colour change. The intensity of
green colour produced is measured to find the amount of alcohol in the breath.
The colour change is due to the orange dichromate ion (Cr207*) reacting to
produce the green chromium ion (Cr?) due to a reaction with ethanol,
C2HsOH, the alcohol used in beverages.

C2Hs0OH + K2Cr207 + H2SO4 = CH3COOH + Cr2(SO4)3 + K2504 + H20
ethanol  orange green

All reactants are in the breathalyzer in excess, except the ethanol, which comes
from one’s breath. The amount of Cr® produced is dependent on the amount of
ethanol, therefore the colour change and intensity of green is dependent on the
amount of ethanol provided.

How do you know the above equation is a redox equation?

Both Cr (in K,Cr03) amel € (ia G HsOH) hawe Hativ oxidartiom.
nwmbevs chan 8L .

Batteries -

For any battery, electrons produced at the anode leave the battery to power a

device and return via the electrical circuit to the cathode for reduction.

Zinc-Carbon Battery (aka Dry-Cell - ‘Dry’ because ions in a paste)

= Eisrtronsi(e-) ! Oxidation half-reaction:
7Zn = 7Zn* + Qe
*the Zn casing acts as the anode

Dry cell
battery

Electrons (e-)

Lone oo Reduction half-reaction:

2MnO:2 + 2NH4* + 2" = Mn20s + 2NHs + H20
(more simply, Mn* - Mn?*)

A graphite rod is the cathode. The battery
‘dies’ when all of the Zn is consumed.

Electrens (e-)

Advantages: cheap materials

Slectrons (=) —» Disadvantages: not rechargeable, short shelf
life, voltage inconsistent
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Alkaline Dry Cell (Modified Version of Zinc/Carbon Dry Cell)
Same as zinc-carbon battery except the paste is manganese dioxide and
potassium hydroxide.
The KOH electrolyte gives this battery its name (alkaline = basic). The half-
reactions are the same as the zinc/carbon battery except they are under basic
conditions. Alkaline batteries are the most common battery today.
Anode half-reaction: Zn +20H = ZnO + H20 + 2e-
Cathode Half-Reaction: 2MnO:z2 + H20 + 2e- = Mn203 + 20H-
Mot e —> Ma37

Advantages: - more efficient ion transport in basic (alkaline) electrolyte

- more constant voltage than zinc/carbon battery
Disadvantages: - materials more expensive

Lead-Acid Storage Battery (Car Battery)

This is the type of battery found in cars etc. It is made up of 6 individual cells
connected in series, with each cell producing 2 volts (making a 12 volt battery).
Each cell consists of one Pb plate and one PbO: plate immersed in Sulfuric
Acid. The cathode and anode do not need separate compartments since both Pb
and PbO: are solids, thus they cannot come in direct contact. This battery
primarily serves to start the car.

i

This picture is one-sixth of an
cathode \_‘? ( \ (’ | ——anode entirep car battery.
PbO:2 L | Pb
| l'l
ﬁ 1., H* J electrolyte is H2SO4
| HGOy Dissociates 100% to HSO+ and H+
—=3 |

—_— H;‘:.G'u. » _______[

Discharging half-reactions:
Anode: Pbs + HSO+ = PbSOss + H* + 2e-
Cathode: PbO2s + 3H* + HSO+ + 2 = PbSOss + 2H20

*Re-charging half-reactions would be the reverse of the discharging rxns
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Notice that solid PbSOx is a product of each half-reaction. It sticks to both
electrodes and serves as the reactant when the battery is recharged, which is
accomplished by applying a voltage to reverse the half-reactions. The alternator
does this; it is powered by the motor to convert its mechanical energy to
chemical energy, which then provides the necessary voltage to the non-
spontaneous recharging reaction). Eventually, PbSOs can ‘flake-off’ of the
electrodes, due to bumps, erratic driving etc, and fall to bottom of the H2SO4
bath. This loss of reactants disallows the battery from fully re-charging.
Eventually, a new battery is required.

