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INTRODUCTORY ELECTROCHEMISTRY CHEM319

Introduction

Predict what might happen when a piece of copper wire in a solution of 2% AgNO3. 

If you try this experiment, you will initially see that the copper is a shiny copper color and the solution is clear. In less than one hour the solution is light blue and the wire is covered with shiny silver needles. What happened? 

Copper metal became copper ions in solution and silver ions became silver metal. 

Cu(s) + Ag+(aq) 
The Cu(s) loses electrons to become Cu2+(aq) ions and the Ag+(aq) ions gain electrons to become Ag(s). 

Reactions that involve the exchange of electrons are called reduction and oxidation (redox) reactions. When a chemical species loses electrons we say that it is oxidized, and when a chemical species gains electrons we say that it is reduced. 

The Cu(s) loses electrons to be oxidized to Cu2+(aq).
The Ag+(aq) gain electrons to be reduced to Ag(s). 

We can break the reaction into the following two half reactions. 

Cu(s) [image: image1.png]


Cu2+(aq) + 2e- 

Ag+(aq) + e- [image: image2.png]


Ag(s) 

What would you predict if you placed a piece of Ag metal in a solution of Cu2+? 

Since we observed that the reaction of Ag+ and Cu is spontaneous, we would not expect the reverse reaction to be spontaneous. So no reaction occurs between Ag metal and Cu2+. 

Electrochemical Cells

Introduction

Consider the spontaneous reaction of Zn metal in a solution of Cu2+: 

Zn(s) + Cu2+(aq) [image: image3.png]


Zn2+(aq) + Cu(s)     [image: image4.png]


Go = -212.6 kJ/mol 

If we just dump the reactants (Zn metal and Cu2+) together, they react to produce Zn2+, Cu metal, and heat. We can capture this energy by setting up an electrochemical cell to separate the two half reactions. 

[image: image5.png]



	Zn(s) [image: image6.png]


Zn2+(aq) + 2e-
	 
	Cu2+(aq) + 2e- [image: image7.png]


Cu(s)


In this set-up Zn is being oxidized in one cell and Cu2+ is being reduced in the other cell. The Zn electrode appears corroded due to loss of Zn into solution, and the Cu electrode is being plated with Cu from solution. The salt bridge is a tube filled with a saturated KNO3 solution. It has frits on the ends that prevent mixing of the solutions but allowing ions to pass through. As the cell operates Zn2+ is produced in one cell and Cu2+ is removed from the other cell. Ions move through the salt bridge to keep the individual cells electrically neutral. 

The driving force is the same for the case of just mixing the reactants. By separating the two half reactions, the electrons must travel through the wire and we can use the electrical energy. In the sketch above the electrical energy powers a light bulb. 

When we first set up this electrochemical cell and complete the circuit, we could measure a voltage through the wire. As the reaction proceeds, the system approaches equilibrium and the voltage would eventually go to zero. 

Batteries are electrochemical cells that convert chemical energy to electrical energy. The reactants in batteries are at non-equilibrium concentrations. As you use them, the reactants form products to approach equilibrium and the voltage drops until the battery is no longer usable. 

Balancing Redox Reactions

Balancing Half-Reactions

1. Balance the atoms being oxidized or reduced. 

2. Balance oxidation numbers by adding electrons. 

3. Balance charge by adding H+ (acidic solutions) or OH- (basic solutions). 

4. Balance H atoms by adding H2O. 

Balancing Redox Reactions

1. Write the half reactions. 

2. Balance each half reaction. 

3. Combine the half reactions to eliminate the electrons from the overall reaction. 

Example

Fe2+(aq) + MnO4-(aq) [image: image8.png]


Fe3+(aq) + Mn2+(aq) (acidic solution) 

1. Write the half reactions: 

Fe2+(aq) [image: image9.png]


Fe3+(aq) (oxidation) 

MnO4-(aq) [image: image10.png]


Mn2+(aq) (reduction) 

2. Balance each half reaction: 

Fe2+(aq) [image: image11.png]


Fe3+(aq) + e- 

MnO4-(aq) + 8H+(aq) + 5e- [image: image12.png]


Mn2+(aq) + 4H2O 

3. Combine the half reactions to give the overall reaction: 

                    5Fe2+(aq) [image: image13.png]


 5Fe3+(aq) + 5e-


     MnO4-(aq) + 8H+(aq) + 5e- [image: image14.png]


 Mn2+(aq) + 4H2O


------------------------------------------------------------


5Fe2+(aq) + MnO4-(aq) + 8H+(aq) [image: image15.png]


 5Fe3+(aq) + Mn2+(aq) + 4H2O

Try balancing the lead-acid battery reaction: 

Pb(s) + PbO2 (s) + SO42-(aq) [image: image16.png]


PbSO4(s) 

Standard Reduction Potentials

Introduction

Consider again the spontaneous reaction of Zn metal in a solution of Cu2+. 
    Zn(s) + Cu2+(aq) [image: image17.png]


Zn2+(aq) + Cu(s) 

Without doing the experiment, could we have predicted that this reaction would be spontaneous as written? 

We can calculate [image: image18.png]


Go, or we can calculate a related quantity, Eo. 

First write the half-reactions as reductions: 

Cu2+(aq) + 2e- [image: image19.png]


Cu(s)     Eored = +0.340 V
Zn2+(aq) + 2e- [image: image20.png]


Zn(s)     Eored = -0.763 V 

Eored are the standard reduction potentials for these two half-reactions, which are taken from tables of data. 

The half-reaction with the more positive Eored will occur as written (as a reduction). 

So for the Cu2+ and Zn2+ half-reactions, the Cu2+ Eo (+0.340 V) is more positive than the Zn2+ Eo (-0.763 V), so the Cu2+ will be reduced, and Zn metal will be oxidized. 

To find the voltage produced by an electrochemical cell we simply sum all of the potentials in the circuit. 
    Eocell = [image: image21.png]


Eohalf-reactions 

For simple cells:
Eocell = Eored + Eoox 

The Eo of an oxidation half-reaction is the negative of the Eo of the reduction half-reaction. 

For the Cu and Zn example: Eocell = 0.340 V + -(-0.763 V) = 1.103 V 

When balancing reactions we sometimes multiply one or both half reactions by a factor so the electrons cancel. The Eo values do NOT get multiplied by these factors. 



More about Eored Values

Eored is the standard reduction potential and is measured relative to: 
    2H+(aq) + 2e- [image: image22.png]


H2(g) 
which is assigned the value Eored = 0.00 V 

A positive Eored means that a half-reaction will go in the direction indicated (reduction) when paired with the hydrogen half-reaction:
Cu2+(aq) + 2e- [image: image23.png]


Cu(s)     Eored = +0.340 V
H2(g) [image: image24.png]


2H+(aq) + 2e-     Eored = 0.00 V 

A negative Eored means that a half-reaction will go in the opposite direction indicated (oxidation) when paired with the hydrogen half-reaction:
2H+(aq) + 2e- [image: image25.png]


H2(g)     Eored = 0.00 V
Zn(s) [image: image26.png]


Zn2+(aq) + 2e-     Eored = -0.763 V 

In general for any two half-reactions, the half-reaction with the more positive Eored will proceed as a reduction, and the other half-reaction will proceed as an oxidation. 

Note that for a reaction to occur the appropriate species must be present. One species must be reduced and another must be oxidized. 

The species that is reduced is called an oxidizing agent and the species that is oxidized is called a reducing agent. 



Example

Find a chemical species that will convert Ag+(aq) to Ag(s) without converting Cu+(aq) to Cu(s). 

First determine what type of reaction occurs. The conversion of Ag+(aq) to Ag(s) is a reduction (the silver oxidation state goes from +1 to 0). 

The half-reaction is:
    Ag+(aq) + e- [image: image27.png]


Ag(s)     Eored = 0.799 V 

First, do we need a half-reaction with a more positive or more negative Eored value than the silver half reaction? Since converting Ag+(aq) to Ag(s) is a reduction, we want a half-reaction that will go as an oxidation. That means we want a half reaction with a more negative Eored value than the Eored for silver. 

Looking in a table of standard reduction potentials, all half reactions with Eored values more negative than 0.799 V will reduce Ag+(aq) to Ag(s). 

We don't want to reduce Cu+(aq) to Cu(s). The half-reaction is:
    Cu+(aq) + e- [image: image28.png]


Cu(s)     Eored = 0.518 V 

So we want a half reaction that has an Eored value less than 0.799 V but not less than or equal to 0.518 V. 

Some choices are: 
I2 (s) + 2e- [image: image29.png]


I-(aq)     Eored = 0.534 V 
Fe3+(aq) + e- [image: image30.png]


Fe2+(aq)     Eored = 0.769 V 
Hg22+(aq)(aq) + 2e- [image: image31.png]


2Hg(l)     Eored = 0.796 V 

The Ag+(aq) must react with something that can be oxidized. Species that can be oxidized are on the right side of the equation for reduction half reactions. Our choices are therefore I-(aq), Fe2+(s), and Hg(l). 

Nernst Equation

Introduction

The standard reduction potentials provide potentials for solutes at 1 M or 1 atm partial pressure. At other conditions the next section gives us some idea as to what we might predict for non-standard conditions. 

Effect of Concentration on E

You'll see the Nernst equation: 

    [image: image32.png]


 

also written as: 

    [image: image33.png]


 

where RT/F at 298.15 K = (8.3145 J/mol·K)(298.15 K)/(96485.34 C/mol) = 0.02569 V and 2.303log replaces ln. (Note that J·C is equivalent to a Volt.) We can use either of these forms to: 

· calculate the voltage of an electrochemical cell under any conditions 

· to find the concentration of one of the components in a system 

Let's consider the reaction of tin and bromine again when the tin(II) concentration is 0.050 M and the tin(IV) and bromide concentrations = 0.00010 M. 

Sn2+(aq) + Br2 (l) [image: image34.png]


Sn4+(aq) + 2 Br-(aq) 

Q = [Sn4+][Br-]2 / [Sn2+] 

(b) The Nernst equation for this reaction is: 

             0.0591V      [Sn4+] [Br-]2
E = 0.92 V - ------- log( ------------ )

                2            [Sn2+]

             0.0591V      (0.00010 M)(0.00010 M)2
E = 0.92 V - ------- log( ----------------------- )

                2                  0.050 M

             0.0591V

E = 0.92 V - ------- log(2.0x10-11)

                2

E = 0.92 V - (-0.316 V) 

E = 1.24 V 



More About Spontaneous Reactions

A Redox Reaction Example

Demonstration: A piece of copper wire in a solution of 2% AgNO3. 

Initially the copper is a shiny copper color and the solution is clear. In less than one hour the solution is light blue and the wire is covered with shiny silver needles. What happened? 

Copper metal became copper ions in solution and silver ions became silver metal. 

Cu(s) + Ag+(aq) [image: image35.png]


Cu2+(aq) + Ag(s)       (unbalanced) 

The Cu(s) loses electrons to become Cu2+(aq) ions and the Ag+(aq) ions gain electrons to become Ag(s). 

Reactions that involve the exchange of electrons are called reduction and oxidation (redox) reactions. When a chemical species loses electrons we say that it is oxidized, and when a chemical species gains electrons we say that it is reduced. 

The Cu(s) loses electrons to be oxidized to Cu2+(aq).
The Ag+(aq) gain electrons to be reduced to Ag(s). 

We observed that copper metal and silver ions undergo a spontaneous reaction to produce copper ions and silver metal. 

Cu(s) + 2 Ag+(aq) [image: image36.png]


Cu2+(aq) + 2 Ag(s) 

Will this reaction continue indefinitely? 

At some point we reach equilibrium concentrations and the reaction stops. (Remember that microscopically reactants and products continue to interchange, but we say the reaction has stopped when the concentrations reach a steady state). When we reach equilibrium we write the reaction with arrows in both directions. 

Cu(s) + 2 Ag+(aq) [image: image37.png]


Cu2+(aq) + 2 Ag(s) 

Which of the following reactions are spontaneous? 

H+(aq) + OH-(aq) [image: image38.png]


H2O 

H2O [image: image39.png]


H+(aq) + OH-(aq) 

The first reaction is spontaneous and the second is not. Water does not spontaneously decompose. It does reach the following equilibrium: 

H2O [image: image40.png]


H+(aq) + OH-(aq) 

We use the right arrow when we are talking about a reaction at non-equilibrium concentrations and the double arrows when a reaction has reached equilibrium. You will see the same reaction written both ways, the different notation indicates that we are considering either non-equilibrium or equilibrium concentrations of the reactants and products. 

Reactants that are mixed in non-equilibrium concentrations have potential energy that drives the reaction towards equilibrium. This potential energy is the difference in free energy between the products and reactants, [image: image41.png]


G. The reactants will react to achieve equilibrium and reach a lower energy condition. 

[image: image42.png]


G = [image: image43.png]


Go + RTln(Q) 

where 
[image: image44.png]


Go is the free energy of reaction at standard concentrations 
R is the gas constant, 8.3145 J/mol·K 
T is absolute temperature 
Q is the reaction quotient 

This relationship shows that reactants at concentrations far from equilibrium will have greater free energy than reactants near equilibrium concentrations. 

At equilibrium [image: image45.png]


G = 0. We cannot extract energy from a system at equilibrium. 

Also note that [image: image46.png]


Go = -RTln(K) 

That these two are related should make sense. K tells us relative concentrations of products to reactants at equilibrium, [image: image47.png]


Go tells us how much energy we could get out of a reaction when they are at standard concentrations. 



Don't Forget the Really Big Concepts in Chemistry

Kinetics describes how quickly or slowly a reaction occurs. 

Thermodynamics describes the changes in the form of energy when a reaction occurs, for example, converting chemical energy to heat. 

Equilibrium describes reactions in which the reactants and products coexist

Example of a Concentration Cell

Consider two beakers containing silver nitrate solutions of different concentrations, say 0.010 M and 0.50 M. If we connect the two beakers do we have a system at equilibrium? 

No, there is a concentration gradient and there is a driving force for diffusion to attain equal concentrations in both beakers. We can set up an electrochemical cell to capture the chemical potential of this non-equilibrium system. 

|         |     |         |

|---------|_____|---------|

|          _____          |

| 0.01 M  |     |  0.5 M  |

|   Ag+   |     |   Ag+   |

|_________|     |_________|

The two half-reactions are: 

Ag(s) [image: image48.png]


Ag+(aq) + e-          Ag+(aq) + e- [image: image49.png]


Ag(s) 

Q = [Ag+] / [Ag+]    (To determine which concentration goes where, on which side of the half-reactions are the silver ion.) 

(b) The Nernst equation for this reaction is: 

             0.0591V     0.010 M

E = 0.0 V - ------- log( ------- )

                1         0.50 M

E = 0.0 V - (- 0.100 V)

E = 0.10 V 

Potentiometry

Introduction

Potentiometry is the field of electroanalytical chemistry in which potential is measured under the conditions of no current flow. The measured potential may then be used to determine the analytical quantity of interest, generally the concentration of some component of the analyte solution. The potential that develops in the electrochemical cell is the result of the free energy change that would occur if the chemical phenomena were to proceed until the equilibrium condition has been satisfied. 

[image: image50.png]AG,, = -nFE_,
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This concept is typically introduced in quantitative analysis courses in relation to electrochemical cells that contain an anode and a cathode. For these electrochemical cells, the potential difference between the cathode electrode potential and the anode electrode potential is the potential of the electrochemical cell. 

[image: image51.png]Ecell = Ecathode -E

anode




If the reaction is conducted under standard state conditions, this equation allows the calculation of the standard cell potential. When the reaction conditions are not standard state, however, one must utilize the Nernst equation to determine the cell potential. 

[image: image52.png]j— [« RT
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Physical phenomena which do not involve explicit redox reactions, but whose initial conditions have a non-zero free energy, also will generate a potential. An example of this would be ion concentration gradients across a semi-permeable membrane. This can also be a potentiometric phenomena, and is the basis of measurements that use ion-selective electrodes. 
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tutorials

Electrolytic cells are electrochemical cells that are non-spontaneous. Voltaic cells in reverse are electrolytic cells. In addition, electrolytic cells do not require separate compartments for the two electrodes. Electrolytic cells recieve electrical energy and chemical reactions produce substances at the electrodes. 

Electrolytic cells in Industry

The Downs Cell

The Downs cell is an industrial electrolytic cell that produces metallic Sodium metal from molten Sodium Chloride. Chlorine gas is a by product of this industrial process. Indeed a number of other very reactive metals are prepared from molten Chloride salts of those metals including Lithium, Magnesium, and Calcium. The first commercial preparation of Sodium metal was performed by Sir Humphrey Davy who used molten NaOH and prepared Oxygen gas as a by-product. 

