Electrochemistry

I ntroduction and Summary

Galvanic Cells allow us to harness the electrow flo aredox reactiorio perform usefulvork. Such cells find common use as batteries, pH meaed
as fuel cells. The setup of the cell, as seengnriei 2.1, requires that tle&idationand reduction half-reactions are connected byra ard by a salt
bridge or porous disk. Electrons will flow throutitat wire creating an electrical current. The batige or porous disk allows the passage of ions in
solution to maintain charge neutrality in each fwalil. Instead of drawing the setup of every dk# IFigure 2.1, chemists have devised a shortfiaed
notationdiscussed ifLine Notation

The direction of the current in a cell is deterndify the standard reduction potential of each tellf-For a reaction to be spontaneous, the oveedlll
potential must be positive (the rules for addinl petentials are covered und&dding potentials Therefore, the half-reaction with the greater
reduction potential will be a reduction and theewthalf-reaction will be an oxidation. The elecedd the oxidation half-reaction is called gngode
The electrode in the reduction half-reaction idecathecathode

Redox Reactions

Deter mining Oxidation States

In order to keep track of the electron flor@doxreactions we will define the conceptadidation stateand provide some rules for determining the
oxidation states of atoms within a compound. Theation state of an atom in a covalent compourahigmaginary charge assigned to that atom if all
the electrons in its bonds were completely givethtomore electronegative atom in the bond. Of@myuf two atoms of the same element are bonded
together, then the two electrons in its bond asgeshequally. In ionic compounds, the charge oridhes equal to its oxidation number. Figure 1.1
shows, using hydrogen peroxide as an example, m@xcalculates the oxidation state of an atom iavalent compound.

H\o—o\* — = H—g —= 2zt 28

Both osugen hawe 0 is mare electronegative Both H's hawe an oxdation
the zarme electronegatiity thanH, =0 itget both ste of +1, and boh O's hawe
so they each get 1 elecron electons from he O-H bond an axdation state of -1.

frorn teir bond

Figure 1.1: Determining the Oxidation Satesin a Covalent Compound

The above procedure for assigning oxidation stetds to the following useful observations aboudation states which you should verify given the
above discussion:

Atoms in elemental form have oxidation states obze

The charge on a monoatomic ion is equivalent tohisrge.

Hydrogen has an oxidation state of +1 when bondewh-metals and -1 when bonded to metals.

F, because it only forms one bond and is the nlestrenegative element, has an oxidation staté.of -

O, unless bonded to F or itself, has an oxidatiatesof -2.

The sum of all oxidation states in a compound regsial the total charge on the species. For hydrpgesxide, we have seen that both O's
have -1 oxidation states and both H's have +1 tividatates, the sum of which is zero--the charybyalrogen peroxide.

oA wWNE

Balancing Redox Reactions

Oxidationreduction reactions, also called redox reactionglve the transfer of electrons from one spetiesnother. That electron transfer causes a
change in oxidation state for both reactive pagn€he reducing agent is oxidized, meaning thabitdation number increases due to the loss ofoone
more electrons. The oxidizing agent is reduced ninggthat its oxidation number has decreased dtieetgain of one or more electrons. For example,
the following reaction1.2 between permanganateimmdmetal in acidic aqueous solution involves titamsfer of five electrons to each permanganate
(the oxidizing agent) from iron (the reducing agent
] | + '+ 4 !
5Fe(s)+2Mn O, (ag) + 16 H'(ag) —» 5 Fe**(ag) +2Mn**(aq) + 8H,0 ()
Balancing redox equations by inspection is quiffadilt, as you must take into account not only thass balance but also the charge balance in the
equation. To aid in this task a set of rules, calleeHalf-Reaction Methodhas been devised. The following rukesrk for reactions performed in acidic
or in basic solution.
1. Separate oxidation and reduction half-reactions:
Fe —= PR
Mhy — gt
2. Balance all atoms except for hydrogen and oxygexach half-reaction. In this example they aready balanced.

