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 20.  a.  Oxidation: 2I-(aq) → I2(s) + 2e-

   Reduction: Br2(ℓ) + 2e- → 2Br-(aq)

 b.  I2(s) + 2e- → 2I-(aq) E°anode = +0.54 V

  Br2(ℓ) + 2e- → 2Br-(aq) E°cathode = +1.07 V

 c.  E°cell = E°cathode - E°anode 

   = 1.07 V - (0.54 V) = +0.53 V

   !e reaction is spontaneous in the direction written.

Answers to Chapter 10 Review Questions

(Student textbook pages 677-81)

 1.  d

 2.  a

 3.  c

 4.  b

 5.  b

 6.  d

 7.  e

 8.  b

 9.  d

 10.  c

 11.  a

 12.  c

 13.  a

 14.  a

 15.  !e quantity of electricity depends on the current 

generated. !e current generated depends on the 

quantity and identity of substances involved in the 

electrochemical reaction. !e batteries are di"erent 

sizes and they may contain di"erent materials. !e 

larger battery is will last longer and produce a greater 

overall quantity of electricity.

 16.  !e electrolyte is a paste that can be enclosed in a 

container. !is is more convenient than the galvanic 

cell with its salt bridge and aqueous solutions.

 17.  Using a sodium chloride solution in the salt bridge will 

eventually result in some chloride ions to migrating 

into the silver half-cell. !is will cause a solid 

precipitate of silver chloride to form. As a result, the 

ionic concentration in the silver half-cell will decrease 

and thus the performance of the cell will be a"ected. 

To correct this, the electrolyte used in the salt bridge 

should be changed to an aqueous solution of sodium 

nitrate to avoid the formation of any precipitates as the 

electrolyte eventually migrates into the half-cells.

 18.  It is simply reversing the direction of the electron #ow 

so that the reaction occurs in the opposite direction.; 

a reduction reaction becomes an oxidation reaction, 

and vice versa. !e sign of the standard cell potential 

indicates this. 

 19.  a.

   

 20.  !e standard half-cell potentials are measured using 

the hydrogen half-cell as a reference. In the equation 

E°cell = E°cathode - E°anode, the hydrogen half-cell is 

given a value of zero. Any measured voltage would 

therefore belong to the non-hydrogen half of the cell.

 21.  Electrolyzing aqueous solutions o$en results in 

unwanted products due to redox reactions involving 

water.

 22.  Since zinc is a stronger reducing agent than is copper, 

the zinc will undergo oxidation when attached to a 

copper pipe, and thus can be used to protect a copper 

pipe.

 23.  Yes, as when written in the opposite direction, the 

cathode and anode interchange and the result will be 

a positive cell potential, which means the reaction is 

spontaneous.

 b.
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 24.  a.  Electrodes are the conductors that carry electrons 

into and out of the cell. Oxidation and reduction 

occur at the electrodes.

  b.  Electrolytes are substances that dissolve in water to 

form ions that can move and conduct electricity by 

the movement of ions.

 c.  !e external voltage is a source of electricity that is 

included in the external circuit of an electrolytic cell.

 25.  Mg(s) | Mg2+(aq) || Cd2+(aq) | Cd(s)

 26.  At standard temperatures, the NaCl(s) does not 

conduct electricity, therefore electrolysis cannot 

purify the metal. Instead, the salt can be heated until 

is becomes a molten solid. At this high temperature, 

the molten solid will conduct electricity and thus 

electrolysis can be used to purify the metal.

 27. 

- - → +(aq)

+(aq)  + - →

  Since copper is less reactive than iron, copper will act 

as the cathode and the iron will act as the anode of 

electrochemical cells at all points of contact between 

the two metals.

 28.  

  c.  H+(aq) ions pass through the solid polymer 

electrolyte membrane but the negative electrons do 

not. !e electrons move from the carbon anode, 

which is coated with platinum, through the external 

circuit to the cathode. Oxygen combines with the 

electrons and H+(aq) at the cathode to form H2O(ℓ).

   !e overall reaction is 2H2(g) + O2(g) → 2H2O(ℓ).

 29.  Br2(ℓ), H+(aq), Co3+(aq), Zn2+(aq)

 30.  a.  An actual galvanic cell could be set up using a Sn(s) 

anode in a Sn(NO3)2(aq) solution, a Pb(s) cathode in 

a Pb(NO3)2(aq) solution,  connected externally with 

conducting wire with a voltmeter in parallel,  and 

the cells connected with a salt bridge of KNO3(aq).

   Alternatively, use the standard half-cell reduction 

potentials.

    Sn2+(aq) + 2e- → Sn(s) E°anode = - 0.14 V

  Pb2+(aq) + 2e- → Pb(s) E°cathode = - 0.13 V

 b.  E°cell = E°cathode - E°anode 

   = - 0.13 V - (- 0.14 V) = + 0.01 V

  c.  !is cell is unlikely to "nd any practical uses because 

the cell voltage is so low.

 31.  a.  !e oxidizing agent is PbO2(s) and the reducing 

agent is Pb(s).

  b.  During recharging, PbSO4(s) is both the oxidizing 

agent and the reducing agent.

 32.  It would not be possible, as the strongest oxidizing 

agent is #uorine gas and the strongest reducing agent is 

lithium, which together would produce a cell potential 

of 5.91 V.

 33.  As more and more ions migrate into solution from the 

anode, positive charge will build up in the aqueous 

solution. Eventually, due to like charge repulsion, the 

increased charge in the solution will start to hinder 

the movement of more positive ions into the solution. 

At the same time, the ions in the reduction half-cell 

are being removed from solution as they migrate 

onto the cathode. Over time, this will decrease the 

concentration of ions in this half-cell to a point 

where fewer and fewer ions are available to migrate 

to the electrode. Both of these events occurring 

simultaneously in the two half-cells will cause a drop in 

the voltage of the cell.

 34.  No. !e galvanic cell requires two dissimilar metals. 

!e electrodes are the source of the electrons, not the 

solutions.

 35.  a.  Oxidation at anode: Mg(s) → Mg2+(aq) + 2e-

   Reduction at cathode: Ag+(aq) + e- → Ag(s)

   Overall reaction:  

Mg(s) + 2Ag+(aq) → Mg2+(aq) + 2Ag(s)

  b.  Cl-(aq) from the NaCl reacts with the Ag+(aq) to 

form AgCl(s). !is decreases the concentration of 

the Ag+(aq) . !e expected standard conditions no 

longer apply and the voltage decreases.

 36.  Al(s), H2(g), Ag(s), Cl-(aq)

 37.  !e surface of the moon does not have an atmosphere 

or water. Since oxygen is not available for the redox 

reaction, iron would not corrode.
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 38.  a.  E°cell = +1.25 V

   Oxidation at anode: Fe(s) → Fe2+(aq) + 2e-

   Reduction at cathode: Ag+(aq) + e- → Ag(s)

   Overall cell reaction: 2Ag+(aq) + Fe(s) → 2Ag(s) + 

Fe2+(aq)

   Fe2+(aq) + 2e- → Fe(s) E°anode = - 0.45 V

  Ag+(aq) + 1e- → Ag(s) E°cathode = + 0.80 V

  E°cell = E°cathode - E°anode 

    = + 0.80 V - (- 0.45 V) = + 1.25 V

  b.  E°cell = -1.25 V (not spontaneous)

   Oxidation at anode: Ag(s) → Ag+(aq) + e-

   Reduction at cathode: Fe2+(aq) + 2e- → Fe(s)

   Overall cell reaction: 

   2Ag(s) + Fe2+(aq) → 2Ag+(aq) + Fe(s)

  c.  mass of anode decreases; mass of cathode increases; 

total mass increases (because 2 mol of Ag are 

produced for every 1 mol of Fe used)

  d.  mass of anode decreases; mass of cathode increases; 

total mass decreases

 39. a.  anode - inert carbon electrode (negative); 

  cat hode - silver electrode (positive)

  b.  Oxidation at anode: 2I-(aq) → I2(s) + 2e-

   Reduction at cathode: Ag+(aq) + 1e- → Ag(s)

   Overall cell reaction: 

   2I-(aq) + 2Ag+(aq) → I2(s) + 2Ag(s)

  c.  Silver is the oxidizing agent and the iodide ion is the 

reducing agent.

 d.  I2(s) + 2e- → 2I-(aq) E°anode = 0.54  V

  Ag+(aq) + 1e- → Zn(s) E°cathode = 0.80 V

  E°cell = E°cathode - E°anode 

   = 0.80 V - (0.54 V) = +0.26 V

 40.  a.  E°cell = E°cathode - E°anode 

    = - 0.42 V - (0.82 V) = -1.24 V

  b.  !e reaction is not spontaneous as written. Energy 

must be supply from an external source to make the 

reaction occur.

 41.  Ag(s), Cu(s), then Fe(s)

 42.  !e silver ions will di"use from the salt bridge into the 

copper (II) nitrate solution over time. Since these silver 

ions are stronger oxidizing agents than the copper(II) 

ions, the silver ions will migrate to the copper anode 

and accept electrons, rather than the copper ions. !is 

would result in an incorrect voltmeter reading for the 

voltage of the cell of interest in this experiment.

 

 43.  Rechargeable batteries can be recycled and should 

be as they contain a toxic metal (cadmium). An 

industry funded group called the Rechargeable 

Battery Recycling Corporation (RBRC) is actively 

promoting this recycling e"ort. !is corporation is 

a global corporation that o"ers a free rechargeable 

battery and cell phone collection program. Since 1994, 

Call2Recycle has diverted over 27 million kilograms 

of rechargeable batteries from land#ll sites. In Ontario, 

companies such as the Home Depot, Staples, Canadian 

Tire and !e Source are drop o" sites for the program.

 44.  Students may say they are against the smelter because 

the waste products that are formed, such as sulfur 

dioxide, can contribute to acid precipitation. Students 

may say they are in favour of the plant because of 

the economic situation and the fact that the modern 

mechanisms for removing waste (sulfur dioxide) 

from the roasting process results in a reduction in the 

quantities of these pollutants.

  Accept all reasoned and reasonable answers, but 

students should demonstrate some understanding of 

the processes involved.

 45.  !e identity of the anode and cathode would have to 

come from knowing the components in the electrolyte. 

A $ow chart is a possibility for a graphic organizer.

electrolyte

 positive cation negative anion

 negative cathode positive anode

 46.  !e anode is a grid made of powdered lead. the 

cathode is a grid of powdered lead(IV) oxide. !e 

potential of this cell is about 2 V. Six of these are 

connected in series in an electrolyte of sulfuric acid to 

give a battery with a potential of 12 V. 

 47.   Answers should re$ect the following information:

  Galvanic Cell

Spontaneous reaction 

Converts chemical energy to electrical energy 

Anode (negatively charged): zinc electrode

Cathode (positively charged): copper electrode

Oxidation (at anode): Zn(s) → Zn2+(aq) + 2e−

Reduction (at cathode): Cu2+(aq) + 2e− → Cu(s)

Cell reaction: Zn(s) + Cu2+(aq) → 

  Zn2+(aq) + Cu(s)
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Electrolytic Cell

Non-spontaneous reaction

Converts electrical energy to chemical energy

Anode (positively charged): copper electrode

Cathode (negatively charged): zinc electrode

Oxidation (at anode): Cu(s) → Cu2+(aq) + 2e−

Reduction (at cathode): Zn2+(aq) + 2e− → Zn(s)

Cell reaction: Cu(s) + Zn2+(aq) → 

Cu2+(aq) + Zn(s) 

48.  An electrode can be either an anode or a cathode, 

depending on the other half reaction in the cell. "e 

two half reactions each have a half cell potential that 

will determine which is the reduction half reaction 

and which is the oxidation half reaction. "e galvanic 

cell will have a positive cell potential, so the stronger 

reducing agent will be the anode and the weaker 

reducing agent will be the cathode.

49.  All reports must include a description of the chemistry 

associated with the occupation. Allow students to 

present their answer in any of the multiple forms of 

reporting to allow for an expression of their #ndings.

50.  In whatever form the student chooses here, the student 

must clearly demonstrate the following 

similarities: 

both convert between chemical and electrical energy

both involve a redox reaction and a cell potential can 

be calculated 

both involve a reduction at the cathode and an 

oxidation at the anode 

di!erences: 

galvanic cell has a positively charged cathode 

and a negatively charged cathode (opposite in an 

electrochemical cell)

a galvanic cell is spontaneous while an electrolytic 

cell in non-spontaneous

an electrochemical cell requires an external power 

source to cause the reaction to occur

51.  Script should describe the “old” battery technology 

and its e$ect on the environment and use chemistry to 

explain why the changes are an improvement from an 

environmental point of view. 

52. "e sketch should look similar to Figure 10.24A and B 

page 660. Table 10.2 in the textbook summarizes the 

details of a comparison.

53.  A%er brainstorming, student response could be 

organized in a PMI organizer. Criteria could include: 

resources used (cost, accessibility, production 

safety); production process; waste generated during 

production; durability; recyclability; disposal process 

(waste, safety, cost). Details of the criteria must be 

included. 

54.  Brochure or other communication piece should include 

the name and description of the cell technology, how 

it works (including the chemical processes involved), 

and a statement or opinion about the viability of the 

new technology. "e submission should also include 

diagrams or other art showing the technology, and list 

the sources used for the information. 

55.  Summary should include all of the key terms and 

key ideas for the chapter as shown on page 676 of the 

student textbook.

56.  a.  Oxidation: 2I-(aq) → I2(s) + 2e-

Reduction: MnO4
-(aq) + 8H+(aq) + 5e- → 

     Mn2+(aq) + 4H2O(ℓ)

  Overall cell reaction: 

   10I-(aq) + 2MnO4
-(aq) + 16H+(aq) → 

   5I2(s) + 2Mn2+(aq) + 8H2O(ℓ)

  b.  "e oxidizing agent is MnO4
-(aq) and the reducing 

agent is I-(aq).

  c.  At the anode because it is here that I-(aq) lose 

electrons , as reduction occurs

  d.  

 

 57.  Al3+(aq) + 3e- → Al(s)                  E°anode = -1.66 V

  Ag+(aq) + 1e- → Ag(s)                 E°cathode = 0.80 V

   E°cell = E°cathode - E°anode 

   = 0.80 - (-1.66 V) = +2.46 V

  oxidation, Al/Al3+; reduction, Ag/Ag+
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 58.  Oxidation: K(s) → K+(aq) + 1e-

  Reduction: Fe3+(aq) + 1e- → Fe2+(aq)

  Overall cell reaction: 

   K(s) + Fe3+(aq) → K+(aq) + Fe2+(aq)

 59.  a.  Zn(s) → Zn2+(aq) + 2e- (anode)

   Fe2+(aq) + 2e- → Fe(s) (cathode)

  Zn2+(aq) + 2e- → Zn(s) E°anode = -0.76 V

  Fe2+(aq) + 2e- → Fe(s) E°cathode = -0.45 V

   E°cell = E°cathode - E°anode 

    = -0.45 V - (-0.76 V) = +0.31 V

  b.  Cr(s) → Cr3+(aq) + 3e- (anode)

   Al3+(aq) + 3e- → Cr(s) (cathode)

  Cr3+(aq) + 3e- → Fe(s) E°anode = -0.74 V

  Al3+(aq) + 3e- → Al(s) E°cathode = -1.66 V

   E°cell = E°cathode - E°anode 

    = -1.66 - (-0.74 V)  = -0.92 V

  c.  2H2O2(ℓ) → O2(g) + 2H+(aq) + 2e- (anode)

   Ag+(aq) + e- → Ag(s) (cathode)

  O2(g) + 2H+(aq) + 2e- → 2H2O2(ℓ)

   E°anode = +0.70 V

  Ag+(aq) + e- → Ag(s) E°cathode = +0.80 V

   E°cell = E°cathode - E°anode 

    = 0.80 - (0.70 V) = +0.10 V

 60.  a. and c. are spontaneous and b. is non-spontaneous

 61.  a.  Estimates should include survey data and method 

used to arrive at the estimate. Ensure students 

consider all uses of batteries, including watches, 

cellular phones, and portable CD players.

  b.  Students may suggest purchasing rechargeable or 

longer-life batteries as a partial solution. !ey could 

suggest using an AC adapter for battery powered 

devices whenever possible. Or, students could 

simply "nd ways to reduce their use of battery-

powered devices.

 62.  In general, while the chemistry is sound, these devices 

can only protect a small area surrounding where the 

device is attached. Car parts tend to be insulated or 

isolated from each other, and thus the device has no 

chance of protecting these parts, unless it is directly 

attached to the part. As well, most car manufacturers 

now zinc electroplate the entire chassis of the car, 

which will protect against rust as long as the zinc is 

present.

 63.  net ionic equation (spontaneous):

  N2O(g) + 2H+(aq) + 2Cu(s) + 2I-(aq) →

   N2(g) + H2O(ℓ) + 2CuI(s)

  E°cell = +1.955 V

  net ionic equation (non-spontaneous):

  N2(g) + H2O(ℓ) + 2CuI(s) →

  N2O(g) + 2H+(aq) + 2Cu(s) + 2I-(aq)

  E°cell = -1.955 V

 64.  a.  Yes, because aluminum is reduced more readily than 

iron. !e aluminum would be oxidized, forming 

a relatively inert oxide coating, and thus hold the 

iron gutter in place while protecting the iron from 

oxidation.

  b.  No, because a#er the aluminum siding forms the 

surface oxide, the iron nails would rust and $ake to 

pieces.

 65.  !e battery must be able to supply enough voltage to 

power the item in which it is being used. !e battery 

must also be able to supply this voltage for as long a 

period of time as possible. !e battery should also be 

rechargeable and not contain any environmentally 

harmful chemicals for those batteries that no longer 

are able to be recharged and thus are disposed of in a 

land"ll site. !e size and shape of the battery should 

also be considered.

 66.  Diagram and explanation should show one end of 

the anode of the electroplating cell connected to the 

positive terminal of an external power supply and the 

other to a piece of metal that is being used to plate 

onto the surface of the less expensive metal. !is will 

allow the ions of this metal in solution to be replaced 

as the plating occurs. !e cathode is connected to the 

negative terminal of the external power supply and 

then connected to the metal to be plated. As current 

$ows to the cathode, positive metallic ions in solution 

migrate to the cathode and attach to the surface as they 

pick up electrons and form a solid surface on the metal.

 67.  In general, the larger the battery, the more current it 

can supply, even when the voltages are approximately 

the same. !erefore, in a device such as a powerful 

$ashlight, a larger current is needed to power the light 

bulb and so a series of D cell batteries are needed. In a 

device such as a pen light, where a lower current can be 

used to light the bulb, AAA batteries are more suited to 

power the device.

 68.  In general, the chemistry and design of a disposable 

battery is such that the cost can be kept to a minimum. 

!e disposable battery tends to be able to hold a 

charge longer and thus is better in applications where 

the device is not used as o#en, or on a low drain item 

such a TV remote. !e design and chemistry of a 

rechargeable battery needs to be carefully considered to 

allow for the recharging to occur. !is tends to increase 

the cost of the battery. !e chemicals in a rechargeable 
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battery tend to be less environmentally friendly and 

thus disposal when they can no longer hold a charge is 

more of an issue.

 69.  A cell fuelled by aluminum generates power through 

an electrochemical reaction between the metal, placed 

in a saline or alkaline solution, and oxygen from the 

air. Electricity is produced as the aluminum oxidizes 

(at the anode), so it acts as the reducing agent. Oxygen 

from the air acts as a cathode. To recharge the cell 

when the aluminum is consumed, the plates are 

replaced and more electrolyte is added.

 70.  In the short term, painting will be e!ective because it 

provides a barrier between the metal and moisture and 

oxygen. However, in the long term, paint can crack and 

peel and will allow for water and oxygen to oxidize the 

metal. As well, any object that may scrape against the 

painted surface can also cause this contact.

 71.  Cathodic protection using aluminum bars attached to 

the hull will cause the aluminum be oxidized, rather 

than the iron in the steel hull. "e aluminum is the 

stronger reducing agent and thus will oxidize. "e 

aluminum is much lighter than a metal such as zinc, 

and on a #oating structure, weight can be a factor that 

must be considered.

 72.  Corroding iron mains must be repaired or replaced, 

which costs money. Corroding mains may also leak 

and their hydraulic capacity may decrease, which 

decreases their e$ciency. Leaking and corroding 

water mains may allow contaminants into drinking 

water. Several ways to combat these problems include 

replacing iron water mains with polymer or cement 

mains, which do not corrode, or using sacri%cial 

anodes to prevent corrosion.

 73.  "e battery must be able to supply enough voltage to 

power the item in which it is being used. "e battery 

must also be able to supply this voltage for as long a 

period of time as possible. "e battery should also be 

rechargeable and not contain any environmentally 

harmful chemicals for those batteries that no longer 

are able to be recharged and thus are disposed of in a 

land%ll site. "e size and shape of the battery should 

also be considered.

 74.  a.  Power tools are large and bulky requiring a large 

amount of electrical energy over a short burst, 

e.g., an electric drill. Electronic devices, iPods, cell 

phones, tablets, etc., require a smaller amount of 

energy over a longer period of time. "ese devices 

are having more apps and are made smaller for easy 

handling.

  b.  It is important that the battery be rechargeable and 

deliver a large amount of electrical energy.

 75.  If the battery cannot be replaced and recharged, the 

device would have to be replaced. "is is a greater 

expense for the consumer, but more money for the 

retailer. It also leads to an increase in electronic waste 

in the environment. "is is a poor idea.

Answers to Chapter 10  

Self-Assessment Questions

(Student textbook pages 682-3)

 1.  e

 2.  d

 3.  d

 4.  c

 5. Zn2+(aq) + 2e- → Zn(s)                E° = -0.76 V

  Cd2+(aq) + 2e- → Cd(s)             E° = -0.40 V

  If the reaction is written as  

Zn(s) + Cd2+(aq) → Zn2+(aq) + Cd(s),  

then Zn is the anode and Cd is the cathode.  

"e answer will be “e” as shown:

  E°cell = E°cathode - E°anode

    = -0.40 V - 0.76 V

    = +0.36 V

   If the reaction is written as  

Cd(s) + Zn2+(aq) → Cd2+(aq) + Zn(s),  

then Cd is the anode and Zn is the cathode.  

"e answer will be “d” as shown:

  E°cell = E°cathode - E°anode

     = -0.76 V - (–0.40) V

    = -0.36 V 

 6. a

 7.  d

 8.  c

 9.  a

 10. c

 11.  "e iodide ions will eventually migrate into the lead 

half-cell and cause lead (II) iodide solid to form. "is 

will remove lead (II) ions from solution and a!ect the 

voltage and performance of the galvanic cell.

 12.  6

 13.  Cadmium is toxic and is long-lasting in the  

environment. In humans, it has been related to high 

blood pressure and heart disease.
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 14.  a.  Oxidation: Zn(s) → Zn2+(aq) + 2e-

   Reduction: Fe2+(aq) + 2e- → Fe(s)

   Overall cell reaction:

   Fe2+(aq) + Zn(s) → Fe(s) + Zn2+(aq)

  Zn2+(aq) + 2e- → Zn(s) E°anode = - 0.76 V

  Fe2+(aq) + 2e- → Fe(s) E°cathode = - 0.45 V

  E°cell = E°cathode - E°anode 

    = -0.45 V - (-0.76 V) = +0.31 V

  b. Oxidation: Cr(s) → Cr3+(aq) + 3e-

   Reduction: Cu2+(aq) + 2e- → Cu(s)

  Overall cell reaction:

   3Cu2+(aq) + 2Cr(s) → 3Cu(s) + 2Cr3+(aq)

  Cr3+(aq) + 3e- → Cr(s) E°anode = -0.74 V

  Cu2+(aq) + 2e- → Cu(s) E°cathode = +0.34 V

   E°cell = E°cathode - E°anode 

    = 0.34 V - (-0.74 V) = +1.08 V

  c.  Oxidation: Al(s) → Al3+(aq) + 3e-

   Reduction: Ag+(aq) + e- → Ag(s)

   Overall cell reaction:

  3Ag+(aq) + Al(s) → 3Ag(s) + Al3+(aq)

  Al3+(aq) + 3e- → Al(s) E°anode = -1.66 V

  Ag+(aq) + 1e- → Ag(s) E°cathode = 0.80 V

  E°cell = E°cathode - E°anode 

    = 0.80 - (-1.66 V) = +2.46 V

 15.  K(ℓ) and Cl2(g)

 16.  a.  Oxidation:

   Zn(s) + 2OH-(aq) → ZnO(s) + H2O(ℓ) + 2e-

   Reduction:

   HgO(s) + H2O(ℓ) + 2e- → Hg(ℓ) + 2OH-(aq)

  b.  Overall cell reaction:

   Zn(s) + HgO(s) → ZnO(s) + Hg(ℓ)

 17.  !e salt added to the roads causes the snow and ice 

to melt. !is melted snow and ice dissolves the salt 

to form a solution that will be the electrolyte for an 

electrochemical cell with dissimilar metals or between 

impurities in the metal. !is means that using salt 

allows for the increase in rust formation on vehicles. 

Using sand will increase tire traction on snow and ice 

without leading to an increase in rust formation.

 18.  a.  Oxidation(anode): 2I-(aq) →I2(s) + 2e-

   Reduction(cathode): Cl2(g) + 2e- → Cl-(aq) 

  I2(s) + 2e- → 2I-(aq) E°anode = +0.54 V

  Cl2(g) + 2e- → Cl-(aq) E°cathode = 1.36 V

   E°cell = E°cathode - E°anode 

   =1.36 V - (0.54 V)  

    = +0.82 V spontaneous

  b.  Oxidation(anode): 

   2Cr3+(aq) + 7H2O(ℓ)→ 

   Cr2O7
2- (aq) + 14H+(aq) + 6e- 

   Reduction(cathode): Br2(ℓ) + 2e- → 2Br-(aq) 

    2Cr3+(aq) + 7H2O(ℓ) + 6e- →

           2Cr3+(aq) + 7H2O(ℓ)              E°anode = 1.36 V

  Br2(ℓ)  + 2e- → 2Br-(aq) E°cathode = 1.07 V

    E°cell = E°cathode - E°anode 

    = 1.07 - (1.36 V) 

    = -0.29 V non-spontaneous

 19.  About 95% less energy is required to process used 

aluminum than is to process the aluminum from the 

ore in a electrochemical reaction. !e aluminum in 

most products tends to be relatively pure, and there 

is little surface oxide to remove during the recycling 

process.

 20.  a.  Anode: 

   CH3OH(ℓ) + H2O(ℓ) → CO2(g) + 6H+(aq) + 6e−

   Cathode: O2(g) + 4H+(aq) + 4e− → 2H2O(ℓ)

  b.  Overall cell reaction:

   2CH3OH(ℓ) + 3O2(g) → 2CO2(g) + 4H2O(ℓ)

 21.  a.  In the galvanic cell, the anode is the zinc electrode 

and the cathode is the copper electrode.

  b.  In an electrolytic cell, the anode is the copper 

electrode and the cathode is the zinc electrode

 22.  Fuel cells provide clean electric energy that can be used 

for transportation, industries and homes. !e fuel cell 

allows for reactants to #ow in and products to #ow 

out. !e cell converts the energy in the fuel directly 

into electrical energy without burning the fuel as a 

combustion engine would. !e major waste product of 

the fuel cell is water.

 23.  When the steel cans corrode, they produce aqueous 

ions. However, the aluminum cans produce solid 

aluminum oxide, which slows down the corrosion 

process.

 24.  Iron is abundant (the second most abundant metal 

a$er aluminum), relatively inexpensive to mine and 

process, and can be used to create a number of di&erent 

alloys with a variety of useful physical properties.

 25.  +0.74 V

  Zn+2(aq) + 2e- → Zn(s) E°anode = - 0.76 V

  MnO2(s) + H2O(ℓ) + 2e- → 

             Mn2O3(s) + 2OH-(aq) E°cathode = X

  E°cell = E°cathode - E°anode

  1.50 V = X - (-0.76 V)

  X = + 0.74 V
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Answers to Unit Review Questions

(Student textbook pages 687-91)

 1.  a

 2.  c

 3.  e

 4.  b

 5.  c

 6.  e

 7.  b

 8.  d

 9.  c

 10.  b

1 1.  a.  +4

  b.  +7

  c.  +5

  d.  +3

 12.  A primary battery cannot be recharged, while a 

secondary battery can be recharged.

 13.  An inert electrode is made from a material that is 

neither a reactant nor a product of the redox reaction 

but can carry a current and provide a surface on which 

redox reactions can occur. Carbon and platinum are 

commonly used as inert electrodes.

 14.  “Standard reduction potential” refers to the amount 

of energy conferred on a unit of charge as the material 

listed is reduced. Since potential must be measured in 

reference to another half-cell, the hydrogen half-cell is 

used as the reference point; its reduction potential is set 

at 0.00 V and all other half-cells are measured relative 

to this.

 15.  a. Metal A is the more e!ective reducing agent. It is 

oxidized and facilitates the reduction of the other 

metal. For example, in the following reaction, 

magnesium is the more e!ective reducing agent.

   Mg(s) + Zn(NO3)2(aq) → Zn(s) + Mg(NO3)2(aq)

  b.  Non-metal A is the more e!ective oxidizing agent. 

For one non-metal to replace another during a single 

displacement reaction, it must gain electrons more 

easily than the non-metal it is displacing. "erefore, 

it must be a better oxidizing agent. An example is:

   F2(g) + 2NaCl(aq) → 2NaF(aq) + Cl2(g)

 16.  A balanced half-reaction equation indicates whether 

oxidation or reduction is taking place, how many 

electrons are involved, and identi#es either the 

oxidizing agent or the reducing agent. For example, 

consider the following equations:

  Zn(s) → Zn2+(aq) + 2e-

  Because the electrons are on the products side, the 

half-reaction is an oxidation. Zinc is a reducing agent. 

Each zinc atom loses two electrons, and Zn2+ is 

produced.

  Cu2+ + 2e- → Cu(s)

  Because the electrons are on the reactants side, the 

half-reaction is a reduction. Copper(II) ions are an 

oxidizing agent. Each copper ion gains two electrons, 

and copper metal is produced.

 17.  A more electronegative material will tend to pull 

electrons towards it, therefore gaining electrons 

meaning that it will be reduced. An atom of lower 

electronegativity will not hold electrons as tightly, and 

will lose electrons and thus be oxidized.

 18.  Oxygen atoms are not always involved in the redox 

process. For example, in a half-reaction such as 

NO3-(aq) → NO2-(aq), the oxygen atoms have an 

oxidation number of -2, which means that they do not 

go through oxidation or reduction in the process. In 

addition, the oxygen atoms are in the compound that is 

reduced as well as the compound that is oxidized.

 19.  a.  Because oxidation occurs at the anode, the gas must 

be oxygen gas.

  b.  A glowing splint placed into a container of this gas 

would burst into $ames if the gas is oxygen.

 20.   "e de#nition had to be changed because chemists 

started to recognize similarities between reactions of 

atoms and compounds with oxygen and reactions of 

the same atoms and compounds with elements other 

than oxygen. "e change in the elements reacting with 

other elements was identical to the change in the same 

elements when they reacted with oxygen.

 21.  Elemental carbon is oxidized to carbon monoxide in 

the reaction: C(s) + O2(g) → CO(g)

  "e carbon monoxide reduces iron in several reactions.

  3Fe2O3(s) + CO(g) → 2Fe3O4(s) + CO2(g)

  Fe3O4(s) + CO(g) → 3FeO(s) + CO2(g)

  FeO(s) + CO(g) → Fe(ℓ) + CO2(g)

 22.   A redox reaction where atoms of one element undergo 

both oxidation and reduction in a single reaction.

  a.  2Cu+(aq) → Cu(s) + Cu2+(aq)

  b.  Oxidation: Cu+(aq) → Cu2+(aq) + e-

  Reduction:  Cu+(aq) + e- → Cu(s)

 23.  "e oxidation number that is calculated according to 

the rules is simply the average oxidation number for 

all of the carbon atoms in the molecule. In cases such 

as this, each carbon atom in the same molecule has 

its own unique oxidation number. In H6C3O(ℓ), the 
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oxidation numbers of the three carbon atoms are -2, 

-3, and +1. !e average is -
 

4
3 .

24.  When the reactant and product of a half reaction that 

is occurring in one cell are both in solution, a surface 

is needed on which the reaction can occur. !is inert 

electrode is the location for electron transfer as the 

half-reaction occurs. !e inert electrode also carries 

the electron "ow to the external circuit of the cell.

25.  Step 1: Balance hydrogen atoms by adding hydrogen 

ions.

Step 2: Add the same number of hydroxide ions to both 

sides as the number of hydrogen ions added in step 1.

Step 3: On the side with hydrogen ions and hydroxide 

ions, combine to form water molecules, and then 

cancel water molecules present on both sides of the 

equation.

Step 4: Balance charges by adding electrons.

26.  Sample answer: For the anode of the galvanic cell, I 

would use lead in a solution of lead sulfate. For the 

cathode, I would use silver in a solution of silver 

sulfate. A power source changes the galvanic cell to an 

electrolytic cell. For the cathode of the electrolytic cell, 

I would use lead in a solution of lead sulfate. For the 

anode, I would use silver in a solution of silver sulfate.

27.  a.   8H+(aq) + MnO4-(aq) + 5e- → 

Mn2+(aq) + 4H2O(ℓ)

b.  SO3
2-(aq) + 2OH-(aq) → 

SO4
2-(aq) + H2O(ℓ) + 2e-

c.  NO3
-(aq) + 7H2O(ℓ) + 8e- → 

NH4
+(aq) + 10OH-(aq)

d.  Re-(aq) + 3H2O(ℓ) → 

ReO3
-(aq) + 6H+(aq) + 6e-

28.  a.  reduction

b.  oxidation

c.  reduction

d.  oxidation

29. a. oxidation: Cd(s) → Cd2+(aq)

Cd(s) → Cd2+(aq) + 2e-  

reduction: 

NO3
-(aq) → NO(g) 

NO3
-(aq) → NO(g) + 2H2O(ℓ)

NO3
-(aq) + 4H+(aq) → NO(g) + 2H2O(ℓ)

NO3
-(aq) + 4H+(aq) + 3e- → NO(g) + 2H2O(ℓ)

multiply oxidation rx. by 3: 

3[Cd(s) → Cd2+(aq) + 2e-]

3Cd(s) → 3Cd2+(aq) + 6e-

multiply reduction rx. by 2: 

2[NO3
-(aq) + 4H+(aq) + 3e- → 

NO(g) + 2H2O(ℓ)]

2NO3
-(aq) + 8H+(aq) + 6e- → 

2NO(g) + 4H2O(ℓ)

combine: 

3Cd(s) + 2NO3
-(aq) + 8H+(aq) + 6e- → 

3Cd2+(aq) + 6e- + 2NO(g) + 4H2O(ℓ)

balance: 

3Cd(s) + 2NO3
-(aq) + 8H+(aq) →

3Cd2+(aq) + 2NO(g) + 4H2O(ℓ)

b.  (!is problem is much more easily done by 

inspection. However, the directions say to use the 

half-reaction method. Because hydroxide ions are 

involved, it will be solved in a basic solution.)

oxidation: Fe2+ → Fe3+

Fe2+ → Fe3+ + e-  

reduction: 

2OH-(aq) + H2O2(ℓ) → 3OH-(aq)

2OH-(aq) + H2O2(ℓ) → 3OH-(aq) + H2O(ℓ)

2OH-(aq) + H2O2(ℓ) + H+(aq) → 

   3OH-(aq) + H2O(ℓ)

   2OH-(aq) + H2O2(ℓ) + H+(aq) + OH-(aq) →

   3OH-(aq) + H2O(ℓ) + OH-(aq)

   2OH-(aq) + H2O2(ℓ) + H2O(ℓ) + 2e- → 

   4OH-(aq) + H2O(ℓ) 

   multiply oxidation rx. by 2: 2[Fe2+ → Fe3+ + e-]

    2Fe2+ → 2Fe3+ + 2e-

   multiply reduction rx. by 1: 

   2OH-(aq) + H2O2(ℓ) + H2O(ℓ) + 2e- → 

   4OH-(aq) + H2O(ℓ)

   combine: 

   2Fe2+ +2OH-(aq) + H2O2(ℓ) + H2O(ℓ) + 2e- →

   2Fe3+ + 2e- + 4OH-(aq) + H2O(ℓ)

   2Fe2+ +2OH-(aq) + H2O2(ℓ) + H2O(ℓ) + 2e- → 

   2Fe3+ + 2e- + 4OH-(aq) + H2O(ℓ)

   balance: 

   2Fe2+ + 2OH-(aq) + H2O2(ℓ) → 

   2Fe3+ + 4OH-(aq)

   2Fe2+ + 2OH-(aq) + H2O2(ℓ) + 2OH-(aq) → 

   2Fe3+ + 4OH-(aq) + 2OH-(aq)

   2Fe(OH)2(aq) + H2O2(ℓ) → 2Fe(OH)3(aq)
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c.  oxidation: I2(s) → IO3
-(aq)

I2(s) → 2IO3
-(aq)

I2(s) + 6H2O(ℓ) → 2IO3
-(aq)

I2(s) + 6H2O(ℓ) → 

2IO3
-(aq) + 12H+(aq)

I2(s) + 6H2O(ℓ) + 12OH-(aq) → 

2IO3
-(aq) + 12H+(aq) + 12OH-(aq)

I2(s) + 6H2O(ℓ) + 12OH-(aq) → 

2IO3
-(aq) + 12H2O(ℓ)

I2(s) + 6H2O(ℓ) + 12OH-(aq) → 

2IO3
-(aq) + 12H2O(ℓ) + 10e-

reduction: I2(s) → I-(aq)

I2(s) → 2I-(aq)

I2(s) + 2e- → 2I-(aq)

multiply oxidation rx. by 1: 

I2(s) + 6H2O(ℓ) + 12OH-(aq) → 

2IO3
-(aq) + 12H2O(ℓ) + 10e-

multiply reduction rx. by 5: 

5I2(s) + 10e- → 10I-(aq)

combine: 

I2(s) + 6H2O(ℓ) + 12OH-(aq) + 5I2(s) + 10e- → 

2IO3
-(aq) + 12H2O(ℓ) + 10e- + 10I-(aq)

   balance: I2(s) + 6H2O(ℓ) + 12OH-(aq) + 5I2(s) →

   2IO3
-(aq) + 12H2O(ℓ) + 10I-(aq)

    6I2(s) + 12OH-(aq) → 

   2IO3
-(aq) + 6H2O(ℓ) + 10I-(aq)

3I2(s) + 6OH-(aq) →

IO3
-(aq) + 3H2O(ℓ) + 5I-(aq) 

30. a.  Assign oxidation numbers:

 

Track electrons:

 

Place coe!cients determined by the gain and loss of 

electrons:

Cr3+(aq) + 3ClO3
-(aq) → Cr2O7

2-(aq) + ClO2(aq)

   Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the chromium and 

chlorine atoms remain as above:

   2Cr3+(aq) + 6ClO3
-(aq) → 

   Cr2O7
2-(aq) + 6ClO2(aq)

   Add water to balance the oxygen atoms:

   2Cr3+(aq) + 6ClO3
-(aq) + H2O(ℓ) →

    Cr2O7
2-(aq) + 6ClO2(aq)

Add hydrogen ions to balance the hydrogen atoms:

2Cr3+(aq) + 6ClO3
-(aq) + H2O(ℓ) →

Cr2O7
2-(aq) + 6ClO2 + 2H+(aq)

b.  Assign oxidation numbers:

Track electrons:

Place coe!cients determined by the gain and loss of 

electrons:

5I-(aq) + MnO4(aq) → I2(s) + Mn2+(aq)

Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the iodine and 

manganese atoms remain as above:

10I-(aq) + 2MnO4
-(aq) → 5I2(s) + 2Mn2+(aq)

Add water to balance the oxygen atoms:

10I-(aq) + 2MnO4
-(aq) → 

5I2(s) + 2Mn2+(aq) + 8H2O(ℓ)

     Add hydrogen ions to 

balance the hydrogen atoms:

   10I-(aq) + 2MnO4
-(aq) + 16H+(aq) → 

  5I2(s) + 2Mn2+(aq) + 8H2O(ℓ)

  c.  Assign oxidation numbers:

    Track electrons:

 

   Place coe!cients determined by the gain and loss of 

electrons:

   CN-(aq) + 2Cu(NH3)4
2+(aq) → 

   2Cu(CN)3
2-(aq) + NH3(g) + CNO-(aq)

   Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the carbon and 

copper atoms remain as above: (Notice that the 

CN- in the Cu(CN)3
2- do not change in oxidation 

number. To help keep them separate from the CN- 

in which the carbon changes oxidation number, add 

another set of CN- ions to the le" side to balance 

those in the Cu(CN)3
2-.)

   CN-(aq) + 2Cu(NH3)4
2+(aq) + 6CN-(aq) →

    2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq)

 

+

++
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   Add water to balance the oxygen atoms:

   CN-(aq) + 2Cu(NH3)4
2+(aq) + 6CN-(aq) + H2O(ℓ)

   → 2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq)

   Add hydrogen ions to balance the hydrogen atoms:

   CN-(aq) + 2Cu(NH3)4
2+(aq) + 6CN-(aq) + H2O(ℓ)

   → 2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq) + 

2H+(aq)

   To both sides, add the number of hydroxide ions 

equal to the number of hydrogen ions.

   CN-(aq) + 2Cu(NH3)4
2+(aq) + 6CN-(aq) + 

H2O(ℓ) + 2OH-(aq) →

   2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq) + 

2H+(aq) + 2OH-(aq)

   Combine H+ and OH- to make water, where 

possible.

   CN-(aq) + 2Cu(NH3)4
2+(aq) + 6CN-(aq)  

+ H2O(ℓ) + 2OH-(aq) → 

   2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq) + 

2H2O(ℓ)

   Cancel water molecules that are on both sides of 

the equation and check to ensure that atoms of all 

elements are balanced. Combine the CN- ions at 

this last step.

   7CN-(aq) + 2Cu(NH3)4
2+(aq) + 2OH-(aq) →

   2Cu(CN)3
2-(aq) + 8NH3(g) + CNO-(aq) + H2O(ℓ)

 31.  a. 2Fe2+(aq) + I2(s) → 2Fe3+(aq) + 2I−(aq)

   2Fe3+(aq) + 2e- → 2Fe2+         E°anode = +0.77 V

   I2(s) + 2e- → 2I−(aq)      E°cathode = +0.54 V

  E°cell = E°cathode - E°anode

     = +0.54 V - 0.77 V

    = -0.23 V

  b.  Au(NO3)3(aq) + 3Ag(s) → 3AgNO3(aq) + Au(s)

   3Ag+(aq) + 3e- → 3Ag(s)          E°anode = +0.80 V

   Au3+(aq) + 3e- → Au(s)         E°cathode = +1.50 V

   E°cell = E°cathode - E°anode

     = +1.50 V - 0.80 V

    = -0.70 V

  c.  H2O2(aq) + 2HCl(aq) → Cl2(g) + 2H2O(ℓ)

   Cl2(g) + 2e- → 2Cl-(g)             E°anode = +1.36 V

   H2O2(aq) + 2H+(aq) + 2e- → 2H2O (ℓ)   

              E°cathode = +1.78 V

   E°cell = E°cathode - E°anode

     = +1.78 V - 1.36 V

    = +0.42 V

 32.  a.  non-spontaneous

  b.  spontaneous

  c.  spontaneous 

 33.  Ionic equation: 

  Cd(s) + Sn2+(aq) + 2NO3
-(aq) →

   Cd2+(aq) + 2NO3
-(aq) + Sn(s)

  Net ionic equation:

  Cd(s) + Sn2+(aq) → Cd2+(aq) + Sn(s)

  a.  A spectator ion does not undergo any changes and 

is found on both sides of the equation in the same 

form. "e nitrate ion is the spectator ion in the 

above reaction. It is removed when the net ionic 

equation is written. 

  b.  Cd(s)

  c.  Sn2+(aq)

  d.  cadmium

  e.  tin

 34.  Student procedures should include an indicator of 

how they plan on identifying the anode and cathode. 

For example, they can suggest allowing the reaction to 

proceed, and then later measure any change in mass 

of the electrodes. "e electrode that gains mass is the 

cathode, and the electrode that loses mass is the anode. 

Alternatively, they could use a galvanometer to observe 

the direction of the current.

 35.  Half-reactions represent oxidations or reductions, 

which never occur independently. "ey are written 

so they have the smallest possible coe#cients, so the 

number of electrons lost in the oxidation half-reaction 

might not be the same as the number of electrons 

gained in the reduction half-reaction. However, when 

combining the half reactions, the electrons must be 

balanced. For each electron “lost” in an oxidation 

reaction, an electron must be “gained” in a reduction 

reaction. Electrons never appear in the overall equation 

for a redox reaction, which is consistent with the fact 

that electrons are not created or destroyed in chemical 

reactions.

 36.  a.  Ca(OH)2(aq) + CO2(g) → CaCO3(s) + H2O(ℓ)

  b.  "e reaction is not a redox reaction because the 

oxidation numbers do not change.

 37.  Students could choose to construct an electrolytic cell 

with an iron nail at the cathode in a solution of any 

cation listed below it on the reactivity series (such as 

zinc or aluminum).

 38.  a.  Fe(s) + HNO3(aq) → Fe2+(aq) + NO(g)

   Use the half-reaction method under acidic 

conditions.

   oxidation: 

   Fe(s) → Fe2+(aq)

   Fe(s) → Fe2+(aq) + 2e- 
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   reduction: 

   NO3
-(aq) → NO(g)

   NO3
-(aq) → NO(g) + 2H2O(ℓ)

   NO3
-(aq) + 4H+(aq) → NO(g) + 2H2O(ℓ)

   NO3
-(aq) + 4H+(aq) + 3e- → NO(g) + 2H2O(ℓ)

   multiply oxidation rx. by 3: 

   3[Fe(s) → Fe2+(aq) + 2e-]

   3Fe(s) → 3 Fe2+(aq) + 6e- 

   multiply reduction rx. by 2: 

   2[NO3
-(aq) + 4H+(aq) + 3e- → NO(g) +   

                   2H2O(ℓ)]

   2NO3
-(aq) + 8H+(aq) + 6e- → 2NO(g) +  

               4H2O(ℓ)

   combine: 

   3Fe(s) + 2NO3
-(aq) + 8H+(aq) + 6e- →

    3 Fe2+(aq) + 6e- + 2NO(g) + 4H2O(ℓ)

   balance: 

   3Fe(s) + 2NO3
-(aq) + 8H+(aq) →

    3Fe2+(aq) + 2NO(g) + 4H2O(ℓ)

   Because you know that the reaction takes place 

in nitric acid, you can add enough nitrate ions 

to neutralize the charge and write the complete 

balanced equation.

   3Fe(s) + 8HNO3(aq) → 

   3Fe(NO3)2(aq) + 2NO(g) + 4H2O(ℓ)

  b.  Fe(NO3)2(aq) + HNO3(aq) → 

   Fe(NO3)3(aq) + NO(g)

   Use the half-reaction method under acidic 

conditions.

   oxidation: 

   Fe2+(aq) → Fe3+(aq)

   Fe2+(aq) → Fe3+(aq) + e- 

   reduction: 

   NO3
- → NO(g)

   NO3
- → NO(g) + 2H2O(ℓ)

   NO3
- + 4H+(aq) →  NO(g) + 2H2O(ℓ)

   NO3
- + 4H+(aq) + 3e- →  NO(g) + 2H2O(ℓ)

   multiply oxidation rx. by 3: 

   3[Fe2+(aq) → Fe3+(aq) + e-]

   3Fe2+(aq) → 3Fe3+(aq) + 3e-

   multiply reduction rx. by 1: 

   NO3
- + 4H+(aq) + 3e- → NO(g) + 2H2O(ℓ)

   combine: 

   3Fe2+(aq) + NO3
- + 4H+(aq) + 3e- → 

   3Fe3+(aq) + 3e- + NO(g) + 2H2O(ℓ)

   balance: 

   3Fe2+(aq) + NO3
- + 4H+(aq) → 

   3Fe3+(aq) + NO(g) + 2H2O(ℓ)

   Because you know that the reaction takes place 

in nitric acid, you can add enough nitrate ions 

to neutralize the charge and write the complete 

balanced equation.

   3Fe(NO3)2(aq) + 4HNO3(aq) → 

   3Fe(NO3)3(aq) + NO(g) + 2H2O(ℓ)

  c.  Fe(s) + HNO3(aq) → Fe3+(aq) + NO(g)

   oxidation: 

   Fe(s) → Fe3+(aq)

   Fe(s) → Fe3+(aq) + 3e- 

   reduction: 

   NO3
-(aq) → NO(g)

   NO3
-(aq) → NO(g) + 2H2O(ℓ)

   NO3
-(aq) + 4H+(aq) → NO(g) + 2H2O(ℓ)

   NO3
-(aq) + 4H+(aq) + 3e- → NO(g) + 2H2O(ℓ)

   multiply oxidation rx. by 1: 

   Fe(s) → Fe3+(aq) + 3e-

   multiply reduction rx. by 1: 

   NO3
-(aq) + 4H+(aq) + 3e- → NO(g) + 2H2O(ℓ)

   combine: 

   Fe(s) + NO3
-(aq) + 4H+(aq) + 3e- →

    Fe3+(aq) + 3e- + NO(g) + 2H2O(ℓ)

   balance: 

   Fe(s) + NO3
-(aq) + 4H+(aq) → 

   Fe3+(aq) + NO(g) + 2H2O(ℓ)

   Because you know that the reaction takes place 

in nitric acid, you can add enough nitrate ions 

to neutralize the charge and write the complete 

balanced equation.

   Fe(s) + 4HNO3(aq) → 

   Fe(NO3)3(aq) + NO(g) + 2H2O(ℓ)

  d.  !ese all represent corrosion reactions.

 39.  a.  oxidation: 

   Zn(s) → Zn2+(aq)

   Zn(s) → Zn2+(aq) + 2e- 

   reduction:  

  MnO2(s) → Mn2O3(s)    

   2MnO2(s) → Mn2O3(s)

   2MnO2(s) → Mn2O3(s) + H2O(ℓ)

   2MnO2(s) + 2H+(aq) → Mn2O3(s) + H2O(ℓ)

   2MnO2(s) + 2H+(aq) + 2OH-(aq) →

    Mn2O3(s) + H2O(ℓ) + 2OH-(aq)

   2MnO2(s) + 2H2O(ℓ) → 

   Mn2O3(s) + H2O(ℓ) + 2OH-(aq)

   2MnO2(s) + 2H2O(ℓ) +2e- →

   Mn2O3(s) + H2O(ℓ) + 2OH-(aq)

   multiply oxidation rx. by 1: 

   Zn(s) → Zn2+(aq) + 2e-

   multiply reduction rx. by 1: 

   2MnO2(s) + 2H2O(ℓ) + 2e- → 

   Mn2O3(s) + H2O(ℓ) + 2OH-(aq)
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combine: 

Zn(s) + 2MnO2(s) + 2H2O(ℓ) + 2e- → 

Zn2+(aq) + 2e- + Mn2O3(s) + H2O(ℓ) +

2OH-(aq)

balance: 

Zn(s) + 2MnO2(s) + H2O(ℓ) → 

Zn2+(aq) + Mn2O3(s) + 2OH-(aq)

b.  Anode: Zn(s); cathode: graphite rod

40.  a.  Cl2O7(aq) + H2O(ℓ) → 2HClO4(aq) 

Assign oxidation numbers:

!e oxidation numbers do not change; therefore, 

this is not a redox reaction.

b.  Assign oxidation numbers:

   !e oxidation number for iodine increases and the 

oxidation number for chlorine decreases, so this is a 

redox reaction.

oxidizing agent: ClO3
-(aq); 

reducing agent: I2(s)

oxidation:

I2(s) → IO3
-(aq)

I2(s) → 2IO3
-(aq)

I2(s) + 6H2O(ℓ) → 2IO3
-(aq)

I2(s) + 6H2O(ℓ) → 2IO3
-(aq) + 12H+(aq)

I2(s) + 6H2O(ℓ) → 2IO3
-(aq) + 12H+(aq) + 10e-  

reduction: 

ClO3
-(aq) → Cl-(aq)

ClO3
-(aq) → Cl-(aq) + 3H2O(ℓ)

ClO3
-(aq) + 6H+(aq) → Cl-(aq) + 3H2O(ℓ)

   ClO3
-(aq) + 6H+(aq) + 6e- → Cl-(aq) + 3H2O(ℓ)

   multiply oxidation rx. by 3: 

   3[I2(s) + 6H2O(ℓ) →2IO3
-(aq) + 6H+(aq) + 10e-]

3I2(s) + 18H2O(ℓ) → 

6IO3
-(aq) + 18H+(aq) + 30e- 

   multiply reduction rx. by 5: 

   5[ClO3
-(aq) + 6H+(aq) + 6e- → 

   Cl-(aq) +3H2O(ℓ)]

5ClO3
-(aq) + 30H+(aq) + 30e- → 

5Cl-(aq) + 15H2O(ℓ)

   combine: 

   3I2(s) + 18H2O(ℓ) + 5ClO3
-(aq) + 30H+(aq) + 

30e- 

   → 6IO3
-(aq) + 36H+(aq) + 30e- + 5Cl-(aq)  

+ 15H2O(ℓ)

   balance: 

   3I2(s) + 3H2O(ℓ) + 5ClO3
-(aq) → 

   6IO3
-(aq) + 6H+(aq) + 5Cl-(aq)  

c.  Assign oxidation numbers:

   !e oxidation numbers changed, so this is a redox 

reaction.

Sulfur’s oxidation number went from -2 to +6, so it 

was oxidized; thus S2-(aq) is the reducing agent.

Bromine’s oxidation number went from 0 to -1, so 

it was reduced; thus Br2(g) is the oxidizing agent.

oxidation:  

S2-(aq) → SO4
2-(aq)

S2-(aq) + 4H2O(ℓ) → SO4
2-(aq)

S2-(aq) + 4H2O(ℓ) → SO4
2-(aq) + 8H+(aq)

S2-(aq) + 4H2O(ℓ) + 8OH-(aq)→ 

SO4
2-(aq) + 8H+(aq) + 8OH-(aq)

S2-(aq) + 4H2O(ℓ) + 8OH-(aq)→ 

SO4
2-(aq) + 8H2O(ℓ)

S2-(aq) + 4H2O(ℓ) + 8OH-(aq)→ 

SO4
2-(aq) + 8H2O(ℓ) + 8e-

reduction: Br2(ℓ) → Br-(aq)

Br2(ℓ) → 2Br-(aq)

Br2(ℓ) + 2e- → 2Br-(aq)

multiply oxidation rx. by 1:  

S2-(aq) + 4H2O(ℓ) + 8OH-(aq)→ 

SO4
2-(aq) + 8H2O(ℓ) + 8e-

multiply reduction rx. by 4: 

4[Br2(ℓ) + 2e- → 2Br-(aq)]

4Br2(ℓ) + 8e- → 8Br-(aq)

combine: 

S2-(aq) + 4H2O(ℓ) + 8OH-(aq) + 4Br2(ℓ) + 8e-

 → SO4
2-(aq) + 8H2O(ℓ) + 8e- + 8Br-(aq)

balance:  

S2-(aq) + 8OH-(aq) + 4Br2(ℓ) →

SO4
2-(aq) + 4H2O(ℓ) + 8Br-(aq)

d.  Assign oxidation numbers:

   !e oxidation numbers changed, so this is a redox 

reaction.

Nitrogen’s oxidation number went from +5 to +2, 

so it was reduced; thus HNO3(aq) is the oxidizing 

agent.

Sulfur’s oxidation number went from -1 to 0, so it 

was oxidized; thus H2S(g) is the reducing agent.

Track electrons:

 

(ℓ) (ℓ)

(ℓ)

(ℓ)

(ℓ)(ℓ)
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Place coe�cients determined by the gain and loss of 

electrons:

2HNO3(aq) + 3H2S(g) → NO(g) + S(s) + H2O(ℓ)

Because this is a neutral solution, you can now 

balance everything while ensuring that the ratios of 

the nitrogen and sulfur atoms remain as above:

2HNO3(aq) + 3H2S(g) → 

2NO(g) + 3S(s) + 4H2O(ℓ)

41.  a.  oxidizing agent: Ag+(aq); reducing agent: Cu(s)

b.  oxidizing agent: the iodine in IO3
-(aq) ; reducing 

agent: Mg(s)

42.  a.  spontaneous

b.  spontaneous

43.  a.  Because the reaction was spontaneous, element A 

must be a stronger reducing agent.

b.  B would most likely have the larger electronegativity.

44.  a.   oxidation numbers: !e C2H5OH does not ionize so 

it is not feasible to write half reactions.

b.  oxidizing agent: the chromium in Cr2O7
2-; reducing 

agent: the carbon in the ethanol

c.  Assign oxidation numbers:

 

Track electrons:

(ℓ) (ℓ)

Notice that there are two chromium atoms each 

gaining three electrons for a total of six, and two 

carbon atoms each losing six electrons for a total of 

twelve. Place coe�cients determined by the gain and 

loss of electrons:

2Cr2O7
2–(aq) + C2H5OH(ℓ) → Cr3+(aq) + CO2(g) 

Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the chromium and 

carbon atoms remain as above:

2Cr2O7
2–(aq) + C2H5OH(ℓ) → 

4Cr3+(aq) + 2CO2(g) 

Add water to balance the oxygen atoms:

2Cr2O7
2–(aq) + C2H5OH(ℓ) → 

4Cr3+(aq) + 2CO2(g) + 11H2O(ℓ)

Add hydrogen ions to balance the hydrogen atoms:

2Cr2O7
2–(aq) + C2H5OH(ℓ) + 16H+(aq) → 

4Cr3+(aq) + 2CO2(g) + 11H2O(ℓ)

To both sides, add the number of hydroxide ions 

equal to the number of hydrogen ions.

2Cr2O7
2–(aq) + C2H5OH(ℓ) + 16H+(aq) + 

16OH–(aq) → 

4Cr3+(aq) + 2CO2(g) + 11H2O(ℓ) + 16OH–(aq)

Combine H+ and OH– to make water, where 

possible.

2Cr2O7
2–(aq) + C2H5OH(ℓ) + 16H2O(ℓ) → 

4Cr3+(aq) + 2CO2(g) + 11H2O(ℓ) + 16OH–(aq)

Cancel water molecules that are on both sides of 

the equation and check to ensure that atoms of all 

elements are balanced. 

2Cr2O7
2–(aq) + C2H5OH(ℓ) + 5H2O(ℓ) →

   4Cr3+(aq) + 2CO2(g) + 16OH–(aq)

 45.  Cathode: K+(ℓ) + e- → K(ℓ)

  Anode: 2F-(ℓ) → F2(g) + 2e-

  Overall reaction: 2K+(ℓ) + 2F-(ℓ) → 2K(ℓ) + F2(g)

 46.  Electrolyte: H2SO4(aq); anode: Pb(s); cathode: PbO2(s)

 47.  Assign oxidation numbers:

 

  Track electrons:

 

Notice that there are two carbon atoms, each of which 

lost one electron, making a total of two electrons. 

Place coe�cients determined by the gain and loss of 

electrons:

2MnO4
-(aq) + 5C2O4

2-(aq) → Mn2+(aq) + CO2(g)

  Balance everything except oxygen and hydrogen while 

ensuring that the ratios of the chromium and carbon 

atoms remain as above:

2MnO4
-(aq) + 5C2O4

2-(aq) →

  2Mn2+(aq) + 10CO2(g)

Add water to balance the oxygen atoms:

  2MnO4
-(aq) + 5C2O4

2-(aq) → 

2Mn2+(aq) + 10CO2(g) + 8H2O(ℓ)

  Add hydrogen ions to balance the hydrogen atoms:

2MnO4
-(aq) + 5C2O4

2-(aq) + 16H+(aq) →

  2Mn2+(aq) + 10CO2(g) + 8H2O(ℓ)

(ℓ) (
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 48. 

 49.  Carbon monoxide is produced by heating carbon (in 

the form of coke) to 2000oC. �is heated limestone 

and carbon monoxide that acts as the reducing agent 

for the ore, react with the iron(III) oxide in a series of 

processes that lead to the formation of liquid iron. �e 

following are the reactions involved:

  3Fe2O3(s) + CO(g) → 2Fe3O4(s) + CO2(g)

  CaCO3(s) → CaO(s) + CO2(g)

  Fe3O4(s) + CO(g) → 3FeO(s) + CO2(g)

  C(s) + CO2(g) → 2CO

  FeO(s) + CO(g) → Fe(ℓ) + CO2(g)

 50.  A!er smelting, there are still some impurities in 

the iron. Purifying (or re"ning) this allows the iron 

(at this point called pig iron) into steel. Molten pig 

iron is poured into an upright vessel. Oxygen gas is 

pumped into the vessel over the iron. Lime, CaO(s), is 

then poured into the mixture. �e impurities oxidize 

much more readily than does the iron. �ese oxidized 

compounds then react with the lime, according to the 

reactions shown here:

  SiO2(s) + CaO(s) → CaSiO3(ℓ)

  P4O10(ℓ) + 6CaO(s) → 2Ca3(PO4)2(ℓ)

  �e reactions produce a liquid called slag. �e slag is 

less dense than the molten iron and therefore #oats. 

When the reactions are complete, the vessel is tilted, 

and the slag poured o$. �e re"ned steel is then 

recovered.

 51.  a.  Students should emphasize that oxidation occurs 

when an atom “loses” electrons and reduction 

occurs when an atom “gains” electrons, and that 

neither process occurs independently of the other. 

�ey may include sample half-reactions and redox 

equations showing oxidation numbers.

  b.  Galvanic cells convert chemical energy to electrical 

energy through spontaneous redox reactions. 

Electrolytic cells convert electrical energy to 

chemical energy by providing a source of energy to 

force a non-spontaneous redox reaction to occur. 

Students should include the idea that galvanic 

cells are essentially the reverse of electrolytic cells. 

Students should provide an example, including a 

diagram, of each type of cell.

 52.    

 a.  Anode:  Fe(s) → Fe2+(aq) + 2e-

  Cathode:  O2(g) + 2H2O(ℓ) + 4e- → 4OH-(aq)

 b.  Overall reaction:  

  2Fe(s) + O2(g) + 2H2O(ℓ) →

  2Fe2+(aq) + 4OH-(aq)

 53.  a.  A disproportionation reaction occurs when one (or 

more) atom of an element is oxidized and another 

atom (or atoms) of the same element is reduced in 

the same reaction.

  b.  3ClO-(aq) → 2Cl-(aq) + ClO3
-(aq)

  54.  �e ad should be written in plain language and 

emphasize the following:

button batteries are easily swallowed

if swallowed, button batteries can lodge in the 

esophagus

body #uids will provide electrolytes necessary to 

activate the battery

current will #ow through the #uids, causing chemical 

reactions that produce strongly alkaline compounds, 

which will cause severe burns to the tissues within 

two hours of swallowing

voltmeter

anode salt bridge cathode

Mg

Mg

2e- 2e-

Zn

KCl

Mg2+

Cl– K+ Zn2+

ZnSO4MgSO4

Zn

(-) (+)

e-e-

anode cathode

water

air

rust

iron

O2

Fe
2+

e
-
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55.  a. 

Since the two electrodes are both made of copper, 

and neither water nor sulfate ions will create a 

potential di�erence in the cell, the cell potential is 

zero. 

b.  By adding an external source of electrons to create 

an anode and a cathode, the cell can be operated 

as an electrolytic cell. !e copper metal anode will 

decrease in mass and the copper metal cathode will 

increase in mass.

56.  Reports should include the type of fuel cells chosen for 

the station and why they were selected. !ere should 

be a little information about the mechanisms used by 

the fuel cells to produce electrical energy. !e reports 

should also compare the amount of energy produced 

by the fuel cells with the energy produced by the solar 

arrays also used on the Space Station. 

57.  a.  !e solution would have a bluish colour to it, as 

copper(II) ions would now be in solution, and 

there would be spikes of silver (almost like a mossy 

covering) on the surface of the copper wire as the 

silver ions came out of solution as solid silver.

b.  !is is a redox reaction, as Ag+(aq) became Ag(s) 

(a reduction) and Cu(s) became Cu2+(aq) (an 

oxidation).

58.  !e graphic organizer should include the following 

steps:

Step 1:  Write unbalanced half-reactions that show the 

formulas of the given reactant(s) and product(s).

Step 2:  Balance any atoms other than oxygen and 

hydrogen "rst.

Step 3:  Balance any oxygen atoms by adding water 

molecules.

Step 4:  Balance any hydrogen atoms by adding 

hydrogen ions.

Step 5:  Balance the charges by adding electrons.

59.  Students should create a cyclic drawing of the #ow of 

electrons as follows:

Start (anode) → wire → voltmeter → wire  → cathode  

→ ions in reduction half cell migrate to cathode where 

they accept the electrons and become metal atoms on 

the electrode

!e electrons do not leave the cathode. !e remainder 

of the current that completes the circuit is carried by 

ions in the solution.

60.  A button battery is much smaller than an alkaline 

battery and thus can be used for things such as hearing 

aids, pacemakers, and smaller cameras and calculators. 

!e two batteries have approx the same voltage  

of 1.5 V.

Alkaline battery: 

Zn(s) + MnO2(s) + H2O(ℓ) → ZnO(s) + Mn(OH)2(s)

  Button battery: 

  Zn(s) + HgO(s) → ZnO(s) + Hg(ℓ)

 61.  !e Downs cell and the chlor-alkali process are 

similar in that they both produce chlorine gas through 

oxidation of chloride ions from sodium chloride. In the 

chlor-alkali process, a saturated aqueous solution of 

sodium chloride (brine) is electrolyzed. !e products 

are chlorine gas, hydrogen gas, and sodium hydroxide. 

A Downs cell, in contrast, electrolyzes molten sodium 

chloride. !e products are sodium metal and chlorine 

gas. To maintain the sodium chloride as a liquid, the 

reaction in a Downs cell must be carried out at a very 

high temperature (about 600°C). !is is not necessary 

in the chlor-alkali process.

 62.  a to c

  d.  Anode: Mg(s) → Mg2+(aq) + 2e-

Cathode: Ag+(aq) + e- → Ag(s)

  e.  Mg(s) + 2Ag+(aq) → Mg2+(aq) + 2Ag(s)

+

+ –

–

power

supply

electrolytic re!ning of copper

copper

cathode

(impure Cu)

copper

anode

(pure Cu)

CuSO4

solution

e- e-

anode

Mg(NO3)2 AgNO3

cathode

voltmeter

Mg Ag

KNO3
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  f.  Mg2+ + 2e-→ Mg(s)          E°anode = –2.37 V

   Ag+(aq) + e- → Ag(s)                E°cathode = + 0.80 V

   E°cell = E°cathode - E°anode

   = +0.80 V - (-2.37 V)

   = 3.17 V

  g.  Mg(s) | Mg2+(aq) || Ag+(aq) | Ag(s)

 63.  !e internal make up of the cell must be such that the 

reversible process can occur safely and not overheat. 

!e internal arrangement of materials in a rechargeable 

battery allow for the safe reversal of the process, which 

tends to be expensive in the manufacturing process. 

A disposable battery reduces cost by not taking the 

reversibility of the chemical process into account.

 64.  a.  An electrolytic cell drives a non-spontaneous 

reaction, meaning that E°cell is negative. Since 

   E°cell = E°cathode - E°anode and E°anode is 0 V, 

   E°cathode must be negative.

  b.  Since E°cell = E°cathode - E°anode and E°cathode is 0 V, 

E°anode must be positive for E°cell to be negative.

 65.  For reactions that use only molecular compounds, the 

oxidation number method is easier.

 66.  All reports should include the concepts of cost for 

the lithium ion battery packs and the limited range of 

electric cars as well as their limited speed and pick up 

power in some situations.

 67.  !e mass increase and the mass decrease are related 

through moles and, because the mass of a mole of one 

element is di"erent from the mass of a mole of another 

element, there is no correlation between the mass 

increase or one electrode and the mass decrease in the 

other electrode.

 68.  !e acidic solution of the tomatoes would cause the 

iron in the steel to rust. As a result, as the can ages, 

more iron would continue to move into solution, while 

weakening the can itself until the can fails to hold the 

liquid. 

 69.  a.  6H2O(ℓ) → 

   O2(g) + 2H2(g) + 4OH-(aq) + 4H+(aq)

  b.  E°cell = E°cathode - E°anode

   = -0.42 V - 0.82 V

   = -1.24 V

  c.  It is non-spontaneous.

  d.  !e values do not represent standard conditions. It is 

not possible to create a 1.0 mol/L “solution” of water 

because pure water is about 55 mol/L.

 

  70.  Answers will depend on the biological process 

selected, but in all cases, the student must include a 

brief description of the process as well as the redox 

chemistry involved in the process.

Answers to Unit 5 Self-Assessment Questions

(Student textbook pages 692-3)

 1.  e

 2.  b

 3. c

 4. e

 5.  a

 6.  d

 7.  a

 8.  d

 9.  d

 10.  c

 11. Oxidation was originally de#ned as the reaction of an 

atom or compound with oxygen. Since then, oxidation 

has been rede#ned as a reaction in which electrons are 

lost.

  4Na(s) + O2(g) → 2Na2O(s)

  Ionic equation: 

  4Na(s) + O2(g) → 4Na+(s) + 2O2
-(s)

  2Na(s) + Cl2(g) → 2NaCl(s)

  Ionic equation: 

  2Na(s) + Cl2(g) → 2Na+(s) + 2Cl-(s)

  !e modern de#nition of oxidation describes chemical 

reactions that resemble the reaction with oxygen, but 

with compounds other than oxygen. In both cases, 

electrons are lost by the sodium atoms.

 12.  a.  N = +3

  b. P = +5

  c.  Si = +4

  d.  N = -3, H = +1, S = +6, O = -2

 13.  In this reaction, aluminum goes from an oxidation 

number of 0 to +3, indicating that is has been 

oxidized, while the oxygen goes from 0 to -2, 

indicating that it has been reduced.



 MHR 45

14.  

b. 

15.  With moisture and salts within the ground, the iron 

in the steel pipe can corrode through oxidation. �is 

would result in weakened areas along the pipeline that 

could eventually cause a leak. �e zinc wire running 

alongside the steel pipe will act as a sacri�cial anode 

and the zinc (a stronger reducing agent than the iron) 

will go through oxidation instead of the pipe. �e zinc 

can periodically be replaced as it is used in the process 

of protecting the pipeline from corrosion.

16.  a.  Hg2
2+(aq) + 2e- → 2Hg

b.  4H+(aq) + TiO2(s) + 2e- → Ti2+(aq) + 2H2O(ℓ)

c.  18OH-(aq) + I2(s) →

2H3IO6
3-(aq) + 6H2O(ℓ) + 12e-

17.  No. An oxidation number of -2 for oxygen in a water 

molecule means that the oxygen atom attracts electrons 

more strongly than the hydrogen atom. �at is, oxygen 

has a higher electronegativity than hydrogen. �us, the 

electrons that are shared by the oxygen atom and the 

hydrogen atoms in a water molecule are all considered 

to “belong” to the oxygen atom. �us, when a water 

molecule forms, the oxygen atom is considered to 

have gained two electrons and each hydrogen atom is 

considered to have lost an electron.  

18.  b. aqueous nickel sulfate and metallic zinc

19.  �e graphic organizer should include the following 

steps:

Step 1: Write unbalanced half-reactions that show the 

formulas of the given reactant(s) and product(s).

Step 2: Balance any atoms other than oxygen and 

hydrogen �rst.

Step 3: Balance any oxygen atoms by adding water 

molecules.

Step 4: Balance any hydrogen atoms by adding 

hydrogen ions.

Step 5: Adjust for basic conditions by adding to both 

sides the same number of hydroxide ions as the 

number of hydrogen ions already present.

Step 6: Simplify the equation by combining hydrogen 

ions and hydroxide ions that appear on the same side 

of the equation into water molecules.

Step 7: Cancel any water molecules present on both 

sides of the equation.

Step 8: Balance the charges by adding electrons.

20. 

21.  a.  Assign oxidation numbers:

Track electrons:

Place coe!cients determined by the gain and loss of 

electrons:

2Cr3+(aq) + ClO3
-(aq) → CrO4

2-(aq) + Cl-(aq)

   Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the chromium and 

chlorine atoms remain as above:

   2Cr3+(aq) + ClO3
-(aq) → 2CrO4

2-(aq) + Cl-(aq)

 

e-

ZnSO4(aq) CuSO4(aq)

cathodeanode

voltaic cell

salt bridge
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- +

Cu

e- e-

cathode

ZnSO4(aq) CuSO4(aq)

anode

electrolytic cell

salt bridge

battery
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water

air
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O2

Fe
2+

e
-



46 MHR  

Add water to balance the oxygen atoms:

2Cr3+(aq) + ClO3
-(aq) + 5H2O(ℓ) →

 2CrO4
2-(aq) + Cl-(aq)

Add hydrogen ions to balance the hydrogen atoms:

2Cr3+(aq) + ClO3
-(aq) + 5H2O(ℓ)→ 

2CrO4
2-(aq) + Cl-(aq) + 10H+(aq) 

b.  Assign oxidation numbers:

Track electrons:

Place coe!cients determined by the gain and loss of 

electrons:

2ClO2(g) + SbO2
-(aq) → 

ClO2
-(aq) + Sb(OH)6

-(aq) 

Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the chlorine and 

antimony atoms remain as above:

2ClO2(g) + SbO2
-(aq) → 

2ClO2
-(aq) + Sb(OH)6

-(aq) 

Add water to balance the oxygen atoms:

2ClO2(g) + SbO2
-(aq) + 4H2O(ℓ) → 

2ClO2
-(aq) + Sb(OH)6

-(aq) 

Add hydrogen ions to balance the hydrogen atoms:

2ClO2(g) + SbO2
-(aq) + 4H2O(ℓ) → 

2ClO2
-(aq) + Sb(OH)6

-(aq) + 2H+(aq)

To both sides, add the number of hydroxide ions 

equal to the number of hydrogen ions.

2ClO2(g) + SbO2
-(aq) + 4H2O(ℓ) + 2OH-(aq) →

   2ClO2
-(aq) + Sb(OH)6

-(aq) + 2H+(aq) 

+ 2OH-(aq)

Combine H+ and OH- to make water, where 

possible.

2ClO2(g) + SbO2
-(aq) + 4H2O(ℓ) + 2OH-(aq) →

 2ClO2
-(aq) + Sb(OH)6

-(aq) + 2H2O(ℓ)

Cancel water molecules that are on both sides of the 

equation and check to ensure that atoms of 

all elements are balanced. 

2ClO2(g) + SbO2
-(aq) + 2H2O(ℓ) + 2OH-(aq) → 

2ClO2
-(aq) + Sb(OH)6

-(aq)  

c.  Assign oxidation numbers:

Track electrons:

Place coe!cients determined by the gain and loss of 

electrons:

2HNO3(aq) + 3H3AsO3(aq) →

 NO(g) + H3AsO4(aq)

Balance everything except oxygen and hydrogen 

while ensuring that the ratios of the nitrogen and 

arsenic atoms remain as above:

   2HNO3(aq) + 3H3AsO3(aq) → 

2NO(g) + 3H3AsO4(aq) 

   Add water to balance the oxygen atoms:

2HNO3(aq) + 3H3AsO3(aq) →

   2NO(g) + 3H3AsO4(aq) + H2O(ℓ)

"is obviously occurs in an acidic solution because 

of the presence of nitric acid in the reactants. 

However, the hydrogen ions are combined with the 

nitrate ion so just check to see that the hydrogen 

atoms are balanced. 

   "ere are two hydrogen atoms on each side so the 

equation is balanced.

 22.  Due to the high demand for sodium hydroxide and 

chlorine gas for many industrial processes and in the 

manufacturing of many materials used every day, the 

chlor-alkali process is the important industrial process 

where an aqueous solution of sodium hydroxide is 

electrolyzed to produce chlorine gas, and sodium 

hydroxide. Hydrogen gas is also a product of the 

process.

 23.  Sn(s) | Sn2+(aq) || Fe3+(aq), Fe2+(aq) | Pt (s)

24. "e mass of an anode always decreases when the 

material is involved in the oxidation half-reaction. 

"is is due to the fact that at the anode, the metal 

atoms are oxidized and becomes ions that go into 

solution. Likewise, at the cathode, ions in the solution 

are reduced (accept electrons) and become metal 

atoms that are deposited on the cathode. As a result, 

the cathode mass increases. "erefore, the anode in 

the process was electrode 2 and electrode 1 was the 

cathode.

25. a. Reactants: sodium chloride (and calcium chloride 

to simply lower the melting point, so it is not really 

considered a reactant). 

   Products: chlorine gas, liquid sodium

b. Anode: 2Cl-(ℓ) → Cl2(g) + 2e-

   Cathode: Na+(ℓ) + e- → Na(ℓ)


