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	Code
	Unit 11-Redox/Equilibrium
Content Expectation
	Textbook Reference

	C5.3x
	Equilibrium Most chemical reactions reach a state of dynamic equilibrium where the rates of the forward and reverse reactions are equal. 
	

	C5.3a


	Describe equilibrium shifts in a chemical system caused by changing conditions (Le Chatelier’s Principle).
	

	C5.3b
	Predict shifts in a chemical system caused by changing conditions (Le Chatelier’s Principle).
	

	C5.3c
	Predict the extent reactants are converted to products using the value of the equilibrium constant.
	

	C5.6x
	Reduction/Oxidation Reactions Chemical reactions are classified according to the fundamental molecular or submolecular changes that occur. Reactions that involve electron transfer are known as oxidation/reduction (or “redox”). 
	

	C5.6a
	Balance half-reactions and describe them as oxidations or reductions.


	

	C5.6c
	Explain oxidation occurring when two different metals are in contact.
	

	C5.6d
	Calculate the voltage for spontaneous redox reactions from the standard reduction potentials.


	

	C5.6e
	Identify the reactions occurring at the anode and cathode in an electrochemical cell.


	


           Vocabulary

	Anode

Cathode

Electrochemical Cell

Equilibrium

Keq
	Le Chatelier

Oxidation

Oxidation-reduction reactions

Reduction


BIG IDEAS: 

Electron transfers as described by redox reactions impacts humans in both positive and negative ways.

In a closed system, reversible reactions achieve equilibrium which is dependent on pressure, temperature and concentration conditions.
Core Concepts: 

• Most chemical reactions reach a state of dynamic equilibrium where the rates of the forward and reverse

reactions are equal. This equilibrium, once established, can be altered by changing the conditions of the system.
• Chemical reactions that involve electron transfer are known as oxidation/reduction (redox). The loss of

electrons in a reaction is termed oxidation. Reduction is defined as gaining of electrons.
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C5.3a, C5.3b, C5.3c: https://youtu.be/7zuUV455zFs
Chemical equilibrium-when the rates of the forward and reverse reactions are equal

At chemical equilibrium, no net change occurs in the actual amounts of the components of the system.
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[image: image3.png]The French chemist Henri Le Chatelier (1850-1936) studied how the
equilibrium position shifts as a result of changing conditions. He proposed
‘what has come to be called Le Chatelier’s principle: If a stress is applied toa
system in dynamic equilibrium, the system changes in a way that relieves
the stress. (B Stresses that upset the equilibrium of a chemical system
include changes in the concentration of reactants or products, changes in
temperature, and changesin pressure.




[image: image4.png]Concentration Changing the amount, or concentration, of any reactant
or product in a system at equilibrium disturbs the equilibrium. The system
adjusts to minimize the effects of the change. Consider the decomposition
of carbonic acid (H,COj) in aqueous solution to form the products carbon
dioxide and water. The system has reached equilibrium. At equilibrium the
‘amount of carbonic acid is less than 1%.

Addco,
< Direction ofshift.

H,C0{(aq) ~——eee— CO(aq) + H,0(])
<1%  Direction ofshift S99




What happens if more CO2 is added? The system will adjust by shifting to the left to produce more H2CO3 until the system reaches equilibrium again.
What happens if CO2 is removed? The system will adjust by shifting to the right in order to produce more CO2 and H2O until the system reaches equilibrium again.

[image: image5.png]Temperature Increasing the temperature causes the equilibrium posi-
tion of a reaction to shift in the direction that absorbs heat. The heat
absorption reduces the applied temperature stress. For example, consider
the following exothermic reaction that occurs when SO, is produced from
the reaction of SO, and O,

Addneat
< Direction of shift:

250,(g) + O4g) 250,(g) + heat

Remove heat cool)
Directon of st

Heat can be considered to be a product, just like SO;. Heating the reaction

mixture at equilibrium pushes the equilibrium position to the left, which

favors the reactants. As a result, the product yield decreases. Cooling, or

removing heat, pulls the equilibrium to the right, and the product yicld

increases.




[image: image6.png]Pressure A change in the pressure on a system affects only gascous equi-
libria that have an unequal number of moles of reactants and products. An
example is the reaction you read about in Connecting to Your World: hydro-
gen and nitrogen react to form ammonia. Imagine that the three gases are
atequilibrium in a cylinder that has a piston attached to a plunger—similar
{0 a bicyele pump but with the hose sealed. A catalyst has been included to
speed up the reaction. What happens to the pressure when you push the
plunger down? The pressure on the gases momentarily increases because
the same number of molecules is contained in a smaller volume. The sys-
tem immediately relieves some of the pressure inerease by reducing the
number of gas molecules. For every two molecules of ammonia made, four
molecules of the reactants are used up (three molecules of hydrogen and
one of nitrogen). Therefore, the equilibrium position shifts to make more
ammonia. There are then fewer molecules in the system. The pressure
decreases, although it will not deerease all the way to the original pressure.
As you can see in Figure 18.13, increasing the pressure on the system results
in a shift in the equilibrium position that favors the formation of product.

Increase pressure
Direction of shift >

N,(g) + 3H,(g) 2NH,(g)

Reduce pressure
< Direction ofshift




Example:

[image: image7.png]Applying Le Chatelier’s Principle
What effect do each of the following changes have on the equilibrium
position for this reversible reaction?

PCl,(g) + heat=="PCl,(g) + CL(g)

a. addition of Cl,  b. increase in pressure
< removal ofheat ~d. removal of PCI, as it is formed




[image: image8.png]@ Analyze Identify the relevant concepts.

a-d. The stress placed on each system is
Kknown. The effect of each stress is unknown.
By Le Chatelier’s principle, the equilibrium
system will shift in a direction that minimizes
the imposed stress. Analyze the effect of each
change on the reaction.

Solve Apply concepts to this situatior
a. The addition of Cl,, a product, shifts the
equilibrium to the left, forming more PCI,,

b. The equation shows 2 mol of gascous product
and 1 mol of gaseous reactant. The increase
in pressure is relieved if the equilibrium shifts
to the left, because a decrease in the number
of moles of gascous substances produces a
decrease in pressure.

<. The removal of heat causes the equilibrium
to shift to the left, because the reverse reac-
tion is heat-producing.

d. The removal of PCl, causes the equilibrium
to shift to the right to produce more PCl;.




Practice Skill: 

1. What is the effect of adding more water to the following equilibrium reaction?
                                      CO[image: image9.png]


 + H[image: image10.png]


O [image: image11.png]|
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          a.
More H[image: image14.png]


CO[image: image15.png]


 is produced.

          b.
CO[image: image16.png]


 concentration increases.

          c.
The equilibrium is pushed in the direction of reactants.
          d.
There is no effect.
2. Suppose that more H2 is added to the reaction 

2 H2 (g) + O2 (g) ↔ 2 H2O (g)


Which of the following will happen?

a. More H2 will be produced.
b. the concentration of O2 will increase. 
c. the concentration of H2O will increase
d. the reaction will shift to the left.
3. 

[image: image17.png]How is the equilibrium position of this reaction
affected by the following changes?

C(9 + H,0(g) + heat=CO(g) + H,(g)

a. lowering the temperature

b. increasing the pressure

<. removing hydrogen

d. adding water vapor




[image: image18.png]Equilibrium Constants
Chemists express the position of equilibrium in terms of numerical values.
These values relate the amounts of reactants to products at equilibrium. In
a general reaction, @ mol of reactant A and bmol of reactant B react to give
cmol of product C and dmol of product D at equilibri

aA + bB==cC + dD

‘The equilibrium constant (K, is the ratio of product concentrations to
reactant concentrations at equilibrium, with each concentration raised to a
powerequal to the number of moles of that substance in the balanced chemical
equation. The expression for the equilibrium constant can be written this way.

‘The exponents in the equilibrium-constant expression are the coefficients
in the balanced chemical equation. The square brackets indicate the con-
centrations of substances in moles per liter (mol/L). The value of K
depends on the temperature of the reaction. If the temperature changes,
the value of K, also changes.

‘The size of the equilibrium constant shows whether products or reac-
tants are favored at equilibrium. G A value of K, greater than 1 means
that products are favored over reactants; a value of K less than 1 means that
reactants are favored over products.

K> 1, products favored at equilibrium
Ky <1, reactants favored at equilibrium




The Equilibrium Constant: https://youtu.be/xfGlEXWDRZE
Example:

[image: image19.png]Expressing and Calculating K,
‘The colorless gas dinitrogen tetroxide (N,0,) and the dark brown gas
trogen dioxide (NO,) exist in equilibrium with each other.

N;0,(g) ==2NO,(g)
Aliter of a gas mixture at equilibrium at 10°C contains 0.0045 mol of
N.0, and 0.030 mol of NO,. Write the expression for the equilibrium
constant and calculate the equilibrium constant (K, for the reaction.





[image: image20.png]Analyze List the knowns and the unknowns.

Knowns Unknowns
*IN;0,] = 0.0045 mol/L * K. (algebraic expression) = ?
*INO,] = 0.030 mol/L * K (numerical value) = ?
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[image: image21.png]Calculate Solve for the unknowns.
To write the equilibrium constant expressions, place the concentration
of the product in the numerator and the concentration of the reactant
in the denominator. Raise each to the power equal to its coefficient
inthe chemical equation. Substitute the
calculate K.





Practice Skill: 
1.                                                                          

[image: image22.png]The reaction N,(g) + 3H,(g)
— 2NH, (g produces
ammonia, a fertilizer. At equi-
librium, a 1-L flask contains
0.15mol H,, 0.25 mol N,, and
0.10 mol NH,. Calculate K, for
the reaction.



                     

2. 

[image: image23.png]Suppose the following system
reaches equilibrium.

Ny(g) + O,(g) ==2NO(g)
Analysis of the equilibrium
mixture in a 1-L flask gives
the following results:

N, = 0.50 mol, 0, = 0.50 mol,
andNO = 0.020 mol. Calculate
K, for the reaction.





3. 

The ionization constant (K[image: image24.png]


) of HF is 6.7 [image: image25.png]


 10[image: image26.png]


. Which of the following is true in a 0.1M solution of this acid?

a. [HF] is greater than [H[image: image27.png]


] [F[image: image28.png]


].

b. [HF] is equal to [H[image: image29.png]


] [F[image: image30.png]


].

c. [HF] is less than [H[image: image31.png]


] [F[image: image32.png]


].

d. [HF] is equal to [H[image: image33.png]


] [F[image: image34.png]


].

[image: image35.png]What Are Oxidation and Reduction?

The combustion of gasoline in an automobile engine and the burning of
wood in  fireplace are reactions that require oxygen s they release energy.
The reactions that break down food in your body and release energy use
oxygen from the ir you breathe.

Oxygen and Redox Early chemists saw oxidation only as the combina-
tion of an element with oxygen to produce an oxide. The buming ofafuelis
also an oxidation reaction that uses oxygen. For example, when methane
(CH,) a component of natural gas, bums inai, it oxidizes and forms oxides
of carbon and hydrogen, as shown in Figure 20.1. One oxide of carbon is
carbon dioxide, CO..

‘Notall oxidation processes that use oxygen involve burning, For example,
when elemenal iron turns to rust, it slowly oxidizes o compounds such as
iron(Il) oxide (Fe,0,). Bleaching stains in fabrics is an example of oxidation
that does not involve burning. Common liquid houschold bleach contains
Sodium hypochlorite (NaCI0). a substance that releases oxygen. which oxi-
dices stains o0 a colorless form. Powder bieaches may contain calcium
hypochlorite (CalCIO),). sodium perborate (NaBO,., o sodium percarbonate
(2Na.CO, 3H,0,). Hydrogen peronide (H0,) also eleases onygen
when it decomposes. It s both a bleach and a mild
antisepic that kills bacteria by /_\

oxidizing then.

natural gas to carbon dioxide
and water.

reducing agent

oxidizing agent

Reading Strategy
Comparing and Contrasing A5
you read comparethe older defi-
Pitions o xidaton and reduction

with the curent denitons.





Oxidation & Reduction Reactions: https://youtu.be/DLTsdmLdmcg
Oxidation Number: https://youtu.be/wpKI_iB9KGM
Half Reactions: https://youtu.be/zKT7QZbto34
[image: image36.png]Figure 20.2 When charcoal,
‘whichis mostly carbon, isbured
inair,carbon dioxide and heat
are produced.

‘The oxide of hydrogen is water, H,0. Charcoal, shown in Figure 202,
also oxidizes when it bums, forming CO.

A process called reduction is the opposite of oxidation. Originally,
reduction meant the loss of oxygen from a compound. The reduction of
iron ore to metallic iron involves the removal of oxygen from iron () axide.
‘The reduction is accomplished by heating the ore with carbon, usually in
the form of coke. The equation for the reduction of ron ore is shown below.

2Fe,0, + 30 —> AFels) + IC0,g)
o cabon won cabon
E Gode
‘The reduction of iron also includes an oxidation process. As iron(ll)
oxide i reduced to iron by losing oxygen, carbon axidizes to carbon dioxide:
by gaining oxygen. Oxidation and reduction always occur simultancously.
 The substance galning oxygen is oxidized, while the substance losing
‘onygentsreduced. No oxidation occurs without reduction, and no reduction
occurs without oxidation. Reactions that involve these processes are there-
fore called oxidation-reduction reactions. Oxidation-reduction reactions
are also known as redox reactions.




[image: image37.png]Electron Shiftin Redox Reactions The modem concepts of oxidation
and reduction have been extended to include many reactions that do not
even involve oxygen. You learned in Chapter 6 that, with the exception of flu-
orine, oxygen is the most lectronegative element. As a resul, when oxygen
bonds with an atom of a different clement (other than fluorine), electrons
from that atom shift toward oxygen. Redox eactions are currently understood
to involve any shit of electrons befween reactants. Oxidation is now defined
to mean complete or partial loss of electrons or gain of oxygen. Reduction is
‘now defined to mean complete or partal gain of electrons or loss of oxygen.

Oxidation Reduction
[rn— Gaof secrons
Ganoloxgen Lo ol oxygen

Redox Reactions That Form lons During a reaction between a metal
and a nonmeta, lectrons are transferred from atorms of the meal to atoms
of the nonmetal. For example, when magnesium metal s heated with the
nonmetal sulfur, the ionic compound magnesium sulfide is produced as
shown in Figure 20,4, Two electrons are transferred from a magnesium atom
t0.a sulfur atom. The magnesium atoms become more stable by the loss of
electrons. The sulfur atoms become more stable by the gain of electrons.

Word Origins
.
Lotinword educere meaning
ol back” Reductionof
‘metal oxides by the removal
Cm— T
]
tothe rgial metal .
L
B
“reductionin force What
e




[image: image38.png]Mgl s —— Mg+ ER

Nagnesum Sulfr  Magnesum  Sulfde

Because it oses electrons, the magnesium atom is said to be oxidized to
‘magnesium on. Simultaneously, the sulfur atom gains two electrons and is
reduced toa sulfide lon. The overall process s represented as the two com-
ponent processes below

Oxidation: Mg — Mg™ + 2¢

Reduction: §+ 2¢

Magnesium (ribbon) Sulfur

Mats)

Figure 204 When
magnesium and sulfur are
heatedtogether, they undergo
an oxication-reduction
teaction to form magnesium
sulfide. Applying Concepts
Where did the electrons lost
by magnesium go?

Magnesium sulfide





[image: image39.png] Losing electrons is oxidation. Galning electrons is reduction. The
substance that loses electrons s called the reducing agent. By losing clec-
trons to sulfur, magnesium reduces the sulfur. Magnesiurn is thus the
reducing agent The substance that acceptselectrons i called the oxidizing
agent. By acceping electrons from magnesium, sulfur oxidizes the magne.-
sium, Sulfr is the oxidizing agent. Another way of identifying oxidizing
‘and reducing agentsi o emember that the species that i reduced i the
oxidizing agent and the species oxidized is the reducing agent.

e+ sty — s
~___7

ey (g e

e agemt)
ou might find it helpful to use the following mnemonic device to remem-
ber the definitions of oxidation and reduction: “LEO the lion goes GER."
LEO stands for Losing Electrons is Oxidation; GER stands for Gaining Elec-
trons is Reduction.




Example:

[image: image40.png]Balancing Redox Equations by Half-Reactions

Balance this redox equation using the half-reaction method.
KMRO,(ag) + HCl(ag) ——> MnCly(ag) + Cl(g) + H,0() + KCliag)

Q) Analyze identtyth reevant conceps.
You can use the seven steps o the halfreacton
method.

© solve Aoy conapso i scation.
Wit thecquaton i onic form.
K ag) + MmO, (a) + ¥ (a) + I
i + 2610 Ol +
100+ K ag +  tap
Wi half eacions. Determine the oxidaton
and reducton pocess.

Oxidation: cl- — ¢,

Reduction: MOy —> Mn**

Balance the atoms. The solution is acidic, o use.
H,0 and H' to balance the oxygen and hydro-
gen. 1 the solution s basic, H.0 and OH- are
used)

Oxidation:

201" (ag) —> CL(g (atoms balanced)

Reduction:

MnO, (aq) + BH" (ag) ——> Mu**(ag) +

4H,0(D (atoms balanced)

Balance the charges.
Oxidation: 2C1-(ag) — Cl(g) + 2~
(charges balanced)
Reduction:

MRO, (ag) + 8H" (ag) + Se—> Mr*(ag) +
4H,0(D (charges balanced)

Make the numbers of electrons equal. Multiply
the oxidation half-reaction by 5 and the reduc-
tion half-reaction by 2.

Oxidation: 10CI™(ag) ——> SCl(g + 10¢”
Reduction:
2MnO, (ag) + 16H"(ag) + 106 —>
2Mn (ag) + BH,0()
‘Add the half-reactions.
10CI(ag) + 2MO, (ag) + 16H" (ag) + 1oe~ —>
5Cl(g) + 10e + 2Mn™ (ag) + 8H,0(1)
‘The equation, after subiracting terms that appear
‘onboth sides:
101 (ag) + 2MnO, (ag) + 16H* (ag)—
5CL(g + 2Mn** (ag) + BHLOD)
‘Add the spectator fons.
1001 + 2M0, 4 2K + 16H" + 601 —>,
5Cl+2M™ +4C1 + BH,0 + 2K + 21
‘Adding spectator and nonspectator CI on each
side gives
16CI-(ag) +2MnO, (ag) + 2K (ag) +
16H (ag) —> 5C,(g) + 2Mr* (ag) +
6CI(ag) + 8H.O() + 2K" (ag)
‘The equation is balanced for atoms and charge. To
show it balanced for the substances given in the
‘question (rather than for ions), ewrite it as
2KMnO,(ag) + 16HCl(ag —>
2MnCly(ag) + 5Ck(g + 8H,0(D + 2KCliag)




Practice Skill: Balance using half reactions: 
1. MnO4- + Cl- ( Mn2+ + Cl2  (in an acidic solution)
2. ClO3- + I- ( Cl- + I2   (in an acidic solution)
3. Br2 + SO2 ( Br - + SO42-    (in an acidic solution)
4. What coefficient of H[image: image41.png]


 balances the atoms in the following half-reaction?  

                            H[image: image42.png]


 + MnO[image: image43.png]


 [image: image44.emf]

 Mn[image: image45.png]


 + H[image: image46.png]


O
a.
1
c.
3

b.
2
d.
4

Electrolytic Cell: http://chemwiki.ucdavis.edu/Analytical_Chemistry/Electrochemistry/Electrolytic_Cells
Galvanic or Voltaic Cell: https://youtu.be/9Xncz_mMc5g
Anode, Cathode, Salt Bridge: https://youtu.be/a2v7ph3kLXo
Electrochemistry: https://youtu.be/Rt7-VrmZuds
[image: image47.png]Electrochemical Processes

s you have learned, chemical processes can either rlease energy or absorb
‘energy: The energy can sometimes be inthe form of lecticiy: Hectrochern-
sstry has many applications in the home as well s in industry. Flashlight and
‘automobile batteris are famillr examples of devices used to generate clec-
tricity. The manufacture ofsodium and aluminum metals and the silverplat-
ing of tableware involve the use of electicty: Biological systems also use:
electrochemistry to carry nerve impulses. In this chapter, you will learn
‘about the relationship between redox reactions and electrochemistry.

A Spontaneous Redox Reaction When astrip of zinc metal is dipped
into an aqueous solution of blue copper sulfate, the zinc becomes copper-
plated, as shown in Figure 21.1. The net ionic equation involves only zinc
and copper.

Zn(s) + Cu* (ag) —> 20" (ag) + Cu(s)

Vocabulary
elactrochemicalprocess
electochemiclcel

woltaicclls:

e

saltbridge

elactode

anode

cathods.

dycell

battery

fuelcells

Reading Strategy

Building Vocabulary Asyou
tead thesaction witea defiiion
of ach key termin your own
wrde,

Figure 21.1 Zinc metal oxidizes.
spontaneously ina copper-ion
solution. © A zinc sripis
immarsadina solution of copper
sulfate. © As the redox reaction
roceeds,copper plates outonto
the zinc,and the blue copper
Sulfate solution s raplaced by

3 solution ofzinc sulfate.
Classlfying How canyou
classify this reaction?




[image: image48.png]Table 21.1

Activity Serles of Metals, with Half-Reactions
for Oxidatlon Process

Element ‘Oxidation half-reactions

Most activa and Lithium L) ——>Litag) +o

most sasily oxidized | potassium | Kis) ——K'(ag) + o~
Barium Bals) ——Ba""(aq) + 20"
Caleium Cals) ——> Ca™*(aq) + 20"

Sodium Nals) —> Na'(ag) +
Magnesium | Mg(s) —> Mg**(aq) + 2
Aluminum | Alls) —— AF*(ag) + 30~

Zine Zn(s) ——>2Zn"*lag) + 26~
tron Fols) ——>Fo*(ag) + 20~
Nickel Nils) ——> NF“(ag) + 20™
Tin Snis) ——> S (ag) + 2
Load Pbls) ——>Pb*'lag) + 26~
Hydrogon® | Hy(g) ——2H'(ag) + 20~
Copper Culs) ——> Cu™lag) + 2
Mercury. Hals) ——> Hg?"(aq) + 20~

Loast active and Silver Agls) ——>Aglag) e

loast casily oxidized | Gold Auls) —> Au'(aq) + 30~

ogen s ncodedfor efeence |

Electrons are transferred from zinc atoms to copper fons. This is a
redox reaction that occurs spontaneously. As the reaction proceeds, zinc
atoms lose electrons as they are oxidized to zinc fons. The zinc metal slowly
dissolves. At the same time, copper fons in solution gain the electrons lost
by the zinc. They are reduced to copper atoms and are deposited as metal-
i copper. As the copper ions in solution are gradually replaced by zinc
ions, the blue color o the solution fades. Balanced half-reactions for this
redox reaction can be written as follows.
Oxidation: Zn(s) ——> 70" (ag) + 2¢”

Reduction: Cu™(ag) + 26— Cu(s)




[image: image49.png]Ifyou look at the activity series of metals in Table 21.1, you will see that
sinc i higher on the st than copper. C For any two metas inan atiity
S, the more actve metal i the more readily oxdized. As Figure 21.1
shows, zinc is more readily oxidized than copper because when dipped
nto a copper sulfte slution, zinc becomes plted with copper. In con-
trast, when a copper strip isdipped into a soluion of zin sulfae, the cop-
per does not spontancously become zinc-plted. This is because capper
metal s not oxidized by zincfons.

‘When aine srp s dipped into  copper sulfate soluton,electrons are
transferred from zinc metal tocopper fons.This flow ofelectrons i a elc-
tric current. Thus the zinc-metal-copper-fon system is an example of the
conversion of chemical energy intoelctrical energy.

/{Chackpaint ) Why dosn'ta copper strp thats dipped nzinc sufate
‘solution become spontaneously zinc-plated?




[image: image50.png]Redox Reactions and Electrochemistry An electrochemical process
35 any conversion between chermical energy and electrical energy. (D All
elctrochemicalprocesses volve redoxreactions. I a redor reaction st e
used s a source of electrical energy; the o half eactions must be physi-
callyseparated.Inthe case of the rinc-metal-copper-on reacton,theclec-
trons released by zinc must pass through an externl crcut o reach the
copperions if useful clectrical energy s o be produced. I that situation,
the system serves as an electrochemical cell. Alernatively an electric cur-
e can be used to produce a chemical change. Thatsystem, (o, serves as
an electrochemical cel. n aloctrochemical ol s any devic that converts
chemical energy into clectrical energy or electical energy into chermical
energy: Redox reactions occur in al electrochenical cells.




[image: image51.png]Voltaic Cells

In 1800, the talian physicist AlessandroVolta built the first electrochemical
cellthat could be used to generate a direct (DC) elctric current. Figure 21.2
shows  photograph of Voltas llusration of one of his carly cell. Voltaic
cells (named after their inventor) ar electrochemical cels used to convert
chemical energy into electrical energy. (3 Hectrical energy isproduced in
‘avoltaiccell by spontancous redax reactions within the cll. ou use & voltaic
cell every time you turn on a flashlight or  battry-powered calculator.

Constructing a Voltaic Cell A half-<ell is one part of a voltaic cell in
which ither oxidation or reduction occurs. A typical half-cell consists of a
piece of metalimmersed in a solution of its ons. Figure 21.3 on the follow-
ing page shows a voltaic cel that makes use of the zinc—copper reaction. In
this cell, one half-cell is a zinc rod immersed in a solution of zinc sulfate.
“The other hal.cell s  copper rod immersed in a solution of copper sulfate.

‘The half-cell are connected by a salt bridge—a tube containing a
strong electrolyte, often potassium sulfate (K,S0,). Salt bridges usually are
‘made of agar, a gelatinous substance. A porous plate may be used instead
of a sal bridge. The porous plate allows ions to pass from one half-cell to
the other but prevents the solutions from mixing completely. A wire carries
the electrons in the external circuit from the zinc rod to the copper rod. A
voltmeter o light bulb can be connected in the circuit. The driving force of
such a voliai el is the spontaneous redox reaction between zinc metal
‘and copper() ions i solution.

“The zinc and copper rods in this voltaic cell ar the electrodes. An
electrode s a conducior in a circuit that caries electrons o or from a sub-
stance other than a metal. The reaction at the electrode determines
whether the electrode is labeled as an anode or a cathode. The electrode at
which oxidation occurs i called the anode. Because electrons are pro-
duced at the anode, it is labeled the negative electrode. The electrode at
which reduction occurs is called the cathode. Flectrons are consumed at
the cathode. As  result,the cathode is labeled the positiv clectrode. Nei-
ther electrode s really charged, however. All partsof the voltaic cell remain
balanced in terms of charge at al times. The moving electrons balance any.
charge that might build p as oxidation and reduction occur.

i

Figure 21.2 Volta buil his
electrochemical cel using

piles ofsiver and zinc plates
separated by cardboard soaked
nsalt water Ha used hiscall to
obtain an electrical currant.




[image: image52.png]Zn)— 20°ag) + 26

Figure 21.3 Inthis voltac cel,
the electrons generated fromthe
oidation of Zn to 20" flow.
through the externa circuit
(the wire) ino the copper srip.
These slectrons reduca the
surrounding Cu* to Cu. To
‘maintain neutralfy in the
electrolytes, anions flow through
the salt bridge.

solution Cuag) + 26— Cule)

How a Voltaic Cell Works The electrochemical process that oceurs ina
zine-copper voltaic cell can best be described in a number of steps. These
steps actually ocur at the same time.
1. Electrons are produced at the zine rod according to the oxidation half-
reaction.

Zn(9 —> 70" (ag) + 26~
Because it is oxidized, the zinc rod i the anode, or negative electrode.

2. The electrons leave the zinc anode and pass through the extemal
circuit o the copper rod. Ifabulb s n the circuit, the electron flow will
cause it o light. I a voltmeter is present, it wil indicate a voltage)

3. Electrons enter the copper rod and interact with copper fons in solu-
tion. There the following reduction half-reaction oceurs.

Cu**(aq) + 26" —> Cu(s)




                                               [image: image53.png]‘Because copper ions are reduced at the copper rod, the copper rod is
the cathode, or positive electrode, i the voltaic cell

4. To complete the circuit, both posiive and negative fons move through
the aqueous solutions via the sat bridge. The two half-reactions can be
summed to show the overall cell eaction. Note that the electrons in the
overall reaction must cancel.

009 —> 70 ) + 26
Cu*'(ag) + 26— Cufs)
7n(s) + G ag) — 20" (ag) + Culs)
When the zinc sulfate and copper() sulfte solutions in the voltaic
halfcells are both 1.0M, the cell generates an electrcal potential of 1.10

volts (V). If different metals are used for the electrodes or if different solu-
tion concentrations are used, the voltage will diffe.




[image: image54.png]Using Voltaic Cells as Energy Sources
Although the inc-copper voltaic cell is of historical importance, i is no
longer used commercially. G2 Current technologies that use electrochemi-
cal processes to produce electrical energy Include dry cels, lad storage b
teries, and fuel cels.
Dry Cells When a compact, portable electrical energy source is required,
‘adry cellsusually chosen. A dry all i a voltaic cell n which the electrolyte
5.2 paste. A type ofdry cel thati very familir o you i the common flash-
light batery, which, despite the name, is not a true battery. In such a dry
cell,a zinc container s illed with a thick, moist electrolyte paste of manga-
nese(1V) oxide (Mn0,),zine chloride (ZnCL,), ammonium chloride (NH,C).
‘and water (H.0). As shown in Figure 21.4a, a graphite rod is embedded in
the paste. The zinc container s the anode and the graphite rod is the cath-
‘ode. The thick paste and tssurrounding paper liner prevent the contents of
the cellfrom reely mixing, s0: saltbridge s not needed. The half-reactions
for this cell are shown below.

Oxidation: Zn(s) ——Zn’"*(ag) + 2" (anode reaction)

Reduction: 2MnOL(9) + 2NH, " (ag) + 2 ——

Mn.04(5) + 2NHy(ag) + HO() (cathode reaction)

o ory ot o Akline Batery
Posiivsbuton () Posiivs button ()

Stal case
MRO; in KOH paste
Graphit rod choc)
-Absorbont soparator
Zine (anoda)

Graphito rod
(cathoda)

Mot paste
of Mn0;,
ZnCl, NHCI,
1,0, 3nd
araphite.
powder

in (anode)

Negative end cap (—) " Negativa and cap (~)

Figure 214 Eoth dry calls and
alkalng batteries are single
electrochemicalcalsthat
produce about 15V. © The dry
cell s nexpensive, has 2 short
shelfife,and suffers from
voltage dropwheninuse. © The
alkaline battery costs more than
thedry cal, hasa longer shelf
f2,and does not suffe from
voltage drop. Inferring Whatis
oxidized in these cells and what
i reduced?




Practice Skill:

1. The diagram shows strengths of reducing agents, which are elements that reduce a substance in an oxidation-reduction reaction.
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Many underground pipes are made out of iron. An engineer wants to attach a piece of material to an iron pipe to prevent rust formation (oxidation). Based on the diagram, which of the following materials should the engineer use?

A. gold

B. copper

C. silver

D. zinc
2. Underground iron pipes in contact with moist soil are likely to corrode. This corrosion can be prevented by applying the principles of electrochemistry. Connecting an iron pipe to a magnesium block with a wire creates an electrochemical cell. The magnesium block acts as the anode and the iron pipe acts as the cathode. A diagram of this system is shown below along with an activity series.

      [image: image56.png]Cross-Sectional View of
Underground Pipe Protection System




                  [image: image57.png]Activity Series of Metals

Name | Symbol

Lithium L
Potassium | K

Calcium Ca
Sodium Na

Magnesium | Mg
Aluminum | Al

Zinc zn
Iron Fe
Lead Pb
(Hydrogen) | (H)"
Copper Cu
Mercury Hg

Silver Ag





· State the direction of the flow of electrons between the electrodes in this cell.

· Explain, in terms of reactivity, why magnesium is preferred over zinc to protect underground iron pipes. Your response should include both magnesium and zinc. 

[image: image58.png]Electrical Potential

“The electrical potential of a volaic cell is a measure of the cells abilty to
produce an electric current. Hlectrical potential s usually measured in volts
(V). The potentialof an isolated half-cell cannot be measured. For example.
you cannot measure the elctrical potential ofa zinc half-cell o of a copper
half.cel eparately When these two half-cels are connected t form  vol-
taic cell however, the difference in potential can be measured. The electri-
cal potential of a 1Mzinc-copper cellis +1.10\.

‘ The electrical potential of a cell results from a compeition for
electrons between two half-cells. The half.cell that has a greater tendency
0 acquire electrons will be the one in which reduction occurs. Oridation
‘occursinthe other half-cel as there i a loss of lectrons. The tendency of a
given half.reaction to occur as a eduction i called the reduction potential.
“The half-cellin which reduction oceurs has a greater reduction potential
than the half-cell in which oxidation occurs. The difference between the
reduction potentials of the two halfcell is called the coll potential

reduction potential ) ( reduction potential
cellpotential = | of half-cell in which | — [ of half-cellin which

reduction oceurs ‘oxidation occurs

Figure 21.8 Aworking voltaic cellcan
b constructed using  lemon and strips.
of copper and zinc.

Vocabulary
electricl potential

eduction porential
cellpotental

standard cll poential
standard hydrogen sectrode:

Reading Strategy
Monitoring Your Understanding
Afteryou ead th section dentity
‘whatyou dorityetunderstand about
halfcols and col potentials Reread
the secton o sskforhelp Thenwite
yourdarfied understanding.





[image: image59.png]Table 21.2

Reduction Potentlals at 25°C with

1M Concentrations of Aqueous Species

Electrode Half-reaction
[T U ie—0 305
KK K s ——K 29
a7 /Ba Ba +20 ——Ba “290
Cat/Ca Cat iz ——ca 287
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Coico G 128 —— 0o 028
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st sn s 2 ——sn “oas
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- Lz ——a 054
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[image: image61.png]‘Table 21.2 on the preceding pagelists some standard reduction poten-
tialls at 25°C. The hal -reactions are arranged in increasing order of their
tendency to occur in the forward direction—that s, as a reduction. Thus,
the half-reactions at the top of the table have the least tendency to occur s
reductions. The half-reactions at the bottom of the table have the greatest
tendency to occur as reductions. For example, lithium ions (at the top)
have very lttl tendency to be reduced to lithium metal.

Calculating Standard Cell Potentials

“To function, a cell must be constructed of two half-cells. The halfcell eac-
tion having the more positive (or less negative) reduction potential occurs
s reduction in the cell. With this in mind, it is possible to write cell eac-
tions and calculate cell potentials for cells without actually asserbling
them. You can simply use the known standard reduction potentias for the
various halfcells (from Table 21.2) to predict the half-cellsin which reduc-
tion and oxidation will occur. This information can then be used to find the
resulting E2 value, (3 Ifthecel potentialforagiven redox reactionis pos-
tive, then the reaction s spontancous as writen. I the cell potental s nega-
tve, then the reaction is nonspontancous. This later reaction will be
spontaneous in the reverse dircction, however, and the cell potential will
then have a numerically equal but positive value.




[image: image62.png]Representing Electrochemical Cells You can represent the zinc-copper
voltaic cell by using the following shorthand form.
Zn(9)] Z0SO4(aq) | CuSO4(aq) | Cuts)

“The single verticallines indicate boundaries of phases that are in contact.
“The zinc rod (Zn(s) and the zinc sulfate solution (ZnSO,(ag). for example.
are separate phases in physical contact. The double verticallines represent
the salt bridge or porous partition that separates the anode compartment
from the cathode compartment. The half.cell that undergoes oxidation
(the anode) s written firs o the left of the double vertcal lines.
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Example:

[image: image63.png]CONCEPTUAL PROBLEM 21.1

Deten

ing Reaction Spontaneity

the following redox reaction between 7

© Analyze dentty therelevant concepts.
ey the half resctons.and clcultethe
sandardcel porential (2. — F2, — F3,.11
EL s posiie, th reacion s spontaneous
©) solve Avplyconceps o this siuaton.
‘The hlFteactons from the equation ae:
i (ag) + 2¢
Reduction: Ag'(ag + & ——Ag

Onidation: Zn(9 ——7

Many hearing aid batteries contain zinc and silver oxide. Show that
and Ag- is spontaneous.
7009 + 2Ag"(aq) —>Zn (ag) + 2Ag(s)

Use Table 212 to look up the standard reduc-
tion potentials for the half-cells.

70 (ag) + 26— Zals) B = 06V
Ag'lan) + e —> Al Ey = +080V
Caleulate the standard cell otential
B - B,
=080V~ (-076V) = 156V
K2, >0, 5o the reaction is spontancous.





Practice Skill:

1. Will the following occur spontaneously?

[image: image64.png]37n%*(aq) + 2Cr(s) — 3Zn(s) + 2Cr**(aq)




2. Is the redox reaction spontaneous as written?

[image: image65.png]Co**(aq) + Fe(s) — Fe** (ag) + Co(s)




3. 
Two half-cells, iron-iron (II) ion (Fe|Fe2+) and lead-lead (II) ion (Pb|Pb2+) are connected under standard conditions to make an electrochemical cell. Use the Table of Standard Reduction Potentials in order to calculate the voltage of the electrochemical cell.

                                         [image: image66.png]Standard Reduction Potentials for Half-Reactions

Ionic concentrations are 1 M in water at 25 © C

Half-reaction E° (Volts)
ALY+ 3¢ Alg) 150
CUF+ & — Clgs) 052
PbZF + 2e” — Pbys) 013
FeZt + 26" — Fe) -0.44
Crit + 36" — Crgs) -0.74
AR+ 36 — Al 166
MgZ¥ + 2e” — Mss) =237
Rb* + & — Rbs) -2.58





        A. -0.13

        B. +0.45

        C. +0.31

        D. -0.11

4. Where does oxidation take place in an electrochemical cell?
        A. the anode

        B. the anode or the cathode

        C. the cathode

  D. the half-cell
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Figure 21.12 Electrochemical clls can be classified as volaic or slectrolytc. ©
Inavohaic cel, energy i released from a spontaneous redox reaction. The system
(cell does work on the surroundings (ightbub). @ I an electrolytic cel,energy
is absorbed to dive a nor-spontaneous reaction. The surroundings (battery or
power supply) do work on the system (cal). Comparing and Contrasting
How are voltaic and electrolytic cellssimillar? How are they different?




[image: image68.png]In both volaic and lectrlytc cell,lectrons flow from the anode to
the cathode i the externalcircuit. As shown i Figure 2112, for both types
of cels, the elctrode at hich reduction occurs i the cathode. The clec-
trode at which oxidation occurs i the anode.

C The key difference beween voltac and elctrolytccels s that in .
voltaic cel, th flowof letrons s th rsult f a spontancous rdox reaction,
wheress in an eectrolytic cel, dectrons are pushed by an outside power
Sourc,such as abattery: The redos process in the voltaic el is spontane-
ous; in the electrolyti cell the redox process is nonspontancous. Flectro-
lytic and volaic cels alo diffr in the assignment of charge to the
electrodes. Inan electrolyticcel, the cathode s considered o b the nega-
ive lectrode. Thi s because i is connected to the negative electrode of
the batery. (Remerber that i avoltai cell,the anode s the egativeclec-
trode and the cathode isthe posiive electrode.) The anode i the lectro-
Iyt cell s considere o be the postve electrode because it s connected
tothe positve electrode of the btery. It mportant to remember these
conventions about the two kinds o cels.

it | What charges are assigned to the electrodes in an
electrolytic cel?In a voltaic ell?
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