3. Balance oxygen by adding® as needed:
Fe — = FE2+
MhOy ——= Wh* + 4 H0
4. To balance hydrogen, add &s needed: (Note: You still do this if you ardasic solution, later on, you will add Ote "neutralize" the acid.)
e - R

PnQy + 8HT —= wh¥* + 4HD

5. Balance the charge of each reaction by addiegrehs to side with the greater charge:
Fe » Felt 4 2@
MhiOy +01F + 5e = WhE 4 410
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6. Multiply each half-reaction by the least intefgator that equalizes the number of electronsazhehalf-reaction. Then, add the half-reactions to
obtain the overall balanced reaction in acidic sotu

BiFe — Fe® +2e)
2000y +8HY + 52 —= Wit 4+ 4HO

20, + 5Fe +16H" —» 21n’* + 5Fe’* +8 H,0

If your redox reaction is in acidic solution, thHeoae reaction is properly balanced. However, ifrégction you wish to balance is in basic solutiany
need to add these three steps:

7. If the redox reaction is one in basic solutitven add OHto both sides of the equation to "neutralize" eldth

2Mn Oy +5Fe +16 H'+ 16 OH™ — 2 Mn?* + 5 Fe*+ 8 H,0+ 16 O

8. "React" H and OH to form HO and eliminate water molecules on both sides e&tijuation:

8
DMIO, +5Fe 6 H0 — = 2WhE* 4 5FeM 0 + 16 OH
9. Make sure that all atoms and charges are indakeshced in your overall balanced equation foréumx reaction in basic solution:

ZMh0y + 5Fe +8H0 —= 2hh 4+ SR+ 16 OH

Problems

Problem 1.1:

Please provide the oxidation state of each atothearfollowing chemical species:
a. Ag*

b. R

c. HMnO,

d. vO,*

e. CkO~

f. CH;OH

[Solution

a. +2
b. 0
c.His+1, eachOis -2, and Mn is +7
d. both O's are -2, V is +5
e. each O'is -2, both Cr's are +6
f.Olis-2,eachHis +1, and C is -2.

Problem 1.2:
Tell whether each of the following reactions argaeor not. If the reaction is a redox reactiory, waat is oxidized and what is reduced.

a Ma+ 3 — pHadd
Mat +C217 —*  HMNaCl
C. CHOH + 0, — = GO, + 2H,0
O HSOy + HY ———= H;50
e 4hy + BTN + Oy + 4HY —= A AGICND + 2H0
f

Oy + NO —— = O + MO,
[Solution
a. redox Naoxidized Cl reduced
b. not redox
c. CH;OH oxidized, Q reduced
d. not redox

e. redox, Ag oxidized, Oreduced
f. redox, NO oxidized, @reduced

Problem 1.3:
Balance the following redox reactionshoth acidic and basic solution:

a. CHCH,OH + Cr0yff  ——= ooy + o
B the wavy, this is the reaction used by police in breathalyzers

b cu+ R —* QU 4 FeF
c. MhOy + Fe ——— =t 4+ peEt

d. WOt + My ———m WO 4 Rt
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[Solution

a. In acidic solution:
CHyCHROH + 2 Crp0p® + 16 HY ——— 200 + 4 0™ 4 11 H0
In tmsic solution:
CHyCHOH + 2 Crp0;% + 5 H,0

= 200 + 40 4 16 0H

b, In bath aciddic and basic solution:
Cu + 2ZFe¥ —— ¥t + 2 Fe?t

C. Inacidc solution:

2MhCy + 5Fe + 16HY ——= 2 W3 + 5FE + 8 H0
In basic sdufion:
OMO, + 5Fe + BH0 —— 2 Wit 4 SR 4 16 0H

d. In acidic solutan:
290 + My + AHY —— 2 Y0P 4 Mgt + 2H0
In kxasic sdufion:
280 + Mg + 2HpD ——= 2O 4 Mg+ 4 OH

Galvanic Cells

Setting Up Galvanic Cells

Galvanic cellsharness the electrical energy available from teeten transfer in gedoxreaction to perform useful electricabrk. The key to gathering
the electron flow is to separate treidationand reduction half-reactions, connecting them lyra, so that the electrons must flow through thae.
That electron flow, called a current, can be skrtugh a circuit which could be part of any numbkeelectrical devices such as radios, televisions,
watches, etc.