Electrolysis of aqueous solutions requires a different reaction at the cathode since water is relatively easy to reduce. In an aqueous solution water has a more positive reduction potential compared to the Sodium cation. As a result metallic Sodium is not produced at the Cathode but Hydrogen gas and Hydroxide ion. Although it is close, Chlorine is oxidized at the anode rather than water. This aqueous cell is very useful commercially and is know as the Chlor-Alkali Membrane Cell. It is one of the prime preparations of Chlorine and NaOH. 

Electrolysis of aqueous Sulfuric Acid

Aqueous solutions of Sulfuric Acid involve the preparation of Hydrogen at the Cathode, and the preparation of Oxygen at the Anode. In essence what is electrolyzed is water itself since water has a more favorable Oxidation Potential than other candidates such as Sulfate ion. Water and Hydrogen ion compete to be reduced at the Cathode but the end results is essentially equivalent since both reductions occur and when added yield essentially Hydrogen gas: 

H2O (l) + 2e- ---> H2(g) + 2OH-(aq) 

2H+(aq) + 2OH-(aq)---> 2H2O(l) 

Adding these two half reactions together give the net result at the Cathode: 

2H+ + 2e- ---> H2(g) 

At the anode there are two possible candidates for Oxidation, water and Sulfate ion. However the Oxidation Potential of water is -1.23 and that of Sulfate ion is -2.01. Therefore, it is obvious that the more positive -1.23 will be the half reaction that occurs: 

2H2O(l) ---> O2(g) + 4H+ + 4e- 

Sulfuric acid acts as an electrolyte to carry current through the solution. This is a commercial way of preparing Hydrogen gas by the electrolysis of water. 

Electroplating of Metals

Electroplating of metals is used to purify the metals as metal atoms from the anode are plated out on the cathode. Many metals that are subject to corrosion (oxidation) can be protected by coating with a metal that is more easily oxidized at the at the anode where corrosion occurs. Zinc is often used as a coating to protect steel surfaces. This is called electrogalvanizing. Zinc metal is more easily oxidized having a standard oxidation potential of +0.76 than Iron metal with a standard oxidation potential of +0.04. That forces the Iron to serve as the Cathode as the more easily oxidized Zinc metal is oxidized at the Anode. This forcing of Iron to be the Cathode and therefore unreactive is called "Cathodic protection" 

The jewlry industry and the auto industry use electroplating of objects for different reasons. The jewlry can be electroplated with Gold, silver, or Copper in order to add luster and shine to the objects. The auto industry chromium plates many exterior parts as a protection against corrosion of the Ferrous containing parts. This is another example of "Cathodic Protection". These objects are placed on a conveyor belt and allowed to be immersed and dragged through a specially prepared Chromium bath. The time, current, and concentration of the Chromium bath is controlled scientifically by using the Laws of Electrolysis which established the stoichiometry of electrolysis. These laws developed by Michael Faraday will be discussed below. You may read a short biography of Michael Faraday here. 

The Laws of Electrolysis

Michael Faraday observed that when you placed 96,500 coulombs of electrical charge through an electrolytic solution that one equivalent of substance is plated out onto an electrode. If you double the current passing through the cell than 2 equivalents would be deposited. He concluded that the quantity of substance deposited on the electrode is directly proportional to the current passing through the cell. 

Gram Equivalent Weight of Oxidizing and Reducing Agents

Gram Equivalent weight or mass is the grams of substance per equivalent. This can be determined by dividing the atomic mass or molecular mass of the substance by the number of moles of electrons gained or lost under balanced conditions. 

GEW = atomic or molecular weight / moles of electrons gained or lost per mole of substance being oxidized or reduced. For example: 

We know that in a copper plating solution: 

Cu+2 + 2e- ---> Cu 

So it takes 2 moles of electrons per mole of Copper so the gram equivalent weight is: 

GEW = atomic weight of Cu / 2 = 63.5 / 2 = 31.75 grams/equivalent 

What would be the gram equivalent weight of KMnO4 as an Oxidizing agent in acidic solution: 

1. Look up the half reaction in the Standard Reduction Potential Table. 

MnO4-2+ 8H+ + 5 e----> Mn+2 + 4H2O 

2. Note the moles of electrons shown in the half reaction. 

According to the half reaction there are 5 moles of electrons per mole of the Permanganate 

3. Determine the Molecular weight of the substance 

For KMnO4 that would be 39.1 + 54.9 + 4(16) = 158 g/mole 

4. Plug the molecular weight and moles of electrons into GEW formula 

GEW = Molecular Weight of KmnO4 / 5 = 158 / 5 = 31.6 grams / equivalent 

Here are a few for you to try: 

Deterine the gram equivalent mass for the following using the Standard Reduction Potential Table. 

1. K2Cr2O7 as an oxidizing agent in acidic solution 

2. NaClO as an oxidizing agent in basic solution 

3. SnCl2 as a reducing agent 

When you are finished determining the equivalent mass of each, you might check for the correct answers 

Stoichiometry of Electrolysis

According the Faraday's Laws: 

weight deposited at an electrode = (Current in amps) (time in sec) (GEW of substance deposited) / 96,500 

Let's see how this formula can be applied to REDOX stoichiometry. 

In an aqueous solution of CuSO4 Copper is deposited at the cathode according to the following half reaction: 

Cu+2 + 2e- ---> Cu(s) 

Water is oxidized at the anode producing Oxygen gas according to the following half reaction: 

2H2O----> O2 + 4H+ + 4 e- 

If 0.404 grams of Cu was deposited at the Cathode as current was pssed throgh the cell in 5 hours, calculate the following: 

1. Current in amps that must be passed for the indicated time. 

2. Mass of Oxygen gas deposited at the anode 

3. Volume of Oxygen collected at STP (R = .0821 liter-atm/mole-K) 

Determining the Current in amps

1. Convert the 5 hours to seconds 

5 hours X 60 minutes / 1 hour X 60 sec / 1 minute = 18,000 sec 

2. Calculate the gram eq weight of Cu 

GEW = Atomic weight of Cu / 2 moles of electrons/mole Cu = 63.5/ 2 = 31.75 g/eq 

3. Using the Faraday formula above determine the current. 

weight deposited at an electrode = (Current in amps) (time in sec) (GEW of substance deposited) / 96,500 

.404 grams = (x)(18,000)(31.75)/ 96,500 

x = (.404)(96,500) / (18,000)(31.75) = 0.068 amps = 68 milliamps 

Determining the mass of Oxygen deposited at the Anode

1. Determine the gram equivalent weight of O2 according to the half reaction: 

2H2O----> O2 + 4H+ + 4 e- 

GEW of O2 = molecular weight of O2 / 4 

GEW = 2(16)/4 = 8 grams/eq 

2. Plug in the time in sec, the amps, and the GEW of O2 into the Faraday formula: 

weight deposited at an electrode = (Current in amps) (time in sec) (GEW of substance deposited) / 96,500 

x=wt O2 deposited = (.068)(18,000)(8)/ 96,500 

mass = 0.101 grams O2 

Determining the volume of O2 at STP

1. Convert grams from Part 2 to moles of O2 

.101 grams X 1 mole / 32 grams = 3.17 X 10-3 moles O2 

2. Recognizing that STP is a Temp of 273 K and 1 atm Pressure plug the moles, temperature, and pressure into the Ideal Gas Law Equation and solve for Volume in liters. 

PV = nRT 

V = nRT/P = (3.17 X 10-3 moles) (.0821 l-atm/mol-K)(273 K) / 1 atm 

V = 0.071 liters = 71 ml of O2 will be deposited 

Now here is one for you to try: 

When an aqueous solution of KI is electrolyzed the following half reactions occur: 

2I- ---> I2 + 2e- 

2H2O(l) + 2e- ---> H2(g) + 2OH-(aq) 

If a current of 8.52 X 10-3 amps is passed through the cell for 10 minutes calculate the following: 

1. mass of I2 produced at the Cathode 

2. mass of H2 gas deposited at the anode 

3. Volume in liters of H2 deposited at STP (R=.0821 l-atm/mol-K) 

When you have determined the answers to these three questions you might check for the correct answers 

 Find below:

Deterine the gram equivalent mass for the following using the Standard Reduction Potential Table. 

1. K2Cr2O7 as an oxidizing agent in acidic solution 

2. NaClO as an oxidizing agent in basic solution 

3. SnCl2 as a reducing agent 

Solution For Agent 1

1. Look up the half reaction in the 

 HYPERLINK "http://members.aol.com/logan20/red_tabl.html" 
Standard Reduction Potential Table
. 

Cr2O7-2 + 14H++ 6e- = 2Cr+3 + 7H2O 

2. Note the moles of electrons shown in the half reaction. 

According to the half reaction there are 6 moles of electrons in the above half reaction. 

3. Determine the Molecular weight of the substance 

The molecular weight for K2Cr2O7 is 

2(39.1) + 2( 52.0) + 7(16) = 294.2 g/mole 

4. Plug the molecular weight and moles of electrons into GEW formula 

GEW = 294.2 / 6 = 49.0 grams/equivalent 

Solution to Agent 2

1. Look up the half reaction in the Standard Reduction Potential Table. ClO- + H2O + 2e- = Cl- + 2OH- 

2. Note the moles of electrons shown in the half reaction. 

According to the half reaction there are 2 moles of electrons in the above half reaction. 

3. Determine the Molecular weight of the substance 

The molecular weight for NaClO is 

23.0 + 35.5 + 16 = 74.5 g / mole 

4. Plug the molecular weight and moles of electrons into GEW formula 

GEW of NaClO = 74.5 / 2 = 37.25 g/ equivalent 

Solution for agent 3

1. Look up the half reaction in the Standard Reduction Potential Table. 

Sn+4 + 2e- = Sn+2 

2. Note the moles of electrons shown in the half reaction. 

According to the half reaction there are 2 moles of electrons in the above half reaction. 

3. Determine the Molecular weight of the substance 

Molecular weight of SnCl2 is 

118.7 + 2(35.5) = 189.7 g / mole 

4. Plug the molecular weight and moles of electrons into GEW formula 

GEW SnCl2 = 189.7 / 2 = 94.85 g/equivalent 

Return To The Lesson 

When an aqueous solution of KI is electrolyzed the following half reactions occur: 

2I- ---> I2 + 2e- 

2H2O(l) + 2e- ---> H2(g) + 2OH-(aq) 

If a current of 8.52 X 10-3 amps is passed through the cell for 10 minutes calculate the following: 

1. mass of I2 produced at the Cathode 

2. mass of H2 gas deposited at the anode 

3. Volume in liters of H2 deposited at STP (R=.0821 l-atm/mol-K) 

Determining the mass of Iodine deposited

1. Convert 10 minutes into seconds 

10 min X 60 sec / 1 min = 600 sec 

2. Determine the Gram Equivalent Weight of I2 

According to the half reaction: 

2I- ---> I2 + 2e- 

GEW I2 = molecular weight of I2 / 2 mole electrons per mole I2 

GEW = 2(126.9) / 2 = 126.9 grams / eq 

3. Determine the weight of I2 deposited using the Faraday formula: 

weight deposited at an electrode = (Current in amps) (time in sec) (GEW of substance deposited) / 96,500 

weight = (8.52 X 10-3 amps ) (600 sec)(126.9) / 96,500 

weight of I2 deposited = 0.00672 grams 

Determination of mass of Hydrogen Gas Deposited At Anode

1. Determine the GEW of H2 from the half reaction: 

2H2O(l) + 2e- ---> H2(g) + 2OH-(aq) 

GEW of H2 = molecular weight of H2 / 2 = 1 g/eq 

2. Determine the mass of Hydrogen collected using Faraday's formula: 

weight deposited at an electrode = (Current in amps) (time in sec) (GEW of substance deposited) / 96,500 

weight of H2 deposited = (8.52 X 10-3 amps ) (600 sec)(1) 

weight of H2 deposited = 5.30 X 10-5 grams 

Determining the Volume of Hydrogen gas collected at STP

1. Convert grams of H2 to moles 

5.30 X 10-5 grams X 1 mole / 2.0 grams = 2.65 X 10-5 moles 

2. Using the Ideal Gas Equation PV = nRT calculate V at STP 

V = nRT / P 

V = (2.65 X 10-5 moles) (.0821 l-atm/mol-K)(273 K) / 1 atm 

V = 5.94 X 10-4 liters = 0.594 milliliters 

