Electrochemistry: Part |- The Big Picture
Electrochemistry follows the adventures of the tetec

e- - electron

Recall that we first discussed the electron wheame up as a fundamental particle back when disgyguantum mechanics.
Also recall that when learning about configuratidoisatoms and molecules that we obsessed oveBut. as we went on to
discuss thermodynamics and properties of the bwakput it away.

It is back now, demanding its own chapter and pgeshi&s own consideration in thermodynamic termgterdall, we spent six
weeks on the fundamental particle called the pratmhit has nothing on the electron from a reagtiperspective. How do we
know this? Think about it from a charge densitgspective as we compare some particles of diffeskatge and size

Type of particle | e H* H Na'

mass

per particle 8.3x 10 g 1.6 x 10 g 1.6 x10*g |[3.7x10%g

mass

per mole 1/2000 g/mole 1 g/mole 1 g/mole 23 g/mole

charge per

particle 1.614x10° C 1.614 x 10°C 0 |1.614x10°C

charge per

mole 9.6x 10 C/mole= 1F |9.6x10 C/mole= 1F 0 |9.6x10 C/mole= 1F

Note that while the mass of an electron is quit@lsr2000 times smaller than a proton and 50,00@&simmaller than a

sodium ion:
It has the same amount of charge which meanstsheltarge density is vastly larger than any ofizaticle.

Seeing as how we have on many occasions we hadechagge density to rank reactivity, having sturddeross a particle
with 2000 times the charge density of the nextiguine, we should be willing to examine it moreeally.



Time out for charge: Everyone understands mass—you step on scaleg @agito see how much you weigh and are used to
buying goods “by the pound or gram.” And that isywve can talk about the mass of a mole of an andyou just look at
the periodic table and rattle off “uranium weigl@2yrams/mole.”

But charge is not so familiar. You are used tortbgon of charge in the form of static electriattygetting a shock, but have
no real quantitative feel for it. Until now. Vesymply:

The unit for charge is the Coulomb in the same thayunit of mass is grams.

and

In the same way you can assign a mass to a maecompound—Ilike water is 18 grams/mole, you can
assign a mole of charge to something. And thefes$ts that a mole of charge always has exaa#dysame
value:

1 mole of charge = 1 Faraday = 9.6 X00mole

And this value is the same whether you have k& wioe or a mole of Hor a mole of N&a



The chemistry of the electron—oxidation/reduction eactions:

We have just finished a unit on equilibria in whiel looked at reactions in which we followed thevetment of a proton and
reactions in which we followed the movement of@asi and anions:

Acid base reactions solubility reactions
H*  proton Na or CI  cations or anions
NH;+HNO;  NH; + NO;. NaCl + AgNGQ, NaNG;+ AgCl

Note that in both cases, the oxidation number aoé€hange: for example, in the acid base reactiwidation numbers of H
=+1, N =-3 and O = -2 are assigrfedevery atom on both sides of the reaction.

In contrast, in electrochemistry we focus on remdiin which the formal oxidation number assigredr atoms in a reaction
changes. In every oxidation reduction reactioreast one atom is oxidized (increases in oxidatiomber) while at least one
atom is reduced (decreases in oxidation numbear)ekample,

0 +1 -2 +1 -2 +1 0 note the Na atom oxidation number increases whédeH atom oxidation number decreases
Na + H,0O Na +OH + H
0] 0 +1 -2 note the H atom oxidation number increases whaeQhatom oxidation number decreases

2H2 + OZ — 2H20

What we do in electrochemistry is follow the flodvadectrons along this chemical reaction path.



Time out—if you can’t assign oxidation numbers asasily as you breathe, you will fail the electrochemtry material. So
here is a refresher brought to you by your friendlyneighborhood chemistry professor:

Assigning oxidation numbers

What do oxidation numbers tell us? Very simply,dation numbers tell us where the electron density & compound—kind
of like all that work we did with quantum mechanias the beginning of 301, but with none of the haggiations and
complicated rules. So in the ion dichromate

+6 -2

Cr207_2
the electrons are more densely packed around thieo@h than Cr and you can tell this because thee megative the
oxidation number, the greater the electron densitgte surprisingly this result is consistent wetrerything you learned about
oxygen loving electrons and metals not wanting them
So what are the rules for oxidation number: rathan try to memorize all the possible combinatidesyn the following
hierarchy of rules:

* Rule O: Free elements have an oxidation numb8r Bkample: Oxygen in {has 0 oxidation number
* Rule 1: Assigning oxidation numbers to the grouisn the left. the common formal charge on amelet
increases, +1, +2, +3.... From the right, skipghegnoble gases, the common formal charge on ameelke

increases, -1, -2,-3. So alkali metals are +1lo¢stns are -1, etc.

Complications involving hydrides, H, and oxidesvith other elements in compounds:
* Rule 2: Alkali metals are always +1 except fderd. Example Na in NaO, is +1.

* Rule 3: Hydrogen is always +1 except for rulemd 2. Example, H is -1 in NaH but +1 in(H
* Rule 4:. O is always -2 except for rules 0, 2] 8nExample: O is -0.5 in Na{but -2 in HO.
* Rule 5: In every redox problem you do, assignakidation numbers in order using rules 0- 4. Thvaite

usually only be one element left to assign by déifee. Example, what is the oxidation number of P i
K.HPO,?



Example of setting up problems to determine oxidatin numbers for unknowns.

What is the oxidation number for P inHPO,?

charge on the molecule = 0 = (ox. # of K)(# of lkras) + (ox. # of H)(# of H atoms) + (ox. # of PW#P atoms) + (ox. # of
O)(# of O atoms)

Using rules 0 — 4 above, we can assume K is #%,4+1 and O is -2, so sticking these values aedchtimber of atoms in the
equation above

charge on the molecule = 0 = (+1)(2) + (+1)(1) X1+ (-2)(4) SsoO?=0x#P =145

You can set up this kind of equation while you stk learning oxidation numbers, but by the exdhnns should be something
you do in your head pretty easily.



An Introduction to Oxidation Reduction Reactions ard How to Balance Them. Most of the cool demonstrations | show in
class are redox reactions. This is either becthm® is a lot of energy associated with the reacfremember the charge

density of an electron) or because different oxtastates of metals have very different coloreredHare some of my favorites
from class:

Examples:

1.Dr. Laude pours hydrogen peroxide in his earetorigl of ear wax is a redox reaction:
+1-1 +1-2 0

2H ,0, 2H0 + O
Note that the O in HO, is oxidized in @and the O in HO, is also reduced in 4.

2. Transition metals exhibit neat color changekae redox reactions

+7 +6 +4 +2 oxidation number of Mn
MnO, MnO,” MnO, Mn*? chemical species of Mn
purple green brown solid clear color of Mn .

3. Exploding H balloons occur almost daily in class and are regaxtions
0 0 +1-2

2H, + O, 2H,0
Hin H, is oxidized by 1 e and O in,(s reduced by 2 e

4. Burning gummy bears (and all combustion reactiang)redox reactions
0 +1-2 0 4 -2 +1 -2

CsH1206 +60, 6CO + 6H,0
Cin GH;Os is oxidized by 4 e and O in,(s reduced by 2 e

5. Displacement reactions in which | toss sodium mietalater and head for cover are redox reactions

0 +1-2 +1 0 - 2+1

2Na + 28 2N& + H . 20H-
Na is oxidized by 1 e and Hi#O. is reduced by 1 e



How to balance chemical reactions yourself: the qck and dirty and best way to do it!!

Did you notice that those chemical reactions alveeee all balanced? By that | mean that the nurabatoms and the amount
of charge was the same on both sides of the cheegaoation and one would expect if mass and changéo be conserved.

So how do you balance a reaction? Often it isnspection—with simple acid base and solubility tieas, a little common
sense is all you need.