The figure below shows two typical setups for galeaells. The left hand cell diagram shows andlation and a reduction half-reaction joined by both
a wire and a porous disk, while the right hand dielgram shows the same cell substituting a salgbrfor the porous disk.

Salt Bridga

Cathode
Anoda

Porous
Disk

Figure 2.1: Diagram of a Galvanic Cell

The salt bridge or porous disk is necessary to tammithe charge neutrality of each half-cell bywaiing the flow of ions with minimal mixing of the
half-cell solutions. As electrons are transferneahfthe oxidation half-cell to the reduction hadfica negative charge builds in the reduction-helf
and a positive charge in the oxidation half-cellafcharge buildup would serve to oppose the ctifrem anodeto cathode- effectively stopping the
electron flow--if the cell lacked a path for iomsflow between the two solutions.

The above figure points out that the electrodééndxidation half-cell is called the anode andeleetrode in the reduction half-cell is called the
cathode. A good mnemonic to help remember thakie'Red Cat ate An Ox" meaning reduction takes place at the cathodeoaiaition takes place at
the anode.

The anode, as the source of the negatively chalgetions is usually marked with a minus sign (g ¢he cathode is marked with a plus sign (+).
Physicists define the direction of current flowtlas flow of positive charge based on an 18th cgntuderstanding of electricity. As we now know,
negatively charged electrons flow in a wire. Theref chemists indicate the direction of electr@mwfbn cell diagrams and not the direction of curren
To make that point clear, the direction of electflom is indicated on figure 2.2 with a arrow ame tsymbol for an electron;.e
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Figure 2.2: Diagram of a Galvanic Cell Showing Direction of Electron Flow

Line Notation for Galvanic Cells

Instead of drawing a cell diagram such as figuted?.figure 2.2 chemists have devised a shorthamydaf completely describing a cell calliae

notation This notation scheme places the constituentseo€athode on the right and the anode componeriteedeft. The phases of all reactive species
are listed and their concentrations or pressuegiaen if those species are not in their standtatks (i.e. 1 atm. for gasses and 1M for solu}iokls
phase interfaces are noted with a single linealid) multiple species in a single phase are seggabgtcommas. For example, a half-cell containikig 1
solutions of CuO and HCl and a Pt electrode foréaiction of C& would be written as:

Pt(s) | CE (aq). H (aq)

Note that the spectator ions, oxide and chloridegetbeen left out of the notation and that the ansadvritten to the far left.

The salt bridge or porous disk is shown in the timteas a double line (|| ). Therefore, a celt thadergoes the oxidation of magnesium by Abuld
have the following cell notation if the anode isgnasium and the cathode is aluminum:

Mg (s) | Mg" (aq) || AF* (aq) | Al (s)

Standard Reduction Potentials

One can measure the cell potential,Bn volts, of any galvanic cell with the aid opatentiometer. However, it is impossible to dirgatleasure the
potential of each individual half-cell. Chemistsmrever, have devised a method to measure theyadilid chemical species to reduce another by
compiling tables of standard reduction potentigfs(the® indicates that the reaction is at standard stAtjtrarily assigning a value of exactly zero to
the potential of the standard hydrogen electroltevalus to measure thé &f any half- reaction. That measurement is madedmgtructing a galvanic
cell between the SHE and the unknown half-celtatdard state conditions. For example, when tHevihg cell is constructed (sed¢eadingfor a
review of the line notation), arg; of 0.34 V is observed (note the setup of the SklEha anode because®Chas a greater reduction potential than
H*):

Pt(s) | H(g) | H (ag) || C& (aq) | Cu (s)

Because the SHE has a potential of exactly zers,va$ defined above, the reaction:

QO + 28 =y

has a value of 0.34 V for its’Erecall that By = E’se + E). Fortunately, every important reduction potentias been measured and tabulated. Useful
lists of reduction potentials are available in mogstoductory chemistry texts, including yours this SparkNote, all potentials will be given to yibu
you need them.

Those tables of standard reduction potentialslidialf-reactions as reductions. Half- reactionghwhe largest reduction potential are placedattop
of the list and the smallest (most negative) redagbotentials are at the bottom. Those specigb@teft-hand side of the equations at the topheflist
are the most easily reduced (likg 6r H,O,) and those at the bottom are the least readilyaed (like LT).

Take a look at the list of standard reduction piddshin your chemistry text. An intuitive trendahid be obvious when looking at the data--
electronegative species (those with the greatersicéibn for electrons) are easily reduced, i.eegian electron. The most electronegative atorhas,
the largest reduction potential whereas one ofehst electronegative atoms, Li, has the smaléhiation potential.

Adding Standard Reduction Potentials

By compiling a list of standard reduction potertiaf all possible reductions, one can, at leatitéory, calculate the cell potentiaf.g, of any arbitrary
redox reaction. By knowing the sign of.&, we can predict whether a reaction is spontanabstandard conditions. I°g is positive, then the reaction
is spontaneous. Conversely, ff.f is negative, then the reaction is non-spontanasuwaritten but spontaneous in the reverse dire¢tiea
Thermodynamics, Electrical Work and Cell Poterfimlan explanation of why that is so).

To compute the cell potential of a reaction atd#ad conditions, ., you do not need to balance the equation of yediox reaction. However, as we
will learn in Thermodynamics of Electrochemistrythie reaction is not conducted at standard stiage it is essential to balance the redox read¢tion
compute its cell potential. For now, let's assuhag &ll reactions are conducted at standard comgitinless otherwise specified.

When asked to compute the cell potential for atreacyou will need to be able to separate the alveeaction into its oxidation and reduction half-
reactions as in Figure 2.4.
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Overall Reaction:
Bz + @M — 2B +2Na*
Feduction Half-Feacton:
B, +2¢ —m= 2B E%=+.08W
O dation Half- Reaction:
Mg ———  Ma*t 4+ E% = +2.71 % {its reduction potential
is -2.71 Y from the takle)

E%n = E% + E% = 100Y + 2714 =380%

MOTE: E®,e = E*y + 2 E*; kecause E° is an intrinsic property

Once those half reactions are separated, therifendeduction potential for the reaction writtereagduction. As you can see in Figure 2.4, oneti@ais written as an
oxidation. For that reaction, you need to calcuta@xidation potential. To calculate aridation potentialsimply reverse the sign of thé tr the corresponding
reduction reaction (just the oxidation written lire topposite direction). Simply add the reductioteptial of the reduction and the oxidation potdrdfathe oxidation to
calculate the . It is important to note here that'€are intrinsic properties of reactions and, tfuzee do not depend on the stoichiometry of thetiea. That means that
youDO NOT multiply the B of a reaction by the coefficient used to balameedverall redox reaction. A proof of that poinpi®vided in Thermodynamics of
Electrochemistry#. Multiplying the value of Eor a half-reaction is the number one mistake miadmlculating .. Please, don't let that happen to you! Simply efad
the values of Efor the oxidation and reduction half-reactions add those two values together, as in figure PARAGRAPH

Problems
Problem 2.1:

For each of the following redox reactions, sketahisagram of a galvanic cell indicating the oxidatind reduction half-reactions, the anode, the
cathode, the direction of electron flow in the wamred the direction of positive ion migration thrbute porous disk. Additionally, list the comporseat
each half-cell. Assume each reaction proceed<itfictward direction as written.

[Solution
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a}

C.

HyCp + 2H* + Ba ——» 2 H,0 + Ba™
2Y0T + MY+ dHT ——=  ZWOP o+ WM™+ 2H:0
o+ M oy

a.

e

Pt cathode

Ba anode

Oxidation: Reduction:
Ba —m B2 + 28 HyOp+2H +2e” —m ZHD




s - -
e- e-
kg anode Pt cathode

O idation: Reduction:
Mg —e= M + 25 WO+ 2HY F e e
WO 4+ HO
. - .
e- e-
Mi anode Pt cathode

Oxidation: Reduction:
Hi —3= M4 2 ls + 26 —p 2r
Problem 2.2:
For each of the above reactions2.5 calculate th@antial, By, given the following brief table of standard retiog potentials.
Ho0u + 2H + 22— 2 H,0 E'= {78y
WO+ ZHY + —e  YOPY L HO EC= 10
I, + 268 —= 2T E*= 054 v
M&* +2e —= N E°= 023V
My + 28— Mg E°= -237 W
Ba’t + 2 —» Ba E°=-200V
[Solution
a.1.78V+290V =468V
b.1.00V +237V =337V
c.054V+0.23V=077V
Problem 2.3:
For each of the above cells2.5 provide the linatimn that describes each. Assume that all spacéem their standard states.
[Solution

a. Ba (s) | B (ag) || H (ag), HO (aq) | Pt
b. Mg (s) | Mg" (aq) || H (ag), VQ' (aq), VO (aq) | Pt
c. Ni(s) | NF* (aq) || 4 (aq), I (aq) | Pt
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Electrolysis

Electrolytic Cells

The concept of reversing the direction of the spoebus reaction ingalvanic celthrough the input of electricity is at the hedirthe idea of
electrolysis See Figure 1.1 for a comparison of galvanic dedtelytic cells. If you would like to review yoknowledge of galvanic cells (which |
strongly suggest) before learning abelgictrolytic cellsclick here

Galvanic Cell Electrolytic Cell

e Battary e e Battsry

Fe Anode Cu plates on Fe plates on Cu Ancde
cathode

cathade

+ + +
Foe—>» Fe?+2e” Cu®s2e—>Cu Fe?'s2e—»Fe Cu—»Cu?s 20

EC, = 4044V ED = .084V  EC, = 044V ED, = 034V

OB = +0.7BV Ecg -078V

call

Figure 1.1: Comparison of Galvanic and Electrolytic Cells

Electrolytic cells, like galvanic cells, are compdof two half-cells--one is a reduction half-cétle other is an oxidation half-cell. Though theediion

of electron flow in electrolytic cells may be resed from the direction of spontaneous electron flogalvanic cells, the definition of botdathodeand
anoderemain the same--reduction takes place at thedatand oxidation occurs at the anode. When compargalvanic cell to its electrolytic
counterpart, as is done in Figure {compare}%%, gbauld note that the direction of both half-reausitvave been reversed. That changes the identity of
the left-hand half-cell from an oxidation to a retion half-cell and turns its anode into a cathadsimilar transformation, outlined in the
%%diagraml.1, occurs on the right-hand half-cedic@use the directions of both half-reactions haenlieversed, the sign, but not the magnitude, of
the cell potential has been reversed. Note thgteois spontaneousplatedonto the copper cathode in the galvanic cell waeierequires a voltage
greater than 0.78 V from the battery to plate worits cathode in the electrolytic cell.

You should be asking yourself at this point hovg ipossible to make a non-spontaneous reactioreptbche answer is that the electrolytic cell rieact
is not the only one occurring in the system-thedpgtis a spontaneousdoxreaction. By Hess's Law, we can sum th@ of the battery and the
electrolytic cell to arrive at the G for the overall process. As long as th&@ for the overall reaction is negative, the systdithe battery and the
electrolytic cell will continue to function. The rdition for (/G being negative for the system (you should pringfor yourself) is that Eqeryis greater
than - Eell.

Electrolysis of Water

During the early history of the earth, hydrogen aryigen gasses spontaneously reacted to form ttes wiethe oceans, lakes, and rivers we have today.
That spontaneous direction of reaction can be teseceate water and electricity in a galvanic ¢adl it does on the space shuttle). However, bygusim
electrolytic cell composed of water, tetectrodesind an external souregnf one can reverse the direction of the process sratehydrogen and

oxygen from water and electricity. Figure 1.2 shansetup for the electrolysis of water.

~— Hydrogen

Oxygen gas

gas

External source
emf

Oxygen
bubbles

Water
with

soluble
salt

Hydrogen
bubbles

7,

e 9
]

']
()

/]

Anocde Cathode
Figure 1.2: Setup for the Electrolysis of Water

The reaction at the anode is the oxidation of wetéd, and acid while the cathode reduces water intard hydroxide ion. That reaction has a potential
of -2.06 V at standard conditions. However, thisgess is usually performed with TH 107 M and [OH] = 10 7 M, the concentrations of hydronium
and hydroxide in pure water. Applying the Nernsu&iipn to calculate the potentials of each halttiea, we find that the potential for the electsity

of pure water is -1.23 V. To make the electrolyfisvater occur, one must apply an external poteisually from a battery of some sort) of greater
than or equal to 1.23 V. In practice, howevers inécessary to use a slightly larger voltage tdhgeelectrolysis to occur on a reasonable timé&esca

Pure water is impractical to use in this processmbse it is an electrical insulator. That problsmiicumvented by the addition of a minor amount of
soluble salts that turn the water into a good cotaiuas noted in Figure 1.2). Such salts havelsefiiects on the electrolytic potential of watelredo

their ability to change the pH of water. Such effficom the salts are generally so small that greyusually ignored.
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Electroplating

Electroplating allows the production of metal cogs of such desirable commaodities as silver and.g@ople make fortunes gold or silver plating junk
metal (usually aluminum) because they can sell gtated necklaces for a comparable price to thethézy (or even pass them off as being solid gold)
That's howelectrochemistrgan be used to rip you off! In our discussionlet&oplating, we will discuss how you can set ugel for electroplating,
how you can calculate the amount of precious naltecnsumed, and various other calculations youpesform with electroplating. In terms of the
variety of electrochemistry problems possible tio, élsis section, perhaps rivaled by Thermodynangte richest.

The setup for electroplating is quite simple arglehtire cell is usually conducted in a single 8ofuas shown in Figure 1.3.

emf

Gold Anode i
"-.,‘\
\.
| >
Aut— AU
— Cathode:
Al glasses
frame to be
plated

Figure 1.3: Electroplating Setup

The gold from the anode is oxidized and dissolwesoiution as Ati. The electrons arriving at the aluminum glassamé cathode reduce the *Ain
solution to Au (s) on the surface of the frame odéh We can calculate how long we should have assgs frame in solution if we want a certain
amount of gold to be plated.

Let's assume it takes 1.0 g of gold to providedegaate coating for our glasses and also assurne¢hare using an emf sufficient to produce 10
amperes (A) of current (1 A = 1 coulomb per secohd)'s now calculate1.4 how long it will take tlage that 1.0 g of gold.

o fmolAu = 3mole™ 96500C  fsec _
#SE{:-LUHUJ{IQ?QM o ¥ mole * 00 s

Figure 1.4: Electroplating Setup

As you can see from the above calculation1.4, systoblem only involves the use of unit cancellatifo calculate the time needed to deposit a certai
amount of material, you need to start with the amipconverted to moles. Then, multiply by the numifeelectrons consumed in the reduction (in this
case 3). Using the definition of a faraday, 96500e€ mole of electrons, you can convert betweeremahd charge. Finally, by using the definition of
an ampere, 1 C per second, you can convert thertroduharge required to deposit the material antome in seconds. There are various ways of
phrasing this same problem such as "how much gad@éposited in 146 seconds at 10 A" or "what ctiigerequired to deposit 1.0 g of gold in 146
seconds." Don't be fooled by those permutatiorth@same problem, they all boil down to simple @aitcellation which you have been doing since you
learned how to dstoichiometry Also note that in these problems, you do not riedahow the cell potential. Students often trgamectly, to use the

cell potential somewhere in that calculation. Ferthore, you need only know the number of electtrarssferred--you could solve the same problem
without even knowing what material was being plgeesilong as you know its molar mass).

Problems and Solutions
Problem 1.1:
What volume of @(g) at 0C and 760 mmHg is produced when 5 A of currentisspd through a dilute aqueous solution of KCbfarinutes?

[Solution
Wl = Smnutesx

50 5 . sc rnol o
1s DEaco C
1ol Gy " 224L

A rmol g rmal Cy

=0087 Ly

Problem 1.2:
Molecular masses can be determined through eldatiog. Determine the molecular mass and identity ©2 metal, X, that plates 46.3g of X in 6.75
hours at a current of 2 A.

[Solution

Solution for Problem 1.2
#gl.-m,jzdlﬁ.BgH ih " 15 98500 2 mol &

575h  GAD: 2C  mMIE ' ox

= 1839 g/mdl

iz, therefore, tuncsten.
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Problem 1.3:

How long will it take for 1.25 L of a 1.0 M CuS@®olution being electrolyzed with a current of 34 reach a concentration of 0.25 M?

[Solution]

Solution for Problem 1.3
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