610 Jessie A. Key

Table 13.2 “Solubility Product Constants for Slightly Soluble Ionic Compounds” lists some values of
the Ksp for slightly soluble ionic compounds.

Table 13.2 Solubility Product Constants for Slightly Soluble Ionic Compounds

Compound Ksp

BaSO4 1.1x1071°
Ca(OH), 5.0x10°
Ca3(PO4)2 21x10°33
Mg(OH)> 5.6 x 10712
Hgly 2.9x10°%9
AgCl 1.8x 10710
Agl 8.5x10 Y
Ag2S04 1.5%x 107

Example 13.13

Write the Ksp expression for Ca3(PO4)2.

Solution
Recall that when an ionic compound dissolves, it separates into its individual ions. For Ca3(POa4)2, the ionization reaction is as
follows:

Ca3(PO4)2(s) = 3Ca**(aq) + 2P0O4>(aq)
Hence the Ksp expression is
Ksp = [Ca® P[P0

Test Yourself
Write the Ksp expression Ag>SO4.

Answer
Ksp = [Ag'T°[SO0477]

Equilibrium problems involving the Ksp can also be done, and they are usually more straightforward
than other equilibrium problems because there is no denominator in the Ksp expression. Care must be
taken, however, in completing the ICE chart and evaluating exponential expressions.

Example 13.14

What are [Ag"] and [C] ] in a saturated solution of AgCI? The Ksp of AgClis 1.8 x 10710,

Solution
The chemical equation for the dissolving of AgCl is
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AgCl(s) 2 Ag'(aq) + Cl(aq)
The Ksp expression is as follows:
Ksp = [Ag'l[CI]

So the ICE chart for the equilibrium is as follows:

AgCl(s) | 2 | Ag'(aq) | + | CI'(aq)

1 0 0
C|—x +x +x
E +x +x

Notice that we have little in the column under AgCl except the stoichiometry of the change; we do not need to know its initial or
equilibrium concentrations because its concentration does not appear in the Ksp expression. Substituting the equilibrium values into
the expression:

(z)(x) = 1.8 x 10710

Solving,
2 =18x 1071
r=1.3x10"°

Thus [Ag*] and [C17] are both 1.3 x 107> M.

Test Yourself
What are [Ba2+] and [SO42_] in a saturated solution of BaSO4? The Ksp of BaSO4is 1.1 x 10710,

Answer
1.0x107°M
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Example 13.15

What are [Ca2+] and [PO43_] in a saturated solution of Ca3(PO4)2? The Ksp of Ca3(PO4)2 is 2.1 x 10733,

Solution
This is similar to Example 13.14, but the ICE chart is much different because of the number of ions formed.

Ca3(PO4)2(s) | 2 | 3ca**(aq) | + | 2P04>(aq)

I 0 0
C|—x +3x +2x
E +3x +2x

For every unit of Ca3(PO4)> that dissolves, three Ca”" ions and two PO4>~ ions are formed. The expression for the Ksp is also
different:

Ksp = [Ca®*P[POS> P = 2.1 x 107
Now when we substitute the unknown concentrations into the expression, we get:
(3x)3(2x)% = 2.1 x 10733

When we raise each expression inside parentheses to the proper power, remember that the power affects everything inside the
parentheses, including the number. So:

(2723)(42%) = 2.1 x 10733
Simplifying:
108z° = 2.1 x 10733
Dividing both sides of the equation by 108, we get:
x> =19 x 1073
Now we take the fifth root of both sides of the equation (be sure you know how to do this on your calculator):
r=11x10""
We are not done yet. We still need to determine the concentrations of the ions. According to the ICE chart, [Ca2+] is 3x, not x. So

[Capt] =32 =3x11x10"=33x10""M
PO | =22 =2x11x107"=22x10"M

Test Yourself
What are [Mg2+] and [OH ] in a saturated solution of Mg(OH)2? The Ksp of Mg(OH)2 is 5.6 % 10712,

Answer
Mg?1=11x10*M; [OH ]=22x10*M

Food and Drink App: Solids in Your Wine Bottle

People who drink wine from bottles (as opposed to boxes) will occasionally notice some insoluble materials in the wine,
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either crusting the bottle, stuck to the cork, or suspended in the liquid wine itself. The accompanying figure shows a cork
encrusted with coloured crystals. What are these crystals?

The red crystals on the top of the wine cork are from insoluble compounds that are not soluble in the wine.

One of the acids in wine is tartaric acid (H2C4H4Og). Like the other acids in wine (citric and malic acids, among others),
tartaric acid imparts a slight tartness to the wine. Tartaric acid is rather soluble in H»0O, dissolving over 130 g of the acid in
only 100 g of HoO. However, the potassium salt of singly ionized tartaric acid, potassium hydrogen tartrate (KHC4H4Og;
also known as potassium bitartrate and better known in the kitchen as cream of tartar), has a solubility of only 6 g per 100 g
of Hp0. Thus, over time, wine stored at cool temperatures will slowly precipitate potassium hydrogen tartrate. The crystals
precipitate in the wine or grow on the insides of the wine bottle and, if the bottle is stored on its side, on the bottom of the
cork. The colour of the crystals comes from pigments in the wine; pure potassium hydrogen tartrate is clear in its crystalline
form, but in powder form it is white.

The crystals are harmless to ingest; indeed, cream of tartar is used as an ingredient in cooking. However, most wine drinkers
don’t like to chew their wine, so if tartrate crystals are present in a wine, the wine is usually filtered or decanted to remove
the crystals. Tartrate crystals are almost exclusively in red wines; white and rose wines do not have as much tartaric acid in
them.

Key Takeaways

» Equilibrium constants exist for certain groups of equilibria, such as weak acids, weak bases, the autoionization of water,
and slightly soluble salts.
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Exercises

Questions

1. Explain the difference between the Keq and the Ksp.
2. Explain the difference between the Kj and the K.

3. Write the balanced chemical equation that represents the equilibrium between HF(aq) as reactants and H*(aq) and F~(aq)
as products.

4. Write the balanced chemical equation that represents the equilibrium between CaF(s) as reactants and Ca2+(aq) and
F (aq) as products.

Assuming that all species are dissolved in solution, write the Keq expression for the chemical equation in Exercise 3.
Noting the phase labels, write the Ksp expression for the chemical equation in Exercise 4.

Determine the concentrations of all species in the ionization of 0.100 M HCIO> in HO. The Ka for HCIOp is 1.1 x 1072
Determine the concentrations of all species in the ionization of 0.0800 M HCN in H20. The Ka for HCN is 6.2 x 10710,
Determine the pH of a 1.00 M solution of HNO>. The Ka for HNO3 is 5.6 % 1074

10. Determine the pH of a 3.35 M solution of HCpH30>. The Ka for HCoH30> is 1.8 x 107>,

© © N o U

11. Write the chemical equations and Ka expressions for the stepwise dissociation of H3POa.

12.  Write the chemical equations and Ka expressions for the stepwise dissociation of H3CgH507.

13. If the Ka for HNO; is 5.6 x 10™%, what is the Kb for NOz (aq)?

14. If the Ka for HCN is 6.2 x 1070, what is the Kb for CN (aq)?

15. What is [OH ] in a solution whose [H'] is 3.23 x 107% M?

16. What is [OH ] in a solution whose [H] is 9.44 x 1071 M?

17. What is [H'] in a solution whose [OH ] is 2.09 x 1072 M?

18. What is [H'] in a solution whose [OH ] is 4.07 x 1077 M?

19. Write the balanced chemical equation and the Ksp expression for the slight solubility of Mg(OH)2(s).
20. Write the balanced chemical equation and the Ksp expression for the slight solubility of Fex(SO4)3(s).
21. What are [Sr2+] and [SO42_] in a saturated solution of SrSO4(s)? The Ksp of SrSO4(s) is 3.8 x 1074,
22. What are [Ba2+] and [F "] in a saturated solution of BaF2(s)? The Ksp of BaF2(s) is 1.8 x 1077,

23. What are [Ca’"] and [OH ] in a saturated solution of Ca(OH)2(s)? The Ksp of Ca(OH)(s) is 5.0 % 1076,
24. What are [Pb2+] and [I"] in a saturated solution of PbI»? The Ksp for Pbl is 9.8 x 107°,

Answers

1. The Ksp is a special type of the Keq and applies to compounds that are only slightly soluble.
3. HF(aq) 2 H'(aqg) + F(aq)

5. Keq = [H'][F ][HF]

7. [HCIO2] = 0.0719 M; [H'] = [C1027] = 0.0281 M

9. 1.63

11. 1. H3PO4(aq) 2 H'(aq) + HoPO4 (aq); Ka = [H'][HoPO4 ][H3PO4]
2. HPO4 (aq) 2 H'(aq) + HPO4?(aq); Ka = [H'][HPO4* ][H2PO4 7]
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3. HPO4* (ag) 2 H'(aq) + POs>(aq); Ka = [H'][PO4> J[HPO4* ]
13. 1.8x10 1
15. 3.10x10°M
17. 478x10 B M
19. Mg(OH)2(s) 2 Mg®*(aq) + 20H (aq); Ksp = [Mg>*][OH J?
21. [Sr¥]1=[S04%1=1.9%x102M

23. [Ca®']=0.011 M; [OH ] =0.022 M

Media Attributions

» “200810x 064” © 2008 by Paul A. Hernandez is licensed under a CC BY (Attribution)
license



https://www.flickr.com/photos/paul_a_hernandez/2940862302/
https://creativecommons.org/licenses/by/2.0/
https://creativecommons.org/licenses/by/2.0/

616 Jessie A. Key



Introductory Chemistry 617

End-of-Chapter Material

Additional Exercises

10.
11.
12.
13.
14.
15.

16.

17.

18.

What is the relationship between the Ksp expressions for a chemical reaction and its reverse chemical reaction?
What is the relationship between the Ky value for HO and its reverse chemical reaction?

For the equilibrium

PCl3(g) + Clz(g) = PCls(g) + 60 kJ
list four stresses that serve to increase the amount of PCls.

For the equilibrium

N204 + 57 k] 2 2NO>
list four stresses that serve to increase the amount of NO>.
Does a very large Keq favour the reactants or the products? Explain your answer.
Is the Keq for reactions that favour reactants large or small? Explain your answer.

Show that Ka x Kb = Ky by determining the expressions for these two reactions and multiplying them together.
HX(aq) = H'(aq) + X (aq)
X"(aq) + H2O(®) 2 HX(aq) + OH (aq)

Is the conjugate base of a strong acid weak or strong? Explain your answer.

What is the solubility in moles per litre of AgCl? Use data from Table 13.2 “Solubility Product Constants for Slightly
Soluble Tonic Compounds”.

What is the solubility in moles per litre of Ca(OH)3? Use data from Table 13.2.

Under what conditions is Keq = Kp?

Under what conditions is Keq > Kp when the temperature is 298 K?

What is the pH of a saturated solution of Mg(OH)2? Use data from Table 13.2.

What are the pH and the pOH of a saturated solution of Fe(OH)3? The Kp of Fe(OH)3 is 2.8 x 1073,

For a salt that has the general formula MX, an ICE chart shows that the Ksp is equal to x2, where x is the concentration of
the cation. What is the appropriate formula for the Ksp of a salt that has a general formula of MX>?

Referring to Exercise 15, what is the appropriate formula for the Ksp of a salt that has a general formula of M2X3 if the
concentration of the cation is defined as 2x, rather than x?

Consider a saturated solution of PbBry(s). If [Pb2+] is 1.33 x 107> M, find each of the following.
a. [Br-]
b. the Ksp of PbBr2(s)
Consider a saturated solution of Pb3(PO4)x(s). If [Pb2"]is 7.34 x 10”4 M, find each of the following.
a. [POs]
b. the Ksp of Pb3(PO4)2(s)

617
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Answers

17.

11.

13.

15.

They are reciprocals of each other.
increase the pressure; decrease the temperature; add PCl3; add Clp; remove PCls
favour products because the numerator of the ratio for the Keq is larger than the denominator

K, x Ky = [HEH%?T 9 LH%E??_] _ [HY)[OH ] = Ky

1.3 x 10~ mol/L

Keq = Kp when the number of moles of gas on both sides of the reaction is the same.
10.35

43

a. 2.66x10°M
b. 9.41x1071®
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Chapter 14. Oxidation and Reduction

Most of us are familiar with rusty iron: metal that has a dark red-brown scale that falls off an object,
ultimately weakening it. Although we usually attribute rusting exclusively to iron, this process occurs
with many materials. The more formal term for rusting is corrosion.

Figure 14.0 “Rust.” These support beams on a bridge are obviously
rusted. If the rusting becomes too bad, it will compromise the integrity of
the bridge, requiring replacement.

Corrosion is defined as the disintegration of a material due to chemical reactions with other substances
in the environment. In many cases, oxygen in the air causes the disintegration. Corrosion is not
uniformly destructive. Although the corrosion of iron is generally considered bad, the corrosion of
aluminum and copper forms a protective barrier on the surface of the metal, protecting it from further
reaction with the environment.

Having said that, it has been estimated that as much as 5% of expenditures in the United States apply to
fixing problems caused by corrosion. The replacement of structures built with iron, steel, aluminum,
and concrete must be performed regularly to keep these structures safe. As an example of what might
happen, consider the story of the Silver Bridge on US Interstate 35, connecting West Virginia and Ohio.
On December 15, 1967, the 39-year-old bridge collapsed, killing 46 people. The ultimate cause of the
collapse was determined to be corrosion of a suspension chain on the Ohio side of the bridge.

Corrosion is an example of the type of chemical reaction discussed in this chapter. Although we usually
think of corrosion as bad, the reaction it typifies can actually be put to good use.

One important type of chemical reaction is the oxidation-reduction reaction, also known as the redox

619
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reaction. Although we introduced redox reactions in Chapter 4 “Chemical Reactions and Equations”,
section “Oxidation-Reduction Reactions”, it is worth reviewing some basic concepts.

Media Attributions

» “rusty bridge bearing” © 2008 by Fabian is licensed under a CC BY-NC-SA (Attribution-
NonCommercial-ShareAlike) license



https://www.flickr.com/photos/snapsi42/2593160569/
https://www.flickr.com/photos/snapsi42/
https://creativecommons.org/licenses/by-nc-sa/2.0/
https://creativecommons.org/licenses/by-nc-sa/2.0/
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Oxidation-Reduction Reactions

Learning Objectives

1. Define oxidation and reduction.
2. Assign oxidation numbers to atoms in simple compounds.

3. Recognize a reaction as an oxidation-reduction reaction.

Consider this chemical reaction:
Mg (s) + Cla(g) — MgCly

The reactants are two electrically neutral elements; they have the same number of electrons as protons.
The product, however, is ionic; it is composed of Mg2+ and Cl ions. Somehow, the individual Mg
atoms lose two electrons to make the Mg2+ ion, while the Cl atoms gain an electron to become Cl™
ions. This reaction involves the transfer of electrons between atoms.

The process of losing and gaining electrons occurs simultaneously. However, mentally we can separate
the two processes. Oxidation is defined as the loss of one or more electrons by an atom. Reduction is
defined as the gain of one or more electrons by an atom. So oxidation and reduction always occur
together; it is only mentally that we can separate them. Chemical reactions that involve the transfer of
electrons are called oxidation-reduction (or redox) reactions.

Redox reactions require that we keep track of the electrons assigned to each atom in a chemical
reaction. How do we do that? We use oxidation numbers to keep track of electrons in atoms.
Oxidation numbers are assigned to atoms based on four rules. Oxidation numbers are not necessarily
equal to the charge on the atom (although sometimes they can be); we must keep the concepts of charge
and oxidation numbers separate.

The rules for assigning oxidation numbers to atoms are as follows:

1. Atoms in their elemental state are assigned an oxidation number of 0.

2. Atoms in monatomic (i.e., one-atom) ions are assigned an oxidation number equal to their
charge. Oxidation numbers are usually written with the sign first, then the magnitude, to
differentiate them from charges.

3. In compounds, fluorine is assigned a —1 oxidation number; oxygen is usually assigned a —2
oxidation number [except in peroxide compounds (where it is —1) and in binary compounds
with fluorine (where it is positive)]; and hydrogen is usually assigned a +1 oxidation number
[except when it exists as the hydride ion (H ), in which case rule 2 prevails].

4. In compounds, all other atoms are assigned an oxidation number so that the sum of the

621
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oxidation numbers on all the atoms in the species equals the charge on the species (which is
zero if the species is neutral).

Here are some examples for practice. In Hp, both H atoms have an oxidation number of 0 by rule 1. In
MgClp, magnesium has an oxidation number of +2, while chlorine has an oxidation number of —1 by
rule 2. In HO, the H atoms each have an oxidation number of +1, while the O atom has an oxidation
number of -2, even though hydrogen and oxygen do not exist as ions in this compound (rule 3). By
contrast, by rule 3, each H atom in hydrogen peroxide (H20O2) has an oxidation number of +1, while
each O atom has an oxidation number of —1. We can use rule 4 to determine oxidation numbers for the
atoms in SOy. Each O atom has an oxidation number of —2; for the sum of the oxidation numbers to
equal the charge on the species (which is zero), the S atom is assigned an oxidation number of +4. Does
this mean that the sulfur atom has a 4+ charge on it? No, it means only that the S atom is assigned a +4
oxidation number by our rules of apportioning electrons among the atoms in a compound.

Example 14.1

Assign oxidation numbers to the atoms in each substance.

1. Clp
2. GeOp
3. Ca(NO3)2

Solution

1. Cly is the elemental form of chlorine. Rule 1 states each atom has an oxidation number of 0.

2. By rule 3, oxygen is normally assigned an oxidation number of —2. For the sum of the oxidation numbers to equal the
charge on the species (zero), the Ge atom is assigned an oxidation number of +4.

3. Ca(NO3) can be separated into two parts: the Ca”" ion and the NO3~ ion. Considering these separately, the Ca”" ion has
an oxidation number of +2 by rule 2. Now consider the NO3™ ion. Oxygen is assigned an oxidation number of -2, and
there are three of them. According to rule 4, the sum of the oxidation numbers on all atoms must equal the charge on the
species, so we have the simple algebraic equation:

z+3(-2)=-—
where x is the oxidation number of the N atom and the —1 represents the charge on the species. Evaluating for x:
r + (-6) = -1
m = 5)

Thus the oxidation number on the N atom in the NO3 ion is +5.

Test Yourself
Assign oxidation numbers to the atoms in H3PO4.

Answer
H: +1; O: =2; P: +5

All redox reactions occur with a simultaneous change in the oxidation numbers of some atoms. At least
two elements must change their oxidation numbers. When an oxidation number of an atom is increased
in the course of a redox reaction, that atom is being oxidized. When an oxidation number of an atom is
decreased in the course of a redox reaction, that atom is being reduced. Thus oxidation and reduction
can also be defined in terms of increasing or decreasing oxidation numbers, respectively.
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Oxidation reactions can become quite complex, as attested by the following redox reaction:

6H"(aq) + 2MnOs (aq) + 5Hy02(/) — 2Mn%*'(aq) + 502(g) + 8H0(¥)
(+7) (—1) (+2) (0)

To demonstrate that this is a redox reaction, the oxidation numbers of the species being oxidized and
reduced are listed; can you determine what is being oxidized and what is being reduced? This is also an
example of a net ionic reaction; spectator ions that do not change oxidation numbers are not displayed
in the equation. Eventually, we will need to learn techniques for writing correct (i.e., balanced) redox
reactions.

Example 14.2

Identify what is being oxidized and reduced in this redox reaction.
2Na + Br2 —» 2NaBr

Solution
Both reactants are the elemental forms of their atoms, so the Na and Br atoms have oxidation numbers of 0. In the ionic product, the
Na' ions have an oxidation number of +1, while the Br_ ions have an oxidation number of —1.

Sodium is increasing its oxidation number from 0 to +1, so it is being oxidized; bromine is decreasing its oxidation number from 0 to
—1, so it is being reduced:

2Na + Brz —>  2NaBr 2Na + Brz —>  2NaBr
ox# 0 0 +1 -1 ox# O 0 +1 -1
Oxidation Reduction

Because oxidation numbers are changing, this is a redox reaction. The total number of electrons being lost by sodium (two, one lost
from each Na atom) is gained by bromine (two, one gained for each Br atom).

Test Yourself
Identify what is being oxidized and reduced in this redox reaction.

C+ 02 - CO2

Answer
C is being oxidized from 0 to +4; O is being reduced from 0 to —2.

Food and Drink App: Fortifying Food with Iron

Iron is an essential mineral in our diet; iron-containing compounds like the heme protein in hemoglobin could not function
without it. Most biological iron has the form of the Fe?* ion; iron with other oxidation numbers is almost inconsequential in
human biology (although the body does contain an enzyme to reduce Fe" to Fe?", so Fe>" must have some biological
significance, albeit minor). To ensure that we ingest enough iron, many foods are enriched with iron. Although Fe**
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compounds are the most logical substances to use, some foods — bread and breakfast cereals are the most well-known
examples — use “reduced iron” as an ingredient. Reduced iron is simply iron metal; iron is added as a fine metallic powder.
The metallic iron is oxidized to Fe* in the digestive system and then absorbed by the body, but the question remains: Why
are we ingesting metallic iron? Why not just use Fe?" salts as an additive?

Ingredients

Flour (Contains: Wheat FlOUf,
Malted Barley Flour, Niacin,
Reduced Iron, Thiamine Mononi-
trate, Riboflavin, Folic Acid), Water,
Sourdough (6.4%) (Contains: Water,
Flour [Wheat Flour, Malted Batley
Flour, Niacin, Reduced Iron,
Thiamine Monotiitrate, Riboflavin,
Folic Acid], Yeast), Salt, Wheat
Semolina (Contains: Durum
Wheat Semolina, Niacin, Ferrous
Sulphate, Thi sine Mononitrate,
Riboflavin, Folic Acid).

Many prepared foods list reduced iron in their ingredients list.

Although it is difficult to establish conclusive reasons, a search of scientific and medical literature suggests a few reasons.
One reason is that fine iron filings do not affect the taste of the product. The size of the iron powder (several dozen
micrometers) is not noticeable when chewing iron-supplemented foods, and the tongue does not detect any changes in
flavour that can be detected when using Fe?" salts. Fe?" compounds can affect other properties of foodstuffs during
preparation and cooking, like dough pliability, yeast growth, and colour. Finally, of the common iron substances that might
be used, metallic iron is the least expensive. These factors appear to be among the reasons why metallic iron is the
supplement of choice in some foods.

Key Takeaways

» Oxidation-reduction (redox) reactions involve the transfer of electrons from one atom to another.
» Oxidation numbers are used to keep track of electrons in atoms.
» There are rules for assigning oxidation numbers to atoms.

Oxidation is an increase in oxidation number (loss of electrons); reduction is a decrease in oxidation number (gain of
electrons).
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Exercises

Questions

1. Is this reaction a redox reaction? Explain your answer.

2K(s) + Bra(£) — 2KBr(s)
2. Is this reaction a redox reaction? Explain your answer.
2NaCl(aq) + Pb(NO3)2(aq) — 2NaNO3(aq) + PbCly(s)
3. Which substance loses electrons and which substance gains electrons in this reaction?
2Mg(s) + O2(g) - 2MgO
4. Which substance loses electrons and which substance gains electrons in this reaction?
16Fe(s) + 3Sg(s) — 8FexS3(s)
5. Which substance is oxidized and which substance is reduced in this reaction?
2Li(s) + O2(g) — Li202(s)
6. Which substance is oxidized and which substance is reduced in this reaction?
2Fe(s) + 3I2(s) — 2Fel3(s)
7. What are two different definitions of oxidation?

8. What are two different definitions of reduction?

9. Assign oxidation numbers to the atoms in each substance.

a. Py
b. SO3
c. SO

d. Caz(POg3)2

10. Assign oxidation numbers to the atoms in each substance.

a. PCls

b. (INHa)2Se
c. Ag

d. LipO2

11. Assign oxidation numbers to the atoms in each substance.

a. NO
b. NO2
c. CrClp
d. CrCl3

12. Assign oxidation numbers to the atoms in each substance.
a. NaH

b. N20O3
c. NO»
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d. CuNOs3

13. Assign oxidation numbers to the atoms in each substance.

a. CH20
b. NH3
c. Rb2SO4

d. Zn(C2H302)2

14. Assign oxidation numbers to the atoms in each substance.

a. CgHs

b. B(OH)3
c. LixS

d. Au

15. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

2NO + Cl - 2NOCl

16. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

Sr+ SO3 - SrSO3

17. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

2KrFp + 2H20 - 2Kr + 4HF + Oy

18. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

SO3 + SCl> — SOClI» + SO2

19. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

2Rb + MgCl> — 2RbCl + Mg

20. Identify what is being oxidized and reduced in this redox reaction by assigning oxidation numbers to the atoms.

2CgH1g + 2502 — 16CO2 + 18H20

Answers

1. Yes, because oxidation numbers are changing.
3. lose: Mg; gain: O
5. oxidized: Li; reduced: O

7. increase in oxidation number; loss of electrons

9. a. P:0
b. S:+6;0: -2
c. S:+4;0:-2
d. Ca:+2;P:+3;0: -2
11. a. N:+2;0:-2
b. N:+4;0:-2
Cr: +2; Cl: -1
d. Cr:+3;Cl: -1
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C:0; H: +1; O: -2

N: -3; H: +1

Rb: +1; S: +6; O: -2

d. Zn:+2;C:0; H: +1; O: -2

13.

o ®

@

15. oxidized: N; reduced: Cl
17. oxidized: O; reduced: Kr

19. oxidized: Rb; reduced: Mg
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Balancing Redox Reactions

Learning Objectives

1. Learn to balanced simple redox reactions by inspection.
2. Learn to balance complex redox reactions by the half reaction method.

3. Use the solvent, or parts of it, as a reactant or a product in balancing a redox reaction.

Balancing simple redox reactions can be a straightforward matter of going back and forth between
products and reactants. For example, in the redox reaction of Na and Cl:

Na + Cl» - NaCl

it should be immediately clear that the CI atoms are not balanced. We can fix this by putting the
coefficient 2 in front of the product:

Na + Cl» - 2NaCl

However, now the sodium is unbalanced. This can be fixed by including the coefficient 2 in front of the
Na reactant:

2Na + Clp - 2NaCl

This reaction is now balanced. That was fairly straightforward; we say that we are able to balance the
reaction by inspection. Many simple redox reactions can be balanced by inspection.

Example 14.3

Balance this redox reaction by inspection.
SOz + 02 - SO3

Solution
There is one S atom on both sides of the equation, so the sulfur is balanced. However, the reactant side has four O atoms while the
product side has three. Clearly we need more O atoms on the product side, so let us start by including the coefficient 2 on the SO3:

SO2 + 02 - 2503

This now gives us six O atoms on the product side, and it also imbalances the S atoms. We can balance both the elements by adding
coefficient 2 on the SO on the reactant side:

2502 + O2 — 2S03

This gives us two S atoms on both sides and a total of six O atoms on both sides of the chemical equation. This redox reaction is
now balanced.

629



630 Jessie A. Key

Test Yourself
Balance this redox reaction by inspection.

Al + 02 - AlO3

Answer
4A1 +3 02 - 2A1»03

The first thing you should do when encountering an unbalanced redox reaction is to try to balance it by
inspection.

Some redox reactions are not easily balanced by inspection. Consider this redox reaction:
Al+Agh o AP + Ag

At first glance, this equation seems balanced: there is one Ag atom on both sides and one Al atom on
both sides. However, if you look at the total charge on each side, there is a charge imbalance: the
reactant side has a total charge of 1+, while the product side has a total charge of 3+. Something is
amiss with this chemical equation; despite the equal number of atoms on each side, it is not balanced.

A fundamental point about redox reactions that has not arisen previously is that the total number of
electrons being lost must equal the total number of electrons being gained for a redox reaction to be
balanced. This is not the case for the aluminum and silver reaction: the Al atom loses three electrons to
become the A1>* ion, while the Ag" ion gains only one electron to become elemental silver.

To balance this, we will write each oxidation and reduction reaction separately, listing the number of
electrons explicitly in each. Individually, the oxidation and reduction reactions are called half
reactions. We will then take multiples of each reaction until the number of electrons on each side
cancels completely and combine the half reactions into an overall reaction, which should then be
balanced. This method of balancing redox reactions is called the half reaction method. (There are
other ways of balancing redox reactions, but this is the only one that will be used in this text. The
reason for this will be seen in the section “Applications of Redox Reactions: Voltaic Cells”.)

The oxidation half reaction involves aluminum, which is being oxidized:
Al - AP

This half reaction is not completely balanced because the overall charges on each side are not equal.
When an Al atom is oxidized to A1*", it loses three electrons. We can write these electrons explicitly as
products:

Al & AP" +3e
Now this half reaction is balanced — in terms of both atoms and charges.
The reduction half reaction involves silver:

Ag+ - Ag
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The overall charge is not balanced on both sides. But we can fix this by adding one electron to the
reactant side because the Ag" ion must accept one electron to become the neutral Ag atom:

Ag'+e - Ag
This half reaction is now also balanced.

When combining the two half reactions into a balanced chemical equation, the key is that the total
number of electrons must cancel, so the number of electrons lost by atoms are equal to the number of
electrons gained by other atoms. This may require we multiply one or both half reaction(s) by an
integer to make the number of electrons on each side equal. With three electrons as products and one as
reactant, the least common multiple of these two numbers is three: we can use a single aluminum
reaction but must take three times the silver reaction:

Al - AIPT + 3e™
3x [Agt + e~ — Ag]

The 3 on the second reaction is distributed to all species in the reaction:

Al > APY + 3¢
3AgT +3e — 3Ag

Now the two half reactions can be combined just like two algebraic equations, with the arrow serving
as the equals sign. The same species on opposite sides of the arrow can be cancelled:

Al+3Agt +3e~ — AP + 3Ag+ 3e™
The net balanced redox reaction is as follows:
Al +3Agt — AIPT + 3 Ag

There is still only one Al atom on each side of the chemical equation, but there are now three Ag
atoms, and the total charge on each side of the equation is the same (3+ for both sides). This redox
reaction is balanced. It took more effort to use the half reaction method than by inspection, but the
correct balanced redox reaction was obtained.

Example 14.4

Balance this redox reaction by using the half reaction method.
Fe’" +Cr - Fe+Cr"

Solution
We start by writing the two half reactions. Chromium is being oxidized, and iron is being reduced:
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Cr — Cr3" oxidation
Fe?* — Fe reduction
Then we include the appropriate number of electrons on the proper side to balance the charges for each reaction:
Cr — Cr’t 4+ 3e”
Fe?t + 2~ — Fe

The first reaction involves three electrons, while the second reaction involves two electrons. The least common multiple of these two
numbers is six, so to get six electrons in each reaction we need to double the first reaction and triple the second one:

2 x [Cr—Cr’*t +3e7] = 2Cr — 203" +6e”
3 x [Fe’* 42~ —»Fe] = 3Fe’" +6e- — 3Fe
We can combine the two final reactions, noting that the electrons cancel:
2Cr + 3Fe*" + 6e~ — 2Cr°" + 3Fe + 6e
The overall, balanced redox reaction is:

2Cr + 3Fe?t - 2Cr3t + 3Fe

Test Yourself
Balance this redox reaction by using the half reaction method.

02_+F2—>OQ+F_
Answer

20% +2Fy — Oy +4F~

Many redox reactions occur in aqueous solution — in water. Because of this, in many cases H2O or a
fragment of an H2O molecule (H' or OH ", in particular) can participate in the redox reaction. As such,
we need to learn how to incorporate the solvent into a balanced redox equation.

Consider the following oxidation half reaction in aqueous solution, which has one Cr atom on each
side:

crt L CrO4

Here, the Cr atom is going from the +3 to the +7 oxidation state. To do this, the Cr atom must lose four
electrons. Let us start by listing the four electrons as products:

Crt . CrO4” +4e”

But where do the O atoms come from? They come from water molecules or a common fragment of a
water molecule that contains an O atom: the OH ion. When we balance this half reaction, we should
feel free to include either of these species in the reaction to balance the elements. Let us use HyO to
balance the O atoms; we need to include four water molecules to balance the four O atoms in the
products:

4H20 + Cr°" - CrO4~ + 4e”

This balances the O atoms, but now introduces hydrogen to the reaction. We can balance the H atoms
by adding an H" ion, which is another fragment of the water molecule. We need to add eight H" ions to
the product side:
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4Ho0 + Cr°" - CrO4” +4e” +8H'

The Cr atoms are balanced, the O atoms are balanced, and the H atoms are balanced; if we check the
total charge on both sides of the chemical equation, they are the same (3+, in this case). This half
reaction is now balanced, using water molecules and parts of water molecules as reactants and
products.

Reduction reactions can be balanced in a similar fashion. When oxidation and reduction half reactions
are individually balanced, they can be combined in the same fashion as before: by taking multiples of
each half reaction as necessary to cancel all electrons. Other species, such as H", OH", and H20, may
also have to be cancelled in the final balanced reaction.

Unless otherwise noted, it does not matter if you add H2O or OH as a source of O atoms, although a
reaction may specify acidic solution or basic solution as a hint of what species to use or what species to
avoid. OH ions are not very common in acidic solutions, so they should be avoided in those
circumstances.

Example 14.5

Balance this redox reaction. Assume a basic solution.
MnO3 + CrO3 — Mn + CrO4

Solution
We start by separating the oxidation and reduction processes so we can balance each half reaction separately. The oxidation reaction
is as follows:

CrO3 - CrO4

The Cr atom is going from a +5 to a +7 oxidation state and loses two electrons in the process. We add those two electrons to the
product side:

CrO3 - CrO4 +2e
Now we must balance the O atoms. Because the solution is basic, we should use OH rather than HpO:
OH +CrO3 - CrO4 +2e
We have introduced H atoms as part of the reactants; we can balance them by adding H" as products:
OH +CrO3” — CrO4 +2e +H"

If we check the atoms and the overall charge on both sides, we see that this reaction is balanced. However, if the reaction is
occurring in a basic solution, it is unlikely that H" ions will be present in quantity. The way to address this is to add an additional
OH  ion to each side of the equation:

OH +CrO3 +OH - CrO4 +2¢ +H' +0OH

The two OH ions on the left side can be grouped together as 20H". On the right side, the H* and OH™ ions can be grouped into an
H20 molecule:

20H +CrO3 - CrO4 +2e +H20
This is a more appropriate form for a basic solution.
Now we balance the reduction reaction:
MnOz - Mn
The Mn atom is going from +4 to 0 in oxidation number, which requires a gain of four electrons:
4e” + MnO2 —» Mn

Then we balance the O atoms and then the H atoms:
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4e  + MnO» — Mn +2 OH™
2H" +4e +MnO2 — Mn +2 OH~

We add two OH ions to each side to eliminate the H' ion in the reactants; the reactant species combine to make two water
molecules, and the number of OH " ions in the product increases to four:

2 HyO +4e + MnO2 — Mn +4 OH
This reaction is balanced for a basic solution.

Now we combine the two balanced half reactions. The oxidation reaction has two electrons, while the reduction reaction has four.
The least common multiple of these two numbers is four, so we multiply the oxidation reaction by 2 so that the electrons are
balanced:

2 X [20H + CrO3 - CrO4 +2e + H2O]
2H>0 + 4e” + MnO2 — Mn +4 OH

Combining these two equations results in the following equation:
40H +2CrO3 +2H70 +4e +MnO2 — 2CrO4 +4e +2H20 + Mn + 40H
The four electrons cancel. So do the two HoO molecules and the four OH™ ions. What remains is
2CrO3” + MnO - 2CrO4 + Mn
which is our final balanced redox reaction.

Test Yourself
Balance this redox reaction. Assume a basic solution.

Cl” + MnO4 - MnO2 + ClO3~

Answer
HpO + ClI” +2MnO4 - 2MnO3 + ClO3 +20H

Key Takeaways

» Redox reactions can be balanced by inspection or by the half reaction method.

* A solvent may participate in redox reactions; in aqueous solutions, HO, H', and OH~ may be reactants or products.

Exercises

Questions

1. Balance these redox reactions by inspection.

a. Na+Fy - NaF
b. AlpO3+ Hp - Al + HoO
2. Balance these redox reactions by inspection.
a. FexS3+ 02 - FepO3+ S
b. CuxO+Hy - Cu+HxO

3. Balance these redox reactions by inspection.
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10.

11.

12.

13.

14.

a. CH4+ 0Oy - CO2 + H2O
b. P20s5+ Clp - PCl3 + O2

Balance these redox reactions by inspection.

a. PbCly + FeCl3 — PbCly + FeCly

b. SO + F2 - SF4 + OF2
Balance these redox reactions by the half reaction method.

a. Ca+H' - Ca® +H

b. Sn®* - Sn+Sn** (Hint: both half reactions will start with the same reactant.)
Balance these redox reactions by the half reaction method.

a. Fe’"+Sn®" _ Fe+sSn*"

b. Pb** _ Pb+Pb* (Hint: both half reactions will start with the same reactant.)
Balance these redox reactions by the half reaction method.

a. Na+ HgpCly » NaCl + Hg

b. AlbO3+C - Al+ CO2
Balance these redox reactions by the half reaction method.

a. Br +Ip -~ I +Bnr

b. CrClz +Fy - CrF3+ Cl

Balance these redox reactions that occur in aqueous solution. Use whatever water-derived species is necessary; there
may be more than one correct balanced equation.

a. Cu+NO3 - Cu®*'+NO»
b. Fe+ MnOs4 - Fe3* + Mn

Balance these redox reactions that occur in aqueous solution. Use whatever water-derived species is necessary; there
may be more than one correct balanced equation.

a. CrOz+NiZt - ¥t + Ni?*
b. OsO4 + CoHg — Os + CO2

Balance these redox reactions that occur in aqueous solution. Use whatever water-derived species is necessary; there
may be more than one correct balanced equation.

a. ClO +Ti?" - Ti*" +CI”
b. BrO3” +Ag - Ag' + BrOs

Balance these redox reactions that occur in aqueous solution. Use whatever water-derived species is necessary; there
may be more than one correct balanced equation.

a. H»Op + NO - N203 + HoO
b. VO;"+NO - V3" +NO2

Explain why this chemical equation is not balanced and balance it if it can be balanced.

Cr¥t+Clh - Cr*t + 201

Explain why this equation is not balanced and balance it if it can be balanced.

02 + 2H>0 + Bro —» 40H + 2Br
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Answers
1. 2Na + Fy - 2NaF
b. AlO3+ 3Hy — 2Al + 3HO
3. CHy + 207 - COp + 2H20
b. 2P20s5 + 6Clo — 4PCl3 + 502
5. Ca+2H" & Ca®' + Hy
b. 2Sn?" _ Sn+Sn*"
7. 2Na + HgoClp - 2NaCl + 2Hg
b. 2Al03+ 3C - 4Al + 3CO»
9, a. 4H' + Cu+2NO3~ - Cu®' + 2NO; + 2H»0 in acidic solution; 2H»0 + Cu + 2NO3~ — Cu’" + 2NO» +
40H  in basic solution
b. 24H' + 3MnO4 + 7Fe - 7Fe>" + 3Mn + 12H>0 in acidic solution; 12H20 + 3MnO4 + 7Fe — 7Fe3t +
3Mn + 240H  in basic solution
11. a. 2H' +ClO™ + Ti?* - CI” + H20 + Ti*" in acidic solution; HoO + ClO™ + Ti>* - CI™ + Ti** + 20H in

basic solution

b. 2H" +BrO3 + Ag - BrOz + Hy0 + Ag" in acidic solution; HyO + BrO3~ + Ag — BrOz + Ag’ + 20H" in
basic solution

13. The charges are not properly balanced. The correct balanced equation is 2Cr** + Clp - 2Cr°" + 201
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Applications of Redox Reactions: Voltaic Cells

Learning Objectives

1. Learn the parts of a voltaic cell.
2. Combine half reactions to determine the voltage of a voltaic cell.

3. Understand how voltaic cells are used as batteries.

Consider this redox reaction:
Zn+ Cu?t = zZn®t + Cu

If you were to mix zinc metal and copper ions in a container, this reaction would proceed by itself; we
say that this reaction is spontaneous.

Suppose, however, we set up this reaction in a way depicted in Figure 14.1 “A Redox Reaction in
Which the Two Half Reactions Are Physically Separated”. Zinc and zinc ions are on one side of the
system, while copper and copper ions are on the other side of the system. The two parts are connected
with a wire.

637
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Zn(s) — Zn**(aq) + 2e Cu**(aq) + 260 —— Cu(s)

Figure 14.1 “A Redox Reaction in Which the Two Half Reactions Are
Physically Separated.” One application of redox reactions requires that
they be physically separated.

Even though the two half reactions are physically separated, a spontaneous redox reaction still occurs.
However, in this case, the electrons transfer through the wire connecting the two half reactions; that is,
this setup becomes a source of electricity. Useful work can be extracted from the electrons as they
transfer from one side to the other — for example, a light bulb can be lit, or a motor can be operated.
The apparatus as a whole, which allows useful electrical work to be extracted from a redox reaction, is
called a voltaic (galvanic) cell.

Each individual system that contains a half reaction is called a half cell. The half cell that contains the
oxidation reaction is called the anode, while the half cell that contains the reduction reaction is called
the cathode. The cathode and anode collectively are the electrodes of the voltaic cell. Because
electrons are coming from the anode, the anode is considered the negative electrode of the cell, while
the cathode is considered the positive electrode of the cell. Finally, because electrons are moving from
one half cell to the other, a charge imbalance builds up as the reaction proceeds. To counter that, a salt
bridge is used; the salt bridge contains a solution of some ionic compound whose ions migrate to either
side of the voltaic cell to maintain the charge balance.

The tendency for electrons to go from one half cell to another is called the voltage. The tendency for
electrons to go from one half cell to another. of the voltaic cell, represented by E. Sometimes the term
potential is used to represent the voltage of a cell. Voltage is expressed in volts (V). The voltage of a
voltaic cell is determined by the difference in the tendencies of the individual half cells and is
characteristic of a given redox reaction when concentrations are specific (1.0 M for dissolved species
and 1.0 atm for gases). Because the voltage of a redox reaction is determined by the difference of the
tendencies of the individual half reactions, absolute voltages are unnecessary; only relative voltages of
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each half reaction are needed. The relative voltage of each half cell is represented as E1; and is based on
the standard that the Es for the reaction

H" +e - %Hy

is assigned to be exactly 0.000 V under standard conditions of pressure and concentration. Table 14.1
“Standard Reduction Potentials of Half Reactions” lists some relative Es; values for some half
reactions. Note that all half reactions are listed as reduction reactions, so these values are called the
standard reduction potentials. The voltage of a reduction half reaction relative to the hydrogen half
reaction. of each half reaction.
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Table 14.1 Standard Reduction Potentials of Half Reactions

Reduction Half Reaction Ey (V)
Fp+2e - 2F 2.87
Ce*t+e” o ce®t 1.61
MnO4~ +8H' +5¢” - Mn** + 4H0 1.51
Clp +2e” = 2CI° 1.36
O +4H" +4e” - 2H0 1.23
Brp +2e - 2Br 1.06
NO3™ +4H" +3e - NO + 2H20 0.96
Ag'+e - Ag 0.80
Fe¥* +e” o Fe?* 0.77
I +2e - 21 0.54
Cu*t+2¢” - Cu 0.34
AgCl+e — Ag+Cl 0.222
Sn** +2¢” - sn* 0.15
2H" +2e” - H» 0.000
Pb>* +2¢” — Pb -0.126
Ni?" +2e” - Ni -0.25
crt+e o ot -0.41
Fe?" +2¢” _ Fe -0.44
cr¥t+3e” o Cr -0.74
Zn’" +2e” o Zn -0.76
Cr’"+2e” - Cr -0.91
Ba’" +2¢ - Ba -1.57
A3+ 3e” o Al -1.66
Mg?* +2¢” ~ Mg -2.37
Na'+e - Na -2.714
Li"+e - Li -3.045

Table 14.1 lists only reduction reactions, but a redox reaction has a reduction and an oxidation. To
make the oxidation reaction, simply reverse the reduction reaction in Table 14.1 “Standard Reduction



Introductory Chemistry 641

Potentials of Half Reactions” and change the sign on the E; value. If the reduction potential is
negative, make the voltage for the oxidation positive; if the reduction potential is positive, make the
voltage for the oxidation negative.

Example 14.6

What is the value of Ey; for this half reaction?
Ag+Cl - AgCl+e”

Solution
The given reaction is the reverse of this reaction:

AgCl+e - Ag+Cl Eyu=0222V
Therefore, the E1s of the given reaction is —0.222 V.

Test Yourself
What is the value of Ey; for this half reaction?

Na - Na" +e”

Answer
2.714V

To determine the overall voltage of a particular voltaic cell, simply combine the voltages of the
oxidation and reduction half reactions. Even if you need to take a multiple of a half reaction for the
electrons to cancel, do not take the multiple of the Ev;. Use the values directly as is from Table 14.1
“Standard Reduction Potentials of Half Reactions”.

Spontaneous redox reactions have positive overall voltages. If the voltage of the reaction as written is
negative, it is not spontaneous in that direction. Rather, the reverse reaction is the spontaneous redox
reaction.

Example 14.7

What is the voltage of a voltaic cell based on this reaction? Is the reaction spontaneous as written?
2NO3~ +8H' +3Cu - 2NO + 4H0 + 3Cu®"

Solution
The overall redox reaction is formed from these two half reactions:

NO3;~ +4H" + 3¢~ — NO + 2H50

Cu?t +2¢~ — Cu

96 V
34V

N[

i) 0.
E 0.

N[

The second reaction is reversed in the overall redox reaction, so its voltage changes sign from the reduction reaction:
Cu - Cu*" +2e Ey=-0.34V
To obtain the voltage of the voltaic cell based on the overall reaction, we simply combine the two voltages of the half reactions:

E=096+(-034)=0.62V
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Because the overall voltage is positive, the reaction is spontaneous as written.

Test Yourself
What is the voltage of a voltaic cell based on this reaction? Is the reaction spontaneous as written?

5Ni+2 MnO4~ + 16H' - 3Mn®" + 8H,0 + 5Ni%*

Answer
1.76 V; spontaneous

Technically, any redox reaction can be set up to make a voltaic cell. In modern society, however, only
certain redox reactions are put to practical use. A portable voltaic cell that generates electricity to
power devices for our convenience is called a battery. All batteries are based on redox reactions.

The first battery (called a “voltaic pile”) was constructed by the Italian scientist Alessandro Volta in
1800 and was based on the copper/zinc reaction depicted in Figure 14.1 “A Redox Reaction in Which
the Two Half Reactions Are Physically Separated”. Unfortunately, it was messy, requiring quantities of
copper and zinc salts dissolved in water. In 1866, the French scientist Georges Leclanché invented the
dry cell, a precursor to today’s modern battery. A schematic of a dry cell is shown in Figure 14.2 “Dry
Cells”. The zinc case and the central carbon rod serve as the anode and cathode, respectively. The other
reactants are combined into a moist paste that minimizes free liquid, so the battery is less messy (hence
the name dry cell). The actual redox reaction is complex but can be represented by the following redox
reaction:

Zn + 2MnO> + 2NH4" - Zn%" + MnyO3 + 2NH3 + HyO

A dry cell has a voltage of about 1.56 V. While common and useful, dry cells have relatively short
lifetimes and contain acidic components. They also cannot be recharged, so they are one-use only.
Batteries that can be used only once are called primary batteries.
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Figure 14.2 “Dry Cells.” The Leclanché dry cell is a common
type of battery.

In the late 1950s, Lewis Urry of the Eveready Battery Company in Ohio invented the alkaline
battery (still marketed today under the trade name Energizer). Alkaline batteries are similar to dry
cells, but they use a basic moist paste rather than an acidic one. Moreover, the net amount of base does
not change during the course of the redox reaction. The overall redox reaction is as follows:

Zn + 2MnO> - ZnO + Mn>03

Alkaline batteries have the advantage of being longer lasting and holding their voltage better—about
1.54 V — throughout their lifetime.

A common type of battery, especially with the increased popularity of personal electronic devices, is
the button battery (Figure 14.3 “Button Batteries™). A button battery is a small battery that can power
small electronic devices; the batteries can be as small as 5 mm across. Two popular redox reactions
used for button batteries are the alkaline dry-cell reaction and a silver oxide-based reaction:

Zn + AgpO - ZnO + 2Ag
Some button batteries use a lithium-based redox reaction, typified by this anode reaction:
Li - Li" +e Ey =3.045V

The actual redox reaction depends on the composition of the cathode and is variable depending on
voltage. Lithium batteries can also be used for applications that require more energy, such as portable
computers and electric vehicles. Some lithium-based batteries are rechargeable and can be used over
and over again; such batteries are called secondary batteries.
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Figure 14.3 “Button Batteries.” Button batteries like those
seen here can be used for a variety of portable electronics,
from watches and hearing aids to handheld gaming devices.

An important secondary battery is the lead storage battery. The lead storage battery is based on this
redox reaction:

Pb + PbOy + 4 H" + SO42~ _ 2PbSO4 + 2H>0

The redox reaction produces about 2 V, but it is typical to tie several individual batteries together to
generate a larger voltage. The lead storage battery has the distinction that the product of both half
reactions is PbSOj4, which as a solid accumulates on the many plates within each cell. The lead storage
battery is a secondary battery, as it can be recharged and reused many times. Because it is based on
lead, these batteries are rather heavy. They should also be recycled when replaced so that potentially
dangerous lead does not escape into the environment. Because of their characteristics, lead storage
batteries are used to start large engines in automobiles, boats, and airplanes.

Chemistry Is Everywhere: Fuel Cells

A fuel cell is a type of battery in which reactants flow continuously into a specialized reaction chamber, and products flow
out continuously while electrons are extracted from the reaction. Because all reactions in a fuel cell consist of a fuel and an
oxidizer undergoing a redox reaction, an introduction of fuel cells is at home in a discussion of redox chemistry.
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This fuel cell uses Hy as the fuel and O2 as the oxidizer.

By far the most common fuel cell reaction is based on hydrogen and oxygen:
2Hp + Op - 2H20 E =1.23 V under standard conditions

However, fuel cells typically do not work under standard nor even optimal conditions, so they typically generate about
0.6-0.7 V. In this fuel cell, the only two products are water and electricity, so the fuel cell not only does not create pollution
but also makes a by-product that in some environments is a valuable commodity (water). Other fuels can be used besides
hydrogen; fuel cells have been developed that work on methane, methyl alcohol, ethyl alcohol, carbon-rich materials, and
even magnesium metal.

Hydrogen-based fuel cells were and are used to provide electricity for manned space vehicles, partly because their only
chemical product is water, which could be used for drinking. However, there has been a recent resurgence in interest in fuel
cells because of their potential use in electric cars. Most electric cars run on conventional batteries, which can be very heavy
and expensive to replace. It is thought that fuel cells, rather than conventional batteries, might be better sources of electricity
for automobiles.

Several current barriers to fuel cell use in electric cars include capacity, cost, and overall energy efficiency. The 2008 Honda
FCX, the first production model of a vehicle powered with a fuel cell, can hold 4.1 kg (just under 9 1b) of highly pressured
H> gas and has a range of 450 km (280 mi). It costs about $120,000-$140,000 to build, making the vehicle beyond the ability
of most people to own. Finally, it always requires more energy to produce elemental hydrogen as a fuel than can be extracted
from hydrogen as a fuel. As such, hydrogen is described as an energy carrier (like electricity) rather than an energy source
(like oil and gas). This distinction points out a fundamental argument against fuel cells as a “better” power source.
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The 2008 Honda FCX was the first production car to use a fuel cell as a power source. Nonetheless, the
car is in very limited service because of its need for relatively large quantities of elemental hydrogen as

fuel.

The limitations notwithstanding, there is a lot of interest in fuel cell research. If ways can be found to circumvent their
current limitations, fuel cells may become more and more common as power sources.

Key Takeaways

» A voltaic cell produces electricity as a redox reaction occurs.
» The voltage of a voltaic cell can be determined by the reduction potentials of the half reactions.

* Voltaic cells are fashioned into batteries, which are a convenient source of electricity.

Exercises

Questions

1. Draw the voltaic cell represented by this reaction and label the cathode, the anode, the salt bridge, the oxidation half cell,
the reduction half cell, the positive electrode, and the negative electrode. Use Figure 14.1 “A Redox Reaction in Which
the Two Half Reactions Are Physically Separated” as a guide.

Zn+2Ag"  Zn®" + 2Ag

2. Draw the voltaic cell represented by this reaction and label the cathode, the anode, the salt bridge, the oxidation half cell,
the reduction half cell, the positive electrode, and the negative electrode. Use Figure 14.1 as a guide.

3Mg +2Cr>" - 3Mg?* +2Cr

3. What is the voltage of this half reaction?

2F - Fo+2e

4. What is the voltage of this half reaction?
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10.

11.
12.
13.
14.
15