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@edox Reactions & Electrochemist@

Oxidation and Reduction Reactions

The rusting of an old car, A buning campfire. A toy battery-operated car, The
chemical processes In your bady that break down carbohydrates to produce water,
carbon dioxide and energy. The ipening of fruit,

It's not easy to see what all of these types of reactions have In comman, but they
3l belong to  very impartant cateqory of chemical reactions known a3 oxidation
- reduction, or redox, reactions.
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An elecrochemical cell of the reaction:
ZN(E) + Cu++{ag) —m Zn++ag) + Culs)
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1.1 Redox Reactions

"Redox" is short for "oxidation and reduction”, two complimentary types of chemical reactions.

ﬁ;ﬁdatit}n originally referred to substances combining with oxygen, as happenswhm

Iron bar rusts or a campfire log burns. We often refer to these two examples as corrosion and
combustion.

Reduction originally referred to the process of converting metal ores to pure metals, a process that

@nied by 3 reduction in the mass of the ore, /

These to tams have broader meanings now, n al oxdafion-reduction
reactions an exchange of eectrons occurs - one substance loses
clectrans whle something else gans them, That s the key fo
understanding radas reactions, We'l defne these tems below,

A smple demanstration of 2 redox reaction involves placing 2 soid piece of
Copper wire I siver mitrate soluton, Within minutes the wre heqms 0
ok fuzy o fury, 2 smal s rystalsbegn t fom o te v
Meznuhile, the or qmally Clear siver nirate salufion beqins b ke 03
Dale Dlush i, Furtnermore, 1 the crystals ar shaken off of the wire we
sea 13t e wire partialy diintegrated



http://www.youtube.com/watch?v=vjrmy5cn5uc
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The overall equation for our demonstration describes the events:

Cupg) + 2AgNO3 (50y — Cu(NO4)4 (aq) T 2 Ags)

aq)

Remember that when we hawve agqueous solutions of ionic compounds, the
ions are really present as separate ions, not as bonded particles. So we
can write an expanded equation:

+ - 2+ -
Clgy ¥ 2A07 gy + 2NO gy — QU7 50y + 2N05 70y + 2A01

aq) aq) aq) aq)

Removing the spectator ions gives us our net ionic equation:

Clgg) + 2807 50y — CuoF ooy + 20,4

(aqg)

Copper began as a neutral atam with no charge, but changed into an jon with a charge of +2. An atom
becomes a positive jon by losing electrons:

2+ -
Clpgy = QU™ gy T 28

Notice that capper began s a solid but s converted Into aqueous 1ns - £his 1s why the copper wire
dieintegrates,

We say that copper was oxidized because is has lost electrons (electrons appear on the product side
of the equation).
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Silver was converted from an lon with a charge of +1, ﬁuqf. to a neutral atom, Ag. The only way an ion
can undergo this change 15 to gain an electran:

+ -
AQ"(agy T & — Adig)

Nofice tnat solid silver 15 formed - this 15 what causes the fuzzy appearance to begin appeanng on the
Wire - 5ol sver crystals,

Silver has gained electrons - it has been reduced. (electrons appear on the reactant side of the
equation. )

The electrons that silver ganed had to come from somewhere - they came from copper. Conversely,
3 substance such as copper can only lose electrons If there 15 something else that wil take them up,

the sllver ions. One cannot occur without the other. This exchange of electrons is what defines an
oxidation - reduction reaction.
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31.1 Oxidation Numbers

Redox reactions are all about electrons being transferred from one substance to another, 501t would
be useful If we had a system for keeping track of what qains and what loses electrans, and how many
electrons are invalved,

0ur record-keeping system s called Oxidation Numbers

Oxidation Numbers

A positive or negative number assigned
to an atom in a molecule or ion that
reflects a partial gain or loss of electrons



http://www.youtube.com/watch?v=1ojevef9oow
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ON Rules

The oxidation number of a pure element (by itself,
and not an ion) is zero.

The oxidation number of a monatomic ion (by itself
or as part of an ionic compound) is equal to its
charge.

Alkali metals - elements in the first column of the
periodic table - will always have an oxidation
number of +1; Alkali metals {column 2} are almost
always +2

The oxidation number of hydrogen is almost
always +1 when it is in a compound.

The oxidation number of oxygen is almost always -
2 when it is in a compound

The excephions:

m peroxides, such as hydrogen peroxide. In
peroxides oxygen has an oxidation number
of -1.

s when oxygen is combined with fluorine it's
oxidation number is +2

The sum of the oxidation numbers in a compound
IS zero.

The sum of the oxidation numbers in a polyatomic
lon I equal to the charge on that ion.

May 17, 2012
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Dxidation

C d
empoun Number

MgO

magnesium oxide

NEED

sodium oxide

NaED2

sodium peroxide
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Compound

Mg,

MHED?

Cl,O

Oxidation
Number
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Compound

NO."

Cr.0.="

SO, ="

Oxidation
Number
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http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract1.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract1_key.pdf
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Oxidation numbers are a convenient way of idenfifying redox reactions and also ndicating which
alement 1z widized and which 15 reduced. Here's an example - the reaction between sodum metal and
chlorne gas:

2MNa + Cl, — 2 NaCl

It Is often useful to wnite the oxidation number for every element, in every compound, above the
element in the equation. Thus for our reaction we have:

2MNa + |j:|2 — 2 Nacl

Be sure to note that the balancing coefficients in the equation (the "2" in front of Na and in front of
NaCl) do not affect the value of the oxidation numbers, We'll retum to these coefficients soon.

12
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A chart s a useful way for us to summarize the changes i axidafion number for each element;

initial final  changen oxidized or
element _
0% no 0Xno  electrons (&) reduced
Ma
=
- =

13
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We see several important things in our table -

» Since oxidation numbers did change, this was a redox reaction
 Na's oxidation number increased - from 0 on the reactant side to +1 on
the product side. An element becomes more positive by losing electrons.

Loss of electrons is Oxidation (LEO)

» Cl's oxidation number decreased, from 0 to -1, as chlorine gained
electrons.

Gain of electrons is Reduction (GER)

An increase in oxidation number indicates
oxidation

A decrease in oxidation number indicates
reduction

14
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Consider the reaction

2Mg + 0, — 2Mgo

Determine oxidation numbers for all elements in every compound:

2Mg + 0, — 2MgO

initial final change in oxidized or

element _
0X N0 XN electrons (&) reduced

15
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Tivg e ems before we continue, You wilrecal that we mentionad n te frst section of tis unt
that cxidzton camnat occur without recuction, and vice versa, The substance losing electrans
(undergoing oyicaton) gves is eectrons to the substance qaing electrans (undergoin reduction,
If th reduced substance wil not accept slectrons, the cxicizad substance could not gve away
electrans. Thus, one allws for the ather to acaur,

Reducing agent

the substance that is oxidized.
It allows another element to be reduced.

Oxidizing agent

the substance that is reduced.
It allows another element to be oxidized.

By convention we aften refer to the oxidzing agent and reducing agents as the entire compound the
element 15 n, not just indiidual element. Consider the following reaction. Oxdation numbers are
shown anly for substances whose oxidation numbers undergo  change:

N+ WO, ~ 20y, tONO, KO

summarize:
initial final } oxidized or
element e Agent
ox no 0x No reduced

16
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Here is a final example,

Consider the reaction

N, +  2H,

Initial final )
element B
0X No 0X No

2 NH,

oxidized or
reduced

May 17, 2012
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http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract2.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/assignments/assign1.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract2_key.pdf
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1.4 Balancing Redox Equations using Oxidation Numbers

In previous chemistry classes you leamed how to balance equations, Following the Law of
Conservation of Mass you leamed that the number of atoms of each element must be the same o
both the reactant and product side of the equation.

Many redox reactions cannot easly be balanced just by counting atoms, Consider the following net
lonic equation:

Cu,_, + Ag~,_ . — Cu*",_ . + Ag,

(s) (2q) (2q) (s)
If you simply count atoms, the equation appears to be balanced

But do you see what isn't balanced - the charges!

on the reactant side of the equation you find a total charge of +1

versus +2 on the product side.

There are two comman techniques we can use to help us balance redox reactions - the oxidation
number method and the half-reaction method. We'll look at the oxidation number method first.

18
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Balancing Equations using Oxidation Numbers

2
Cli) HAG (aq) = O o) T AG
initial final .
element _ _ change in
X No 0% No .
a

We can see that the number of electrons lost by copper does not equal the number ganed by silver.
We need to comect that, so we wil multiply Ag by 2, gving us a total of twa sivers. (We'l multply
capper by one - it won't change anything but wil help kesp us organized):

initial final :
element , , change in balance for electrons
0X no 0x no -
Cu 0 — +2 lost 2 ® 1 = 2
Ag +1 — 0 gain 1 ®x 2 = 2

The highlighted values - aur multipiers to balance electrons - will become our balancing coefficients
In the equation, Qur chart helps us to keep organized and see that we should put 3 1" in front of
copper and 2 "2" in front of siver. Our balanced equation:

— 1 Cu®~,__. + 249

{ (5]
=l 5]

1 Cu,, + 2Ag”

(aq)

It is not necessary to put the "1" in front of copper.

May 17, 2012
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Balance the following reaction using the oxidation number method:

Mnﬂql' + Fe2™ + H!™ — Mn2®™ + Fe®™ + H,0

initial final :

element change in balance for electrons
0X No 0X No -

e

20



electrochemistry.notebook May 17, 2012

This example wil show us another very important trick. Balance the follawing equation:

NH, + 0, — NO,, + H,0

initial final  change in
element , , - balance for electrons
0x no 0x no o
initial final . Mo, Mo, balance for
element ) ) change in )
nao 0¥ No . atoms a electrons

Ing

IS

21
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Balance:

K,Cr.0, + Nal +H,50, — Cr,(50,), + 1, + H,0 + Na,50, +K,50,

initial final _ No. No. balance
element change in ] for
0X no 0X no . atoms e
= electrons
o answers l
I C] g
" ]

22


http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract3.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract3_key.pdf
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1.5 Balancng Redox Equations using Half-reactions

Another way to balance radox reactions is by the half-reaction method. This technique involves
Dreaking an equation into 1ts two separate companents - the oxdation reaction and the reduction

reaction. Since neither oxidation nor reduction can actually occur without the other, we refer to the

separate equations as half-reactions.

The general technique involves the following:

gm‘eﬂ all equation 1 broken down into two halr-reactions, If there are any spec@

they are removed from the equafions,
v E3ch haf-reacton s blanced seperatel - st for atoms and then fo charg. Eectons
ddd o ane e ofthe equzton o the other n erder to balance charg. For exampl, f te
gactant sioe of the equation has a tofal charge of +3, the product side must also equal +3.
-Nehtth & to equations are compared t make sure electrons lost equal electrans ganed, Ong
of the falf reactions il be an oxidation reaction, the ather wil be  recuction reaction.

v Finally the two half-reactions are aoded t nqeh and any spectator ons that were removed

are placed back Info the equation /

May 17, 2012
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Consider the following reaction:

Mgy + Cly gy — MaCl

& of & of

2 (5]
|15
LT d

Record ON's

Balance the two reactions for atoms.

May 17, 2012
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Next balance the equations for charge by adding electrons, Remember - one half-reaction will be an
oxidation reaction (electrons on the product side) and the other wil be reduction (electrons wil be on
the reactant side)

LEO GER

Mg — Mg™2 Cl,—2cr

W then compare the two equations for numbers of electrons, We see that both equations have 2
electrons 5o we do not nead to make any adustments for that

Finally, add the two equations together:

Mg — Mg™®+ 2 e
+ 9 9

d,+2e =20

and reform any compounds broken apart in the earlier steps:

Mg + Cl, — MgCl,

We ses that theorgingl equztion was akeady balanced, not et for atoms but for elctrons a5 wal,

May 17, 2012
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Next example:
Cu, +AgNO, . — CulND,), . +Ag,
Record ON's and identify the LEO H.R. and the GER H.R. -
c
Write the balanced Balance Add half-reactions

half-reactions electrons

Add equations together

Reform compound/return spectator ions

26
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Here i a reaction accuring n an acid salution, which accounts for the presence of the H'ions, Thi
example adds a little more compleunty to our problem

MnO,” + Fe*” + HT — Mn®~ + Fe®~ + H,O

4

11ATE]

27
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Last example:

HNO, + Cu + H* — NO, + Cu®* + H,0

dNsWears
@

May 17, 2012
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http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract3.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/assignments/assign2.pdf
http://www.saskschools.ca/curr_content/chem30_05/6_redox/practice/print_version/pract3_key.pdf
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2.1 Introduction to Electrochemistry

DLurng redos reactions, electrons pass from ane sustance to anather, The fow of electrans -
electnc cuent - can be hamessed to do work, Electrochemistry 5 the branch of chemstry that
deals with the conversion between chemical and lectrical energy.

Thera are two major branches of electrochemistry, which we wil examing In this section:

Electrochemical Cells Electrolytic Cells

electrical enerqy 15 used to cause & non-spantaneous
the enerqy released by a spontaneous chemical chemical reaction to occur
reaction 15 converted into electrical energy

Examples
Examples: batteries recharging batteries & electroplating

29
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2.2 Electrochemical Cells

The oasic unit o ll battenes 15 the electrochemical cell (also called a voltaic cellor galvanic cell
Flectrochemical celis convert the energy of a spontangaus redox reaction Into electricity. This wil be

accomplined as the electrons that are released rom the oxdafion hali-reaction are passed to the
reduction reaction which wil absord the electrons,

We wil create an electrochemical cell based on te folowing reox reaction;

EH:S:l + ELIE_I:EEI:I — F Enz_liaq__l

This reactions involves two half-reactions:

Zn—7Zn"¢+2¢ Cu™ + 2e” — Cu

oxidation reduction

30
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We'll walk through the set-up of our electrochemical cell:

L. Begin by getting 2 beakers nto which we will place metal strps in electralytic solutions (solutions that

conduct electrcity due to the presence of ions). In one place a stnp of znc metal n a Zn(NO,),
solution. In the other place a strp of copper metal i a CuNO; ), solution.

Zn metal
=
Each bekerrepresents ne ofthe two hl H
Cell, But because there 5 no way fur oz
clctrons to move fom one Deaker to the f,,-lek.'.'?_i
0fher, aur redos reaction camnot yet occur, "‘gﬁ,@:”

31
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2. We need to connect our two half-cells which we need to do in two ways.

First we wil connect the two metal strps, our electrodes, with some wire. We'l also place 3

voltmeter here so we can detect the electric current once we are up and running. This wil be our

external circuit,

.-"a-_tl

_f’}*“w

Zn salt bridge
electrode ,._r'

3N, external
voltmeter circuit

Cu
. electrode

internal

circuit
:. 1En -
: JEJ;:, :
- 24+ -
Zn(s)+Zn""(aq) + 2e Cu”(aq) + 2e = Cu(s)
Anode oxidation Cathode  reduction

Second we add a salt bridge. A salt bridge is
a U-shaped tube that contains an electrolytic
solution (we'll use KNO. ). This electrolytic
solution will allow ions %D flow between the
two beakers. This is our internal circuit.

May 17, 2012
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The zinc half-cell undergoes oxidation. Here, the
solid zinc electrode disintegrates, forming zinc ions
and releasing electrons. By definition, the half-
reaction that undergoes oxidation in an
electrochemical cell is called the anode.

The copper half-cell underqoes reduction. Here, copper ions from the
electrolytic solution become deposited on the copper electrode, forming
mare solid copper. Electrons are required for this to occur, By definition,
the half-reaction that undergoes reduction in electrochemical cels is called
the cathode.

Prammn external
‘e “\) voltmeter circuit

Zn Cu
electrode .. Electrode
internal
circuit
- 24, -
Zn(s)=>2Zn"(aq) + 2e Cu~'(aq) + 2e = Cu(s)
Anode oxidation Cathode  reduction

_—

The anode is the source of electrons, making it
the negative post of the electrochemical cell.

The cathode is the positive post of the electrochemical cell as it

consumes electrons.

An Ox Red Cat
Anode = Oxidation Reduction = Cathode

May 17, 2012
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4, It mportant to understand the roles of the external crcuit and the salt bridge.

External circuit - this 15 where the electrical work s done as electrons travel from one half-cel to
the ather, The electrons are produced at the zinc anade, where oxidation occurs, The electrons then
travel through the wire of the extemal circutt to the copper cathode. The electrons are then available

fo the copper ions {from the Cu{NOs ), salution) and solid copper s produced

Internal circuit -

At the anode, Eﬂ_z"' lons are being produced
and go into solution. This causes™a build-up of

positive 1ons in this solution. If this electrical
imbalance is not corrected the reaction
cannot continue. The excess positive charge
attracts the negative NO.™ ions (anions) from
the salt bridge, Tthereby I&epmg he solltion
electrically neutral.

] f’“ﬁ
& ‘s S
+01

=} =

Zn(s)=>2Zn?*(ag)+ 2~  Cu’(aq) + 2e > Cu(s)

Anode oxidation Cathode  reduction

34
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Create and view
a simulation of
this
electrochemical
cell

At the cathod the opposite occurs. As positive Cu” ions e removed from solution, to fom salic
Cu,the soluton becomes overly negative, This attracts the positive K™ cations from the salt bridge,

eening this side of the cell neutral.

View an
animation of the
Zinc Copper
electrochemical
cell

g_

External Circuit

Internal Circuit

Electrons flow
fromAto C

Anode to Cathode

Anions
to the Anode

Cations
to the Cathode

May 17, 2012
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http://group.chem.iastate.edu/greenbowe/sections/projectfolder/flashfiles/electrochem/voltaiccell20.html
http://group.chem.iastate.edu/greenbowe/sections/projectfolder/animations/cuzncell.html
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Let's build an electrochemical cell!

Cu,_, +Ag~,. = Cu®",_ . +Ag

I'-En'l I‘-aqn'l I‘-aqn'l

May 17, 2012
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2.4 Calculating Voltages of Electrochemical Cells

Let's retum to aur zinc - copper electrochemical cell. We can now use the Table of Standard Reduction
Potentials to not only calculate the voltage of our cell, but also to explain why it was zinc, and not
copper, that underwent oxidatin,

/7 Zn(s) + Cu*(ag) — Zn*"(aq) + Cu(s) \

This reactions involves two half-reactions:

2

Zn—Zn P4+ 2¢ cu®™ + 2e” — Cu

oxidation reduction

N— S

Before calculating the voltage of a cell you must first determine which half-cell will undergo oxidation and
which one will be reduced. Find the copper and zinc half-reactions in the Table of Standard Reduction
Potentials. Be careful - there 15 often more than one half-reaction for an element. For copper locate the

Cu|Cu**half-reaction (unless otherwise directed, always use this haff-reaction for copper).

- I
Cu™ag + 26" — Cuyg 0.34V
Zn* g + 28" — Zng 0.76 V

N— _

In the Table, all reactions are written as reduction reactions. The E° values indicate which half-reaction is
better at competing for electrons. Since the copper half-reaction has a larger value for E° than the zinc
half-reaction, copper will be reduced, forcing zinc to be oxidized. So we reverse the zinc equation and in
doing so change the sign for zinc. As long as electrons cancel out, we can then add the two equations
together to get the full redox reaction and determine the voltage of the cell:

37
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EII
Cu**(ag + 26" — Cug 034V
Znis) — Zn*Fjag + 287 + 076V
Cu¥ g+ Z Zn* g+ C 1.10V
U g + £Nis) — N jaq + Cuyg) .

A positive value of E* indicates a spontaneous chemical reaction

Electrochemical cells always involve a spontaneous chemical
reaction

38
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Let's try one more example of setting up an electrochemical cell.

We want to create an electrochemical cell using aluminum {AI|A|3+) and lead (Pb| Ph2+) half-cells. Qur
tasks:

ﬁine the two half-reactions involved, and which reaction will undergo oxidation and m

one will be reducad.
2. Determine the voltage of the cell.
3. Diagram the set-up of the electrochemical cell, including the following items:
s the two half-cells, including the electrodes and electrolytic solutions
m the external circuit, showing the direction of electron flow
m the salt bridge with an electrolyte, including movement of ions
m label the anode and the cathode

Qbel the positive and negative posts /

Step 1 Before you begin to create your diagram you need to determine what will be oxidized and
what will be reduced. At the same time you can calculate the voltage of the cell. Locating the
two half-reactions in the Table of Standard Electrode Potentials:

39
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Step 2

Step 3

Since lead has a larger electrode potential than does aluminum, lead will be reduced and
aluminum will be oxidized. So we will reverse the aluminum equation and reverse its sign.

Also identify what is oxidized and what is reduced.

T
=
We can now calculate the cell voltage. A useful tip - you know if you've switched the correct
equation when you get a positive voltage. All electrochemical cells will have a positive
voltage!
Another key thing to know - this is new. We must balance the two equations for electrons
befere we add them together. However, this will NOT change the value of E*!!!
—
v
=
S

May 17, 2012
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Step 4

At this time we will also determine which electrode will
be the anode and which will be the cathode.
Remember - An Ox and a Red Cat:

110T€]

41
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Step 5 . . -
Now that we have all of the key information we can diagram the cell.

Step-by-step:

1. Draw 2 beakers, each containing an electrode - the two metals used in our reactions. To
each beaker add an electrolytic solution. The electrolyte will include the metal ion and
another ion (NOz is usually a2 good choice since it will not form a precipitate).

2. Add an external circuit (the wire connecting the two electredes) and a salt bridge with
an electrolytic solution (KNO3 is often a good choice).

g

3. Indicate the following on your diagram:

m Direction of electron flow (Electrons flow from A to C)
= Ion movement from the salt bridge (Anions to Anode; Cations to Cathode)
m Positive and negative posts (the anode - site of reduction - releases electrons so it is the

negative post; the cathode - site of oxidation - uses up electrons so it is the positive
post).

Practice.
|

@

~MNSWEers
F
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2.6 Batteries

Electrochemical cells used for power generation are called batteries. Although batteries come in many
different shapes and sizes there are a few basic types. You won't be required to remember details of the
batteries, but some general information and features of each type is presented here.

1. Primary batteries - (dry cell batteries)

non-rechargeable

electrolytes are present as a paste rather than as a liquid

general purpose battery used for flashlights, transistor radios, toys, etc.

The basic dry cell battery consists of: zinc case as the anode (oxidation); a graphite rod is the
cathode (reduction) surrcunded by a moist past of either MnOz, NH4Cl, and ZnClz or in alkaline dry
cells a KOH electrolytic paste.

m General reactions for the battery - manganese(IV) oxide-zinc cell (different batteries have different
reactions - you don't need to remember any of these reactions)

cathode 2MnOgz(s) + 2 NHg (ag)t 28 — Mna03 (5) + HzOq) + 2NH3 (aq)
anode Znjs) — an_:aq} + 28

« Maximum veltage 1.5V, By connecting several cells in series 20V can be achieved.

* Advantages of alkaline batteries - consistent voltage, increased capacity, longer shelf-life, and reliable
operation at temperatures as low as -40°C

* Disadvantage - higher cost

2. Secondary Batteries (storage batteries)

n rechargeable

m an example - lead-acid battery used in cars. Anode is grid of lead-antimony or lead-calcium alloy
packed with spongy lead; Cathode is lead(IV) oxide. Electrolyte is aqueous sulfuric acid. Consists
of numerous small cells connected in parallel {anode to anode; cathode to cathode).

m General reaction:

cathode PbO2(s) + 4H [aq)+ S04” [aq) + 28  — PbS04 (5) + 2H20() + 2NH3 (q)
anode Pbs) + S04 (2q) — PDSO4 (5] + 2¢€

* Secondary batteries are recharged by passing a current through the battery in the opposite direction. In
a car battery this occurs when the engine is running.

* Other examples include the nickel-iron alkaline battery, nickel-zinc batter, nickel-cadmium alkaline
battery, silver-zinc, silver-cadmium

3. Fuel Cells

n fuel cells are electrochemical cells that convert energy of a redox combustion reaction directly into
electrical energy. Requires a continuous supply of reactants and a constant removal of products.

m Cathode reactant usually air or pure oxygen; anode fuel is a gas such as hydrogen, methane, or
propane. Carbon electrodes typically contain a catalyst. The electrolyte is typically KOH.

= General reaction:

cathode Oz(g) + 2H20() + 48" — 40H [zq)
anode 2H2 (g) + 40H (zq) — 4H20() + 4
net 2Hz {g) + Oz{g) — 2H20()

s Advantages - no toxic waste products (water is the only product); very efficient energy conversion (70-
80% efficient)

* Disadvantage - too expensive for large-scale use.
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2.7 Corrosion of Metals

Corrosion of metals is a serious economic problem. Corrosion occurs as a result of the spontaneous
electrochemical reaction, as the metal undergoes oxidation.

For example, the rusting of iron begins with the oxidation of solid iron:
Fe[z) — Fez_[aq} + Ze”
The corresponding reduction reaction involves water:
HzOpy + %20z ) + 28 — 20H [ag)

The flaky brown solid we call rust forms when Fe** undergoes additional oxidation to form

Fe*, then reacts with hydroxide ions to form iron(III) oxide, Fe20s3, and iron(II1) hydroxide,
Fe(OH)a.

The rate of corrosion can be affected by several factors. Some examples . . .

There

Metals corrode faster when in contact with another metal. The Statue of Liberty, for example, has
a skin made of copper but is supported by iron ribs. Since iron is oxidized more readily than
copper, it acts as the anode. Earlier repairs to strengthen the stature used iron bolts which
exacerbated the problem. More recent repairs has replace the iron ribs with stainless steel alloys.
Stainless steel resists corrosion.

Salt water speeds up the corrosion process because the ions in salt water form a salt bridge
between the anodic and cathodic sites. Salt may be great for icy roads, but it is tougher on cars.

are a number of ways to slow down corrosion, If not prevent it.

Prevent oxygen and water from contacting the metal. This can be accomplished by paint, grease,
plastic, or other methods of covering the metal.

Cathodic protection - pieces of zinc or magnesium metal may be bolted to the surface of iron. Both
Zn and Mg are oxidized more readily than Fe, which results in those metals being oxidized thus
sparing and protecting the iron. Propeller shafts of speedboats are often protected this way. Anode
rods in water heaters also work this way (they are often called "sacrificial anodes"). Galvanized
nails - nails coated with the more reactive zinc - provide yet another example.

Metal alloys - an alloy is @ mixture of metals, or a mixture of a nonmetal with a metal. An alloy
such as stainless steel (chromium is added to steel - a mixture of iron and other elements such as
carbon - to make stainless steel) is highly resistant to corrosion but can be prohibitively expensive.

May 17, 2012
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3.1 Introduction to Electrolysis

Think of electrolysis and electrolytic cells as the opposite of electrochemical cells:

Electrochemical Electrolytic
Cells Cells
Energy conversion Chemical — Electrical Electrical — Chemical
Spontaneous chemical Yes No
reaction?
Walue of E® Positive Megative

In an electrochemical cell, 3 spontaneous redox reaction is used to create an electric current; in an
electrolytic cell the reverse will occur - an electric current will be required in order to cause a non-
spontaneous chemical reaction to occur.

We will look at three examples of the electrolytic process, keeping our discussion on a very basic level -
the electrolysis of molten sodium chloride, the electrolysis of water, and electroplating.
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3.2 Electrolysis of Molten Sodium Chloride

If we look at the |atin roots of the word "electrolysis" we learn that it means, essentially, to "break
apart" (lysis) using electricity.

Our first example of electrolytic cell will examine how an electric current can be used to break apart an
ionic compound into its elements.

The following equation represents the breaking apart of NaClgy:

2ZNaClyy — 2ZMayy + Clz (g

The half-reactions involved in this process are: \

E!}
reduction 2Na™q) + 2" — Nag) -2.71V
oxidation Clhypy—=Clagp + 2 ¢ -1.36V

net voltage required - 4.07V

N S

Motice that a negative voltage (-4.07V) results when we add up the half-reactions. This tells
us that the overall reaction will NOT be spontaneous, and a minimum of 4.07 volts will be
required for this reaction to occur.

As we shall see, our set-up will have a number of similarities to our electrochemical cells. We will need
electrodes and an electrolyte to carry the electric current.

46



electrochemistry.notebook May 17, 2012

™

Some key differences with an electrochemical cell set-up:

= the two half-reactions are not separated by a salt bridge
m an electrochemical cell (or other source of electric current) will be required

Other important items to note:

m The anode of the electrolytic cell is the site of oxidation and the cathode is the site of reduction,

just as in an electrochemical cell.
= In an electrochemical cell, the anode is negative and cathode positive, but this is reversad in the

Qcﬂytic cell - the anode is positive and the cathode is negative. /

Carefully study the diagram of our set-up, taking special care to trace the path of the electrons. Unless
electrons make a complete circuit, a reaction will not occur.

1. Electrons are "produced” in the battery at the anode, the site of oxidation.

2. The electrons leave the electrochemical cell through the external circuit.

3. These negative electrons create a negative electrode in the electrolytic cell which attracts the positive
Na* ions in the electrolyte. Na* ions combine with the free electrons and become reduced (2Na* + 2e
— MNa )

4. Meanwhile the negative CI" become attracted to the positive electrode of the electrolytic cell. At this
electrode chlorine is oxidized, releasing electrons (CM— Clz + 2 &7)

5. These electrons travel through the external circuit, refurning to the electrochemical cell.

@ Electrochemical Cell

anode _ + cathode
oxidation reduction
- post + post
@ l e T @
cathode anode
reduction oxidation
- post + post

Na'+e —> Na 2CI->Cl,+2¢

molten NaCl (I) =
2Na'(l) + 2 CI{l)

Electrolytic Cell
NaCl (1) --> 2 Na(l) + Cl (g)
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3.3 Electrolysis of Water

Our second example of electrolysis and electrolytic cells involves the breakdown of water. We will find a
situation very similar to the electrolysis of molten NaCl.

The following equation represents the breaking apart of HaOyn:

2H20() — 2Ha(g) + Oz (g)

(yfbemore difficult to predict the half-reactions involved, but they are: \

El}
reduction 2H20() + 28” — Hz + 2 OH’ -0.83 V
oxidation 2H20() — Oz + 4H™ + 4¢’ -1.23V

(see note below for net equation)

\ net voltage required - 2.06V

The set-up will be very similar to our last example with some minor differences. Water does not carry a
charge well, so an electrolyte is added to the water. Vinegar, a weak acid (acetic acid) may be used. To

collect the hydrogen and oxygen gases produced, inverted test tubes are often added, as shown in our
diagram below.

Again, take special care to trace the path of the electrons. Unless electrons make a complete circuit, a
reaction will not occur.

1. Electrons are "preduced” in the battery at the anode, the site of oxidation.
2. The electrons leave the electrochemical cell through the external circuit.

3. These negative electrons create a negative electrode in the electrolytic cell which causes
the reduction of water.

Mote that the area around this electrode will become basic as OH™ ions are produced.

2Hz0( + 2 — Hz(g) + 2 OH (ag)

4. Meanwhile the the positive electrode water will undergo oxidation:

2Hz0() — Oz (g) + 4H-* (aq) + 4€

&. Electrons produced during this oxidation process will return to the electrochemical cell.
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2H0 () = O,(0)+4H'aq) +4 €

7Y\

0,)
1

5}
(=]
o
(=]
o

Q 2H,0()+2e —> H (g)+ 2 OH faq)
2

battery
— —_ +

1]
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3.4 Electroplating

Our final example of electrolytic cells will examine a technique in which the electrodes actively participate
in the reaction, instead of merely just carrying the electrical charge.

Electroplating is a technique in which a thin layer of a desired metal is used to coat (or "plate") another
object. This process is often used to protect objects against corrosion or to improve their appearance.

For our example we will exam the silver plating of flatware. In our example we will coat a fork made with
an inexpensive metal with a thin layer of silver.

As with our other electrolytic cells we have three requirements:

m an electrolytic solution. Our electrolytic solution will need to contain ions of the plating metal. We

will use AgNO; which will give us our required Ag” ions.
m 2 source of current (an electrochemical cell - a battery), and
m two electrodes. One of our electrodes will be the object to be coated (the fork), while the other

must be the plating metal (a bar of silver).

mwjons will be a bit different this time - both will involve the same reactim

cathode reduction Ag (st € — Ag(s)

anode oxidation Ags)— AQ (zq)t €

N— S
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Here's the overall plan of action:

m We want solid silver to be deposited on the fork. Thus the fork electrode must be the cathode, or
site of reduction. Positive silver ions from the electrolytic solution will be attracted to a negative

electrode causing the deposition of solid silver.
= The Ag* will come from the electrolytic solution. As they get used up, they will need to be replaced.

m The silver bar will be the source of new Ag®. The bar will act as the anode and undergo oxidation.
As it disintegrate is produces new Ag®.

The final concern is to account for the flow of electrons. Remember, our electrolytic cell will be hooked up
to a battery (a set of electrochemical cells) or other source of current.

m Electrons will leave the negative post of the battery (the anode).
m These electrons will travel through the external circuit to the cathode of the electrolytic cell (our

fork, the cathode)
m The anode of the electrolytic cell produces more electrons as it undergoes oxidation. These

electrons return to the current source.

current source

i+
A
e’ e
Y
.
_}Ag_}.
F'y
M
+ -
Ag + NO4

Ag(s)-->Agtte”  Ag +e ->Ag(s)

R’HSWEFE
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