Assignment 12: Read Hebden p. 228-233 Do #52-53, 55a

Corrosion of Iron
What must be present in order for iron to rust?
Bo. wak AND Oxy 2.
Iron corroding is actually a redox reaction. Wi’lat happens to the Fe metal?
Fe oxidiszes Ho become [ and eventnally

Where do the resultmg electrons go? ¢

They Havel Mool e Fe medal +o resficee 9 /i 0.
So WhatUSEI'VES as the anode? The cathode? /Lf K

Serves as ,;,,»-Lf

O(g) Os(g) -Rust formation:
| | /" Fe(aq) + 2 OH™ (Aq) 3 Fe(OH),(s)

\ = /’ 7 AFOH),(s) + Os(g) + 2 H,0() — 4 Fe(OH)y(s)
N ¥/
= Cathode:
Oy(g)+ 2H,0(D+d4¢ —> 40H (ag) OR
: ~0,+2H" (107M) + 2¢ > H,0 (on table)
Fet —_|
‘B
e , = Anode:
rt;f'"" Fe(s) =— Fez’f(aq) +2¢”
o2

38



Anode Half-Reaction: Fe = FeZr + 2e-

Cathode Half-Reaction (not on table): O2 + 2H20 + 4e- = 40H-
Cathode Half-Reaction (on table): %202 + 2H* (107M) + 2e- = H,0

The Fe? created at the anode follows the electrons to the cathode and dissolve
in the water present. This helps maintain neutrality as the negatively charged
OH- is produced at the cathode. In fact, Fe?* combines with the hydroxide ion,
producing solid Iron (IT) hydroxide.

Fe + 20H- = Fe(OH)2

The Iron (II) hydroxide then further reacts with oxygen and water to make
Fe(OH)s. Then Fe(OH)s decomposes to FeO(OH) + H20, and then two
FeO(OH) molecules collide to make Fe20s + Hz20.

Rust is actually Fe203 as well as its hydrated form, Fe20zexH20. This accounts
for the different colours in rust (the darker the colour, the more hydrated (the
higher xis), the poorer the integrity of the solid).

Protection from Corrosion
There are two protection types: Physical and Electrochemical

Physical Protection
What is physical protection from corrosion? The wh/iza+vo ef

1o Fkﬂsic"l["l bloci #;0/0;, ‘74M C&m‘fno'fﬁ\—j

What are some different types of physical protection?
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Electrochemical Protection

What is electrochemical protection from corrosion? -
Provid e Fe . an alje-nate seurece of electrons
o provide to H,0/0,) So Hat it doec not have Fo
itsedf oxvdize .

There are two types of electrochemical protection:

1. Cathodic Protection with a Sacrificial Anode
eg: The placing of zinc strips on the iron hull of a boat

Explanation:
Zinc oxidizes more readily than iron (see your table). Therefore, if zinc is
available, it will oxidize to Zn? before any iron starts to oxidize. Attaching zinc
strips to a piece of iron will prevent iron from rusting as the zinc will oxidize
before the iron, and the electrons from zinc will conduct through the iron to
the cathode. The zinc is called a sacrificial anode (it sacrifices itself for the
iron). Zinc ‘provides’ Fe with electrons and Fe acts as the cathode to conduct
electrons to O2 and H20, thus the zinc does not have to completely cover the
iron.

Anode Half-Reaction: Zn = Zn? + 2e

Cathode Half-Reaction: O2 + 2H20 + 4e- = 40H-

The oxidation of the Zn will decrease its mass. Regularly replacing the
sacrificial anode (Zn strips) will ensure that the iron will not corrode.

2. Cathodic Protection withour a Sacrificial Anode

Some ships will supply a low voltage electric current (a stream of electrons) to
the iron hull. This prevents the iron hull from having to oxidize to supply
electrons to oxygen and water, thereby preventing corrosion. This low voltage
current’s source can either be a battery or it could come from the running of
the engine.
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Assignment 13: Corrosion Exercises
1. Can Zn be used as a sacrificial anode for Al? Explain.

No. Al will oxidi e betore B,

2. Would it be smart to use a tin based paint on the bottom of an aluminum
boat? Why or why not?
/UD‘ 4{[ W// ngvé(/'z—é A&?‘:‘?ve Sr\) S Bne Scra/%
In he Po./i ~t f’ix'/,-“-agr'(\j /4{ w// Mate e Zin /pau' nt meot.
3. The Statue of Liberty consists of an iron frame covered with a copper skin.
Discuss the reasons for the rapid corrosion in this structure.

Dver time  the wa-m"’e’w*"ﬁ , erosien  awd corrosien of cepper
] 4

r f 4 N A
Ms M(:-efsai( ‘7%‘-6 e Wl 0)(‘!5&52 s ézma &
4. Why has the Titanic’s hull’s integrity survived so long?

Low 0ty Cun [evels in ﬂ(z&p plean. .

5. To prevent an environmental disaster, how could you stop an underground
iron septic tank from rusting through without actually having to dig the

entire tank up? Alach a wire Fo fhe TFahl and CPnnecct
‘//LLL wire &n e 56{/”"4-[/3 o a FOWV SGwerce
v a %V\ r ;";/.' o i.f.@_, - t;__:'r{_' Z ;’( e -
6. Why does most car-rust begin in or around the wheel wells?

Efs% Surface tfo  conduct /*/;0/02,,

Electrolysis
Recall that a spontaneous cell (a battery) is called an electrochemical cell.

What is an electrolytic cell? A cell in which a non -gpemtaneons redox
reacheon occurs by Using & power Sewrce o provide electvical

How does an electrolytic cell function?

The power seurce (b~m/r7’) acts as amn Electven Punpg

/LL («,';w s @(’&ov“vms into s a.’f:ftj-/‘lm@, WS L 9 ket Sing  am oxida Fig
in Hecell. 1+ PKSMS dectronc out of ifs awode ; Yous im posing &

o -

Why don’t electrolytic cells need separate half-cells?  7¢dwetien s The cell .
Becouse no gFo«wﬂLM‘.eouS reachen 15 able 4o 0ccies

bitween e available reactants.
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Molten Electrolytic Cell- Electrolysis of a Molten (Liquid) Binary Salt
*Binary refers to a two ion salt; a cation and an anion

A molten salt means that the salt has been melted to a liquid, so no water is
present in the cell. This takes very high temperatures, and is expensive.

I & —

Br=  JVollags| -2~
| SuLHEE T
E’, MorTeN it
- A %

ﬁ:J L AP B ] |

The inert cathode electrode becomes negatively charged because the battery’s
anode pumps electrons to it. The negative charge draws Na* ions to the cathode
to be reduced.

The inert anode electrode becomes positively charged because the battery’s
cathode pulls electrons away from it. The positive charge draws Cl- ions to the

anode to be oxidized.

The only component of the cell that can reduce is Na*:
Cathode Half-Reaction: Na* + e = Na E°reduction = -2.71 V

The only component of the cell that can oxidize is Cl-:
Anode Half-Reaction: 2Cl" = Cl2 + 2 . E°xidation = -1.36V

Overall Reaction: 2Na* + 2Cl- = 2Na + Cb ECcen = -4.07V

Slightly more than 4.07V would have to be supplied by the battery in order to
make this cell function.
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Aqueous Electrolytic Cell - Electrolysis of an Aqueous Salt (a salt solution)

For an aqueous electrolytic cell, water is present with the salt ions, so it may

oxidize or reduce before the ions. Use the table to find which half-reaction will

occur at the cathode and anode.

Cathode

G —

[~

Cathode Half-Reaction: 2 H,0 ,2.~ — M+ 200 (lo"m)v oltage = -OMiv

Anode Half-Reaction: 21" — 1, + 2o

Overall Reaction: ZH:0+21V7 — H, +1, + ZOH”('OJ "‘) E°cl= —045 VvV

Anode

Inert Electrodes

(platinum or carbon)

Voltage = ~0.54v

The battery must provide a voltage of slightly more than 0.95 V', in order

for this cell to function.

What colour would the solution eventually become if phenolphthalein was

added? ?7, N 1<

Why? ProaLwc—’fﬁ'a"k of OH™ iens.
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Practice Questions:
1. Consider the following cell for the electrolysis of 1M KBr.

a) Identify the anode. X

b) Which species in the cell could act as reducing agents?  Bvr~ = H, O

c) Which of the above reducing agents will be preferentially oxidized at the
anode? Why? 8™ due o Hae  overpoTETIAL EFFECT .
d) Which species in the cell could act as oxidizing agents? K + , K, O

e) Which of the above oxidizing agents will be preferentially reduced at the

cathode? Why? HT/O e 4 L\AJL\I// S g @ 2 Bl 7. -

e) Write the overall redox reaction.

LB+ 2H0 = B, v U, 4 20K (107Fm

2

f) What minimum voltage will be required to operate the cell?

> .50 V
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2. Draw an electrolytic cell that will perform the electrolysis of water to make

10, + 2H(157m )r 2~

H> and Oa.
E°=-0.82v

1
ki3

P’c
Cothade: 2H,0 + 267 —> H,+ 200~ (1077)
I\/a‘,' Soyl’ E’:-v().‘h'\/
_-? ';ﬁ:

34,0 40, + Hy 4+ Z'H*(/D' M)‘f’ 2 0H ((0

’\IL;SO\'
Anode Cattnod e Eoear = —1-23V
a. Why must an aqueous salt still exist within the cell?
To maintain electrical Mw-/vw{r'é) at [avound each
@ft’«ffﬁ/oa(& 8

(or ZHo—> 0, + 2H,.)

b. Write the net redox reaction.

Ho — Lo, +

c. What voltage would be required to run this cell?
(.23 V

e

d. Why can water be ‘electrolyzed’ with Sulfuric Acid serving as the electrolyte 7
Explain using half-reactions.

RA _
) |(Wa0 (acitic) JHY 4 2 — H, E°=o0ov
| Heoy” WO — 30,4 ZH'v 2.~ E°=-123V
o — =20, + H, Eeeu = -1.23V
Assignment 14: Hebden p.238 #64ab, p.242 #65abc, 67, 69, 71
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Electroplating
Electroplating is an electrolytic process where a metal is 'plated' onto another
metal for protection or decoration.

. + .’
e~ :’rﬁ
i |
Silver

Current
electrode

source

Object to
be plated
| “
\Ag‘ Agt
e S = =
Anode: Cathode:
Ag(s) —> AgT(ag) + e~ AgT(ag) + e7 —> Agls)
E°= ~0.%0V E°=p.00v  E%u> OV

The metal that will be used for plating is first oxidized at the anode (from metal
to ion). It then travels across the electrolyte as a cation (it’s attracted to the
electrons waiting at the cathode) and is reduced at the cathode (from ion back
to metal).

What is the overall reaction of the electroplating cell above?

/\/o overall reacth e

What is the point of electroplating if there is no overall reaction?

To tramster a metal from one location 4 amother.
For an electroplating cell, what is the anode and what is the cathode?

Aww(,c - fouvece petal Cathede: o éj ect Fo be tp/a de A
What should the electrolyte be made up of?

-SW&@» I’V‘-M !l S o 7 .;" V-3 "_-Z.l;‘,,;,"f & “u":-z 7 B G 1 O
What voltage must be supplied by the battery in order for the electroplating to
occur?

> OV
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Design an electrolytic cell which will result in a nickel coin being plated with
copper. Label the anode, cathode, and electrolyte. Give the half-reactions, the
overall reaction, the voltage and the voltage required for the process to occur.

1

J&ga Y

— _
11 /J ~

) /| > 0oV
(/“’z ‘\103 ,’r N?u.rwe

p(v\,odz . (,WHADOLL
N = Cuttvle” &gz"+ ¢ —% Can
Electrorefining £0,. 084V E° = D34V Sl = OV
An electrolytic process where impure metal ore becomes pure metal. Below is

an example of electrorefining copper:

— Pure
copper
cathode

copper
anode

Anode mud
(Ag, Au, Pt)

(b)

The impure copper ore anode contains various amounts of zinc, iron, silver,
platinum, and gold, but mostly copper. What order will these metals oxidize?

Haon Ff-i “Hogan CM
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Because copper will always be on the surface of the anode (since the anode is
mostly copper), silver, platinum, and gold will never get a chance to oxidize,
and will fall to the bottom of the cell making the ‘anode mud’. Therefore,

when zinc is still in existence within the ore, it will oxidize, then Fe, then Cu.

Therefore, what three cations will exist in the solution?
2 2+ r¢34 [ ¥
5\»\ | o & i LA
What ion out of the three listed above is the strongest oxidizing agent, and

thus, best at reducing? Cu.z =

Once all of the copper is reduced, the cell is terminated. The electrolyte is
CuSOu4qq), in order to have extra Cu?* ions in solution.

Assignment 15: Hebden p.244 #73,75,76, Read p.245-246 and do #77
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