Redox reactions are a different beast. They aréd trabalance because really substantial changéseiroxidation number
occurring in two paired half reactions can makesfmme large coefficients. And if the reactionappening in an acid or base
solution, the problem is further complicated. Sl going to show you a nice step by step methtah @falled the change of
oxidation number. It is to be preferred over tidebusly complicated half reaction method that $aflkeever and requires a lot
of redundant work. But hey, use a method thaing land complicated. | don’t really care (thoughiyexam grade might.)

The change in oxidation number method:
1. Assign oxidation numbers to each atom in the reacti

2. Determine the number of e’s for each reduction@ndation half reaction.
3. Determine the least common multiples for the twdf h@actions and use these numbers to balance dhetion
coefficients—at this point the number of electror&lized and reduced should be equal in the raactio

4. If in acid, add one D to the opposite side for each deficient O. AHd @ the excess O side for each adde®.H

5. If in base, add 2 OHo the opposite side for each deficient O. Add BIl2O to the excess O side for every 2 @titled



Example 1: balancing with no acid or base

FeCl + SnCj, SnCh + FeCk

unbalanced reaction

+2 -1 +4 -1 +2 -1 +3 -1
FeCIZ + SnCh San + Fer step 1: assign oxidation numbers
+2 -1 +4 -1 +2 -1 +3 -1
F?CIZ + SnCL SAan + Fer step 2: determtime electrons per atom oxidized or redugedgreen)
, 2x le- |
1x2e-

2FeCL  +1SnC} 1SnCL + 2FeCk

step 3: the least common multiples (1 anar@)placed as coefficients in the reactigmred)

The reaction is now balanced. You can check byngdhat the number of atoms on each side is theesand the overall
charge on each side is 0.



Example 2: balancing redox reactions in acid

12 +2 +3
MnO4' + Fe Mn™ + Fe unbalanced reaction
+7 -2 +2 +2 +3

12 +2 +3
MnO4- + Fe Mn™ + Fe step 1: assign oxidation numbers

lex5
I v

12 +2 +3

MnO4- + F€ Mn + Fe step 2: determine the electrons per atom oxidizedduced(in green)
sex1 T
+2 +2 +3

M nO4- + bFe IMn™* +5Fe step 3: the least common multiples (5 and 1pkreed as coefficients in the reacti¢n red)
MnO4- + 5Fé2 Mn+2 + 5Fé-3 + 4H20 step 4: add 4 waters to side deficient in O and

and add 8H+ to opposite side

8H' +MnQ,- + 5F€2  Mn™ +5F&® + 4H.,0

The reaction is balanced. You can check by ndtatjthe number of atoms on each side is the saohéha overall charge on
each side is +17.



Example 3: balancing redox reactions in base

+2 $3
Fe + MnO4- MnOZ + Fe unbalanced reaction
+2 +7 -2 +4 -2 +3
Fe” + MnO MnO, + Fé&®

e NOy- no, € step 1: assign oxidation numbers

3e-x1
I v

Fe” + MnO MnO, + Fé&®

e NUy- n, € step 2: determine the electrons per atom oxidizeéduced(in green)

lex 3 T
+2 - +3

3Fe + anO4 1Mn02 + 3Fe step 3: the least common multiples (3 and 1) eep as coefficients in the reactidim red)

step 4: add 4 hydroxides to side deficier® and

3Fe? + MnO;- MnO, + 3Fé® +40H

ZHZO + 3|:é2 + MnO4' MﬂOz + 3Fé3 + 40H add 2 waters + to opposite side

The reaction is balanced. You can check by ndtatjthe number of atoms on each side is the saohéha overall charge on
each side is +5.



The important place you find these redox reactions:batteries:

As we finish up redox reactions, note that the amesire interested in are those that make usefgghike batteries. In fact, a
battery is simply a couple of redox half reactitimst can be put together so that E is positivesaimde work can be done. So
as you consider the electrochemical cell convestlm#iow, understand that they are useful in helfpndescribe the following
kinds of famous batteries:

Famous modern batteries use a variety of chemicals power their reactions. Typical battery chemistres include:

Zinc-carbon battery - Also known as a standardaaiimattery. Zinc-carbon chemistry is used in atixipensive AA,
C and D dry-cell batteries. The electrodes are amtt carbon, with an acidic paste between themstiraes as
the electrolyte.

Alkaline battery - Used in common Duracell and Emasr batteries. The electrodes are zinc and masgaoxide,
with an alkaline electrolyte.

Lithium photo battery - Lithium, lithium-iodide an@ad-iodide, used in cameras because of its yahkditsupply
power surges.

Lead-acid battery - Used in automobiles. The ebelets are made of lead and lead-oxide with a stamidic
electrolyte. Rechargeable.

Nickel-cadmium battery - Uses nickel-hydroxide anddmium electrodes, with potassium-hydroxide as the
electrolyte. Rechargeable.

Nickel-metal hydride battery - Rapidly replacingckel-cadmium because it does not suffer from menedfgct.
Rechargeable.

Lithium-ion battery - Very good power-to-weight igtoften found in high-end laptop computers anlll gleones.
Rechargeable.

Zinc-air battery - Lightweight, rechargeable.

Zinc-mercury oxide battery - Often used in hearmngjbatteries.

Silver-zinc battery - Used in aeronautical applwad because the power-to-weight ratio is good.

Metal Chloride battery - Used in electric vehicles.

We will have a separate lecture on famous battéoiend our presentation on electrochemistry, buhbw, sit back and offer
your thanks to the chemists and engineers who ma® your life a walk in the park (with a dozentdxas on your person.)



Electrochemical cell convention.

Regardless of how we draw the picture of an eleb&mical cell:

As a battery
As a couple of isolated beakers

Carbon rod (cathode)

Zinc cup (anode)

MnO, + carbon black + NH4CI
(electrolyte)

As cell notation
Ag|Ag' (.01M)|| F&® ((01M)|Fé? (.1M)|Pt

Or as a chemical reaction

8H" +MnO,- + 5F&®>  Mn'? + 5F€® + 4H,0



Electrochemical cells consist of the same simpléspaa couple of half reactions and a way to isothe systems to allow
current to flow across a voltage drop. When yonktlabout it, the only difference between the hyggnmo balloon that | explode
in class, and the hydrogen car of the future, & #omeone has done a good job of packaging tlotioeaso that you can
control the work done (the electrons that movehdw much you put your pedal to the metal.

So what are the conventions used in describingdnes of an electrochemical cell. For this couyse, will need to be able to
distinguish:
- The magnitude and sign of the electrochemicalpmtntial (in other words, whether the cell has ¢r E(-)
Where oxidation and reduction occur
Electrode name (cathode and anode)
Electrode sign (+ and -)
Electron flow direction

To begin assigning cell convention and to perfony kind of electrochemical cell calculation, yowhao know whether you
have a cell that is spontaneous or a cell thatois-gpontaneous (this brings back memories of therwioch is quite
appropriate as we will see shortly).



If an electrochemical cell is spontaneous, we eartise following about it and mean the same thing:

E = (+) for a spontaneous reaction &@ is— and K > 1
These cells are called battery, voltaic, galvanic

If an electrochemical cell is non-spontaneous, aresay the following about it and mean the sanmgthi

E = (-) for a non-spontaneous reaction Bds is+and K < 1
These cells are called electrolytic or electrolygsls

All cells do share common features:

Two V4 cells are involved, one oxidation and onaictidn
Electron flow through the external wire to the caté in both cells
Oxidation is at the anode and reduction is atazkhn both cells

The only distinction between the two kinds of c&lghe sign convention:
In battery a cathode +, anode —
In electrolysis: cathode -, anode +

(When | am in WalMart | always remember that thentthe battery | see is the cathode and everyfoitmys from that)

So let’s put these ideas for cell convention talde and memorize it for some easy points on.tests

electrochemical | reaction type DG | E | reduction | oxidation| direction of e flowsign at | sign at
cell type cathode | anode
electrolysis non-spontaneous + -/ cathode anode e- flow to cathpé +
galvanic spontaneous - + cathode anode e- flow to cathpde + |-
(battery)




Example: ldentifying Cell Conventions.

So let’'s apply this set of conventions to the mopper-zinc battery below. Create a list of all things you can say about this
picture:

Things you can say about the picture of the cell:
- Itis a battery because E is positive (which ma@hageaction is spontaneous)

The zinc is oxidized at the anode which is writéarthe leftmost electrode
The copper is plated onto the cathodic electrode
The Sign of the anode is — and the sign of theockeths +
The electrons are flowing through the externalwtrto the cathode
A salt bridge is being used to complete the circuit
The potential difference is a large one (1.1V) whsuggests this might be a good battery—if onlyoeald get the
voltage up to 1.5V (wait till next lecture.)



A brief aside: Electrochemical Shorthand for lay people like your professor (and all other chemisi

No one likes to draw cells. So they use electrocb@nshorthand and substitute the following symb@sd convention to
represent the pretty beakers.

|| saltbridge | phase change Cul€u Half Cell
Also, by convention, the anode is always writtestfi on the left side
Put all this together and written succinctly beisva zinc-copper battery

Zn|Zr'? || Cu?Cu shorthand for battery we just drew.

We can even add concentrations
Ag|Ag’ (.01M)|| F&® ((01M)|Fé? (.1M)|Pt

Is a battery in which oxidation takes place atdiheer electrode, reduction take place on a pidqaaiinum wire for F&, and
the starting concentrations are as written.



Let’'s get Quantitative with Electrochemistry.

Electrochemistry is just another way of descriltingrmodynamics. The kinds of things we found wisef thermodynamics,
like understanding whether a reaction happeng)emektent of the reaction, can be determined wabt®chemistry. Proof of
this statement comes from comparing the simpldiogiship between K from equilibri®G from thermodynamics and now, E
for electrochemistry in the equations below

-RTInK = DG = -nFE
Note that the units of each equation are a meafueaergy change in a chemical reaction. Itimgllof neat to see all the
ways that we have defined energy this spring

gases gases work heat electrochemistry
PDV = DnRT = w = DH = gE
units of J units of J units of J tarof J units of J

and realize that it is just the way we accountlierenergy change that is different:

In thermodynamics we keep track of energy as medsarJoules
In equilibria we keep track of the ratio of congatibns
In electrochemistry we keep track of the electroaieal potential for a population of electrons

The three graphs below provide another way to viensimilarity between KDG and E

€EECEEE «— Q (amount
of change)

E () oG E (V) Vv




Deep though number 1 on why you should love elecithemistry: Note that these simple relationships allow usdovert
from thermodynamics in one form to another. Ewample, if you have a value &G from a table of thermodynamic
constants you can calculate K. Or if you have lamgter that measures V from a cell reaction, yan gbtainDG values to put
in a table.

And unlike thermo or equilibria for which you hateeuse complicated devices like spectrometers ortbcalorimeters to find
values of K oiDG, all you need to find electrochemical potenti&lf/), is a voltmeter you can buy at Radio ShackHf0!!

A comment on the electrochemistry plot above anwhy it is so profoundly important conceptually

Everyone gets energy and how it describes exteméadtion. Everyone gets concentration and hodesgcribes extent of
reaction. Few intuitively get electrochemistryEjcand why it describes the extent of reaction. sénd some time looking at
this plot below and appreciate that it is the camabon of the amount of electrons, and the potehtiathey fall down, that
define work. Think of it this way, some people sagt it is the current that kills, and others Haat it is the voltage that Kills.
Actually it is both. The amount of e- determinks turrent per unit time, and must obviously bgdarto give someone a
shock. At the same time, the size of the hill tmaist be traveled down matters as well. Heneeatbrk that is done in a
chemical system is equal to the produce of q and E.

_____ -

This is the number of charges, as per unit time, th
current.

1. For electrochemistry to do much work, the size
of the hill (V) and the amount of charge (q)
both need to be large.

2. Oh, this must mean work=w= qV

(this is
the
voltage
V)
E(V) differenc
measured
by a
voltmeter)




Calculating Cell Potential: Table of Standard Redation Potentials and the Standard Hydrogen Electrod

You have begun to see examples of half cell reasto®ing put together to make cell potentials. \v&bae saw a cell potential
of 1.1V for zinc and copper. Could be create ¢etaball the possible electrochemical cells?

Sure but we would have millions and millions ofleelctions. Is there a simpler way to do thishat\about using a standard
to which all half cell reactions are compared?

For example, just for kicks let's choose a celtctem like

2H" + 2e-  H, and decide to give it a reference voltage of @Q¥ét’s even call it &5tandard Hydrogen Electrode (SHE)
We can even choose a set of standard conditikesalstandard temperature (298K) and concentrafiovior 1atm.)

Now, let's remember from thermodynamics that Hesd we didn’t have to care about the path thatatren took, it was only
how things started and ended that mattered. Thesithat if every half cell is referenced to ttamdard hydrogen electrode
we can put them in a single table and directly camphem to each other after substracting out Hte [gotential (which is 0V,
what a good idea for a voltage to subtract.)

Presented below is the Standard Reduction Potehidible. Note that by convention, all the half reatwt are written as
reductions. Also note that all are compared toc3HE& and there is a voltage range of from -3V tv/.+3

We can decide to put these half cells together théimd the voltages for a cell potential. Theiation we will use is
Ecel= Ecathods Eanode OF Been = Ereduction— Eoxidation
Example: What is the standard cell potential foatiery formed by the following half reactions:
Au® +e-  Au Nd +e- Na

Note that the half reactions are +1.69V and -2.743pectively. And if we put them together to faanbattery (a positive E
value), then the Au half reaction must be the adthend the sodium half reaction the anode:

Ecen = Ecathods Eanode = 1.69 — (-2.71) = 4.4V which is a pretty hdfttery.






A final deep thought to tie Electrochemistry to Eilibria: Strong oxidizing and reducing agents

Electrochemistry is thermodynamics and equilibsidhermodynamics so | bet the ideas we develoglémtrochemistry look
like the ideas for acid and bases. For examplagngber how we ranked acid and base strength freniKifand K,. Also
remember the simple relationship betwegraid K, using Kw.

Acid strength increased as, Kicreased. Basic strength increased whegnnkreased. So in the chart below: HS@ the
strongest acid and NHs the weakest acid. NHis the strongest base and S® the weakest base.

Acid/Base Strength

Kz Dissociation reactio K

10~ ' -2 10-
Strongest acid HSO- H +S0 Weakest base

5 9
10~ |HCOOH H'+ COOH- | 10-

Weakest acid 10~ NH,  H' + NH; 10~ Strongest base




Oxidation/Reduction Strength. We can create similar rankings of oxidation aeduction strength using the half cell
reactions. The question now, is, what is mostheasduced or what is most easily oxidized? Thewar. The easiest is
always the most positive value in the same waydbmls and bases are strongest (dissociate easittsthe largest K values.

Note other similarities in the table below. Theran E, value that is related tods in this case by an opposite sign. Also note
that the B, reaction is for the reverse reaction that is taaly written.

In this table, the strong reactants are the mositipe ones. CU is the strongest oxidizing agent because it is reastly
reduced. Zn is the strongest reducing agent becaissmost easily oxidized.

E.«q | ¥2 Reaction, reduction| E

Weakest oxidizing agent 7 = T 7 Strongest reducing agent
(hardest to redude) |Zn " +2e- Zn ' (easiest to oxidize)

O |2H'+2e- Hy 0
Strongest oxidizing agent Weakest reducing agent
(easiest to reduge) 3 Cu™ + 26 CU -3 (hardest to oxidize)

Example: What are the strongest and weakest axglennd reducing agents in the large table of reoligpotentials?

Answer: Just as with the smaller table above, kmothe diagonal corners. The most positive vadube strongest oxidizing
agent, F2. The most positive reducing agent (masy to oxidize) is for the most negative reacéind its reverse reaction that
IS not written: Li.



