1.  Basic Concepts in Electrochemistry
Electrochemical processes are commonly used for analytical measurements.  There are a variety of electrochemical methods with different degrees of utility for quantitative and qualitative analysis that are included in this unit. The coverage herein is not exhaustive and methods that are most important or demonstrate different aspects of electrochemical measurements are included.  Also, in most cases the coverage is designed to provide a broad overview of how the method works and not delve deeply into all of the associated subtleties.  There are two free sources of information available through the Analytical Sciences Digital Library for those desiring a more in-depth coverage of particular methods.  One is a general textbook on analytical chemistry written by David Harvey.
http://community.asdlib.org/activelearningmaterials/analytical-chemistry-2-0-online-textbook/
The other is a module on electrochemistry written by Richard Kelly.
http://community.asdlib.org/activelearningmaterials/analytical-electrochemistry-the-basic-concepts/

The methods we will explore in this unit rely on one of two different electrochemical phenomena. The first is that many chemical species have the ability to transfer electrons through an oxidation-reduction process. With appropriate design of an electrochemical system, this transfer of electrons can be measured as a current. Since we also know that different species have different oxidation or reduction abilities, electrochemical measurements relying on electron transfer can often be used for the purpose of species identification.    

The second method of using electrochemical processes for measurement purposes relies on the measurement of a potential.  In particular, we will focus on some methods that rely on something called a junction potential.  You likely have some familiarity with electrochemical cells.  Such a device consists of electrodes and the design of electrodes creates interfaces or junctions (e.g., a metal electrode in contact with a solution represents a junction).  Any junction in an electrochemical system will have a potential associated with it and in certain cases, the magnitude of this junction potential can be related to the concentration of a species in solution.  For example, a pH electrode is the best known example of the use of a junction potential for determining the concentration of a species.  The key feature of a pH electrode is a thin glass membrane.  When placed into an aqueous solution, a junction potential occurs at the glass-solution interface and the magnitude of this potential is determined by the concentration of H+ in solution.  

Define what is meant by oxidation and reduction.
In a chemical reaction involving a transfer of electrons, one species gains one or more electrons while another species loses one or more electrons.  Oxidation refers to the species that loses electrons and reduction to the species that gains electrons.  If you have trouble remembering which is which, using the pneumonic “LEO the lion goes GER” can be helpful (LEO = Loss of Electrons is an Oxidation; GER = Gain of Electrons is a Reduction).  It is important to remember that both processes must occur simultaneously.


Define what is meant by an oxidizing and reducing agent.  Give a good example of each.
An oxidizing reagent promotes the oxidation of another substance so is reduced in the overall electrochemical reaction.   Good or strong oxidizing agents are species that really want to be reduced.  Fluorine and chlorine are strong oxidizing agents because they very much want to be the fluoride or chloride ion.

A reducing agent promotes the reduction of another substance so is oxidized in the overall electrochemical reaction.  Good or strong reducing agents are species that really want to be oxidized.  Since alkali metals such as lithium, sodium or potassium want to be oxidized into their cationic forms, they would be good reducing agents.

Define what is meant by a half-reaction.
Overall electrochemical reactions consist of both a reduction and oxidation.  Each half of this overall process is represented by an appropriate half reaction.  A half-reaction shows the reduced and oxidized form of the species and these two forms are referred to as a redox couple.

Give an example of a half-reaction and determine whether a half-reaction can be an equilibrium expression.  Why or why not?
One of many possible half reactions is shown below for the reduction of cadmium ion to cadmium metal.

Cd2+(aq)  +  2e–  = Cd(s)

If we were to try to write an equilibrium constant expression for this reaction, it would need to have the concentration of free electrons in the expression.  Since we really cannot weigh out a mass of electrons to use in a reaction and cannot dissolve free electrons into a solution, we cannot write a true equilibrium constant expression for a half reaction.

However, an interesting aspect of electrochemical reactions is that we can design a device known as an electrochemical cell that has each of the half reactions isolated from each other in separate halves of the cell.  As we begin to examine electrochemical cells and processes in more detail, we will often focus our attention on only one half of the overall process and will write expressions for half reactions that are essentially an equilibrium constant expression.  The expression will not have a term for electrons in it.  For the half reaction shown above the expression would be as follows:


Just like in equilibrium constant expressions, there is no term for the Cd(s) because a solid will not have a concentration.   



2.  The Chemical Energy of a System  
Before examining something known as the electrochemical potential (), it is useful to explore some aspects of what is known as the chemical energy that you have likely learned about before in general or physical chemistry. The chemical energy of a system is known as the Gibbs energy and is denoted by G.

Suppose we wanted to think about the simplest chemical reaction possible – a situation in which A reacts to produce B.  

					A  ,  B
One example of an actual chemical reaction of A reacting to produce B would be something known as a keto-enol tautomerism.  




A bottle of pure A has some amount of chemical energy.  A bottle of pure B has some amount of chemical energy.  A solution of A in water that is 2 Molar has some amount of chemical energy.  A solution of B in water that is 2 Molar has some amount of chemical energy.

Do all four examples listed above (pure A, pure B, [A] = 2 M, B = [2 M]) have the same or different chemical energy?
Hopefully it will seem reasonable or intuitive to think that all four of these systems will have different chemical energies.  Since the two compounds are different from each other, in their pure forms they likely have different chemical energies.  Similarly, a chemical species dissolved in a solvent is now different than the pure compound and the two will have different chemical energies.

How would you measure or determine the absolute chemical energy of those four systems?
This is actually a trick question.  We do not have methods available to determine the absolute chemical energy for a system.  In reality the best that we can do is measure the difference in chemical energies between two systems.  This difference is denoted as G, which is likely something you are familiar with from prior classes you have taken.

Let’s continue to examine the situation in which A reacts to produce B.  

A  ,  B
When will the chemical energy (G) of this system achieve its lowest value?
The lowest value of chemical energy for a reaction occurs when it is at equilibrium.  For the example above, this means that pure A and pure B must have a higher chemical energy than the equilibrium state of the reaction.  It is important to note that chemical systems strive to have the lowest chemical energy as that will be their most stable state. 

We will next consider what a plot of G versus the mole fraction of A and B in which the situation

[A] + [B] = 2 Molar

is always satisfied.  We can consider what the plot would look like for two different situations:

The reaction of A to produce B has a fairly large equilibrium constant.

The reaction of A to produce B has a fairly small equilibrium constant.  

Remember that the equilibrium constant expression is:  



Since the equilibrium situation will have some concentration of both A and B, the system at equilibrium must have a lower chemical energy than either a 2 M solution of A or a 2M solution of B.   That would allow us to draw two possible representations for the situation in which K is large (there is a much higher concentration of B than A) and K is small (there is a much higher concentration of A than B) as seen in Figure 1.  

[image: ]Small K
Large K

Figure 1.  Plot of G versus molar quantities of reactant and product for a reaction with a large (left) and small (right) equilibrium constant (K).

Remember that we do not know how to calculate the value of G.  What we can possibly do is measure the difference in chemical energy (G) between two different states (e.g., we could possibly measure the difference in chemical energy between a solution in which [A] = 2 M and equilibrium).  The plot in Figure 2 indicates G for such a situation when K is large.
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Figure 2.  Magnitude of G between [A] = 2 M and equilibrium. 

Why do we need to define something called the standard state?
Consider an example where every student in a class was asked to perform a laboratory measurement of G for the reaction of A to produce B.  If we consider the example where K is large, you could imagine a situation in which one student starts with a solution where the concentration of A is 2 M and B is 0 while another starts with a solution where the concentration of B is 2 M and A is 0.  Looking at the plot in Figure 2, both students may measure accurate and correct values for G but the values that the students report will be different.  As seen by the plot in Figure 2, the value one would measure for G is dependent on the particular starting point, since each starting point has a different value of G.  In order to record G values that can be tabulated and compared, everyone must agree in advance to a uniform set of starting conditions. These agreed upon starting conditions are known as the standard state.

What conditions constitute the standard state?
The standard state is the situation where every reactant and product in the reaction has an activity of 1.  Since there are many conditions where we are unable to determine the exact activity of a substance, an approximation is made where the standard state has the concentration of all soluble species in the reaction at 1 Molar, gases at a pressure of 1 atmosphere and a temperature of 25oC (298 K).  For A reacting to produce B, the standard state would be a solution in which [A] = 1 M and [B] = 1 M.  The plot in Figure 3 shows the difference in chemical energy between the standard state and equilibrium for the situation in which K is large.  The difference in chemical energy between the standard state and equilibrium is given a special designation: Go. 
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Figure 3.  Difference in chemical energy between the standard state and equilibrium (Go) for a reaction with a large equilibrium constant.

You can imagine that it might be difficult to think about how you could actually make a standard state solution and somehow hold it in a suspended state before allowing it to react and achieve equilibrium, thereby allowing a measurement of Go.  As we will see further on in this unit, electrochemical cells are actually ideal systems for measurements of Go because it is possible to prepare the two half reactions in separate chambers but prevent the reaction from taking place by not completing all of the circuitry between the two chambers.  

What does it mean for the difference in chemical energy (G of Go) to be positive or negative? 
In considering this, it is important to examine the two different plots of G for the reaction with a large K and small K.  These are shown in Figure 4 and the value of Go is indicated in each plot.
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Figure 4.  Go for a reaction with a large (left) and small (right) equilibrium constant.

Note that in both cases the chemical energy drops as the system goes from the standard state to equilibrium.  However, when we think about carrying out a chemical reaction, our usual goal is to have the reaction form products.  For this reason, we adopt a convention that says that Go is less than 0 (negative) for a reaction that favors the formation of products.  Go is greater than 0 (positive) for a reaction that favors the formation of reactants. 
The following equation is something you should have seen before in a unit on thermodynamics in either a general or physical chemistry course.



This equation provides the difference in chemical energy between the standard state and equilibrium.  Note that if K is large (favors products), lnK is positive and Go is negative.  Similarly if K is small (favors reactants), lnK is negative and Go is positive.  

Suppose the Starting Conditions are not at the Standard State
There are many situations where you do not want to examine reactions that begin with standard state conditions but instead want to start with a set of non-standard state conditions.  The difference in chemical energy between non-standard state conditions and equilibrium is designated as G.  The equation that allows us to calculate G is as follows:



The term Q is an expression that looks exactly like the equilibrium constant expression except that it is evaluated using the starting non-standard state concentrations.  It is important to recognize what each part of this equation is providing.

–RTLnK (denoted as Go) is the difference in chemical energy between the standard state and equilibrium.

RTlnQ is the difference in chemical energy between the non-standard state starting conditions and the standard state.

The plot in Figure 5 shows the placement of these two terms for the example of A reacting to produce B that we have been examining.  In this case the non-standard state conditions are further removed from chemical equilibrium than the standard state.  Note that with [A] = 1.50 M and [B] = 0.50 M, the value of Q is 0.33.  




With the value of Q below 1, lnQ will be negative and the value of G is more negative than the value of Go.   
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Figure 5.  Representation of RTlnQ and –RTlnK for a reaction starting in non-standard state conditions.  Non-standard state conditions are further from equilibrium than the standard state conditions.

The plot in Figure 6 shows starting non-standard state conditions that are closer to equilibrium than those of the standard state: [A] = 0.50 M; [B] = 1.50 M.  In this case the value of Q is 3.0.



With the value of Q above 1, lnQ is positive and the value of G is less negative than the value of Go.
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Figure 6.  Representation of RTlnQ and –RTlnK for a reaction starting in non-standard state conditions.  Non-standard state conditions are closer to equilibrium than the standard state conditions.



3.  Relationship of Chemical Energy to Electrochemical Potential
Electrochemical reactions have a similar drive toward the lowest possible energy.  Instead of referring to G for electrochemical reactions, we refer to the electrochemical potential ().  Similar to chemical energy, o refers to the difference in electrochemical potential between the standard state and equilibrium.   refers to the difference in electrochemical potential between non-standard state conditions and equilibrium.  An interesting facet of electrochemical reactions is that with proper design the change in chemical energy can be converted to electrical energy in the form of an electrical current.

The standard state electrochemical potential (o) can be related to Go by the following equation:

Go  =  –nFo

In this equation, n is the number of electrons transferred in the overall balanced electrochemical reaction and F is Faraday’s Constant.  Faraday’s Constant relates the total charge in Coulombs (C) of a reaction to the amount of product that forms.  For a reaction in which n = 1, there are 96,485 C/mole.  

The non-standard state electrochemical potential () can be related to G by the following equation:

G  =  –nF 

There are several important outcomes of the relationship between chemical energy and electrochemical potential.  Setting equal and rearranging the two expressions for Go leads to the following: 





Substituting in the standard state temperature, gas constant and Faraday’s constant and converting the natural log to a base ten log leads to the following expression:








Setting equal and rearranging the two expressions for G leads to the following:





Again, substituting in the standard state temperature, gas constant and Faraday’s constant and converting the natural log to a base ten log leads to the following expression:



Substituting in for the first expression in this provides:



This last equation is especially important in electrochemistry and is known as the Nernst Equation.  In the Nernst Equation:

 (denoted as o) is the difference in electrochemical potential between the standard state and equilibrium.

 is the difference in electrochemical potential between the non-standard state starting conditions and the standard state.

One last thing worth pointing out is the sign convention of electrochemical potentials and how they relate to whether the reaction favors products or reactants.  An examination of the Nernst Equation shows that electrochemical reactions that favor products will have positive values of electrochemical potential.  Electrochemical reactions that favor reactants will have negative values of electrochemical potential.  











4.  Table of Standard State Electrochemical Potentials
It is possible to measure the standard state electrochemical potential for individual half reactions.  Doing so requires setting one particular half reaction as a reference point to which all other potentials are compared.  The half reaction used as the reference involves reduction of the hydrogen ion (H+).  This half reaction is arbitrarily assigned a standard state reduction potential of 0.00 Volts.  

2H+(aq)  +  2e–  =  H2(g)	o  =  0.00 V 

Tables of standard state electrochemical potentials are freely available on the internet.  By convention, all of the half reactions are written as reductions.  Earlier we mentioned how alkali metals are strong reducing agents as they have a strong driving force to be oxidized.  The half reaction and standard state potential for the reduction of Li+ is shown below.  

Li+(aq)  +  e–  =  Li(s)		o  =  –3.045 V 

Note that this reaction has a very large negative standard state potential.  Remember from earlier that electrochemical reactions that favor the reactants have negative potentials.  An examination of the standard state potentials indicates that the reduction of Li+ has the highest value in the table.  Therefore it should not be surprising that lithium batteries are in common use today.  Also, for those readers who are fans of Star Trek, we can now understand when the Enterprise needed more fuel the call from the bridge was for more dilithium crystals.   

We also used fluorine as an example of a powerful oxidizing agent meaning that it has a strong driving force to be reduced.  The half reaction and standard state potential for the reduction of fluorine gas is shown below. 

F2(g)  +  2e–  =  2F–(aq)		o  =  2.87 V 

Note that this reaction has a very large positive standard state potential.  Remember that electrochemical reactions that favor the products have positive potentials.

Since an overall electrochemical reaction has a reducing and oxidizing half to it, we often work with systems in which two half reactions are paired up.  When considering any pair, the one with the more positive o value proceeds as a reduction and the one with the less positive value proceeds as an oxidation.

It is worth noting that reactions are usually run under non-standard state conditions.  It is possible to take the conditions so far away from the standard state used to generate the values in a table of o values that the reaction may actually proceed in the reverse direction from what occurs in the standard state.  For example, looking back at the plot of G for a reaction with a large K shown in Figure 1, starting at a very high concentration of B and a very low concentration of A that is to the right of the equilibrium state in the plot would mean that the reaction proceeds toward reactants instead of products.  This would be the reverse of the reaction direction predicted by comparing the Go or o values of A and B.    

One final thing to note is that o values do vary with other conditions of the solution.  For example, electrochemical reactions with H+ in one of the half reactions are highly influenced by the pH.  The standard state will have [H+] = 1 M (note, this constitutes a pH of 0) and the measured o value will often have slightly different values if different acids (e.g., nitric, hydrochloric, perchloric) are used to make the 1 M solution.  Another common condition with electrochemical reactions involves the ionic strength of the solution.  The ionic strength () is defined as follows:

  =  ½  [Ci]Zi2

Where Ci is the concentration of each ion and Zi is the charge of each ion.  Note that both cations and anions are included in the summation term.

In some cases with electrochemical reactions it is desirable to have a concentration of unreactive ions in the solution as a background electrolyte (e.g., alkali cations paired with halide anions might be such a background electrolyte).  Measured o values often vary slightly at different ionic strengths.  

In some cases it is more common to use formal potentials (o’).  A formal potential is the reduction potential that applies to a half reaction under a specified set of conditions (e.g., pH, ionic strength, concentration of complexing agents).  One common example is that the formal potential of important biological electrochemical reactions are often measured at pH 7, which is much closer to physiological pH than the standard state pH of 0.   

Because o values vary slightly with conditions, calculated values for a system you wanted to study obtained using the Nernst equation are often only close approximations of what you would actually obtain as a measured value.    
  














5.  Electrochemical Cells
Before developing analytical methods based on electrochemistry, it is worth exploring aspects about electrochemical cells.  Concepts needed to comprehend the nature of an electrochemical cell are informative in understanding some of the analytical methods we will develop.  From a more practical standpoint, batteries are examples of electrochemical cells.    

Describe what you know about an electrochemical cell.
The components of an electrochemical cell are shown in Figure 7.  




Figure 7.  Diagram of the components in an electrochemical cell.  

The particular cell shown involves a half reaction with zinc and a half reaction with copper.

Zn2+(aq)  +  2e–  =  Zn(s)		o  =  –0.763 V 

Cu2+(aq)  +  2e–  =  Cu(s)		o  =  0.337 V 

Based on the two o values, the copper ion will be reduced and zinc metal will be oxidized.  In an electrochemical cell, the reduction half reaction is referred to as the cathode and the oxidation half reaction is referred to as the anode.  By convention, the anode is always put on the left and the cathode on the right in the diagram.  

The zinc half-cell consists of a piece of zinc metal in a solution containing zinc ion.  The copper half-cell consists of a piece of copper metal in a solution containing copper ion.  If a half reaction does not form a solid metallic species (e.g., Fe3+ + e– = Fe2+) an inert metal such as platinum is used in the cell. 

The two half-cells need to be connected to complete the circuitry and allow the reaction to proceed.  Two connections are needed for a complete circuit.  One is a metal wire that connects the two pieces of metal.  The other is something known as a salt bridge that connects the two solutions.  

What processes are responsible for conduction of electricity in an electrochemical cell?
The processes responsible for the current flow in an electrochemical cell depend on which part of the cell you are in.  For the metallic components (zinc, copper, copper connecting wire), electrons are responsible for the current flow.  In the solution, conduction of electricity is caused by migration of ions.  

The ability of ions to conduct electricity is the reason why someone should never use a hairdryer while sitting in a bathtub full of water.  If a hairdryer is dropped into the water, the water conducts electricity because of ions in it with the end result that the person will be electrocuted.  Conductivity is a measurement of the ability of a solution to conduct electricity.  The conductivity of a solution directly correlates with the ionic strength of the solution.  Many science buildings have a device that is designed to generate highly purified water.  One of the goals of these purification systems is to deionize the water.  With these systems the conductivity is measured to determine the degree to which the water has been deionized (the reading is reported as a resistance and the higher the resistance, the less conductive the solution). 

It is also important to consider the portions of the cell where the metal interfaces with the solution.  In the cathode where reduction occurs, electrons must “jump” from the metal to a species in solution.  In the anode of the cell represented in Figure 7, zinc atoms need to give up two electrons and a zinc ion is released into the solution.  For an anodic half-cell with two water-soluble species (e.g., Fe2+ = Fe3+ + e–), an electron would need to “jump” from a species in solution to the platinum electrode.

What is the purpose of the salt bridge?  
In order to understand the purpose of the salt bridge it is necessary to consider the process taking place in each of the half cells in Figure 7.  If each half cell started at standard state conditions, the cathode would begin with a 1 M concentration of a copper salt such as copper sulfate ([Cu2+] = 1 M; [SO42-] = 1 M) and the anode would have a zinc salt such as zinc sulfate ([Zn2+] = 1 M; [SO42-] = 1 M).  Note that in both half cells, the sulfate ion is a spectator ion that is not involved and does not change in the electrochemical reaction.  As the electrochemical reaction proceeds, Cu2+ in the cathode gets reduced and plates out as copper metal.  In the other half call, zinc metal gets oxidized to form Zn2+.  Without any form of intervention, this means that over time [Cu2+] < [SO42-] in the cathode and [Zn2+] > [SO42-] in the anode.  The buildup of charge in both of the half cells is an undesirable situation because nature wants to maintain systems that are neutral.  If this charge continued to build up, it will inhibit the electrochemical reaction and prevent it from going to its full extent.  The purpose of the salt bridge is to act as a source of spectator ions that can migrate into each of the half cells to preserve neutrality.  Any charge buildup in the solutions of the two half cells is known as a junction potential.  Therefore, the purpose of a salt bridge is to reduce the junction potential between the solution interface of the two half cells. 



What would you put inside a salt bridge?
First, it is important to put ionic species into the salt bridge that will not be reduced or oxidized in either of the half cells.  Alkali cations and halide anions would be ideal for this purpose.  It is also important that the charge balance in each of the half cells facilitated by the ions in the salt bridge occurs at the same rates.  That means that the halide anions moving from the salt bridge into the anode to balance out the excess Zn2+ ions do so at the same rate as the alkali cations moving from the salt bridge into the cathode to balance out the depletion of Cu2+ ions.  Ions have a property known as mobility and the mobility of an ion depends on its size.  Smaller ions have a higher mobility than larger ions.  That means that the ideal species for a salt bridge should have a cation and anion of the same size and charge.  Potassium chloride is the ideal species for incorporation into a salt bridge, as K+ and Cl– have the same number of electrons and are approximately the same size.  Potassium nitrate (K+NO3–) can also be used in a salt bridge.  Amazingly, the nitrate ion, which has atoms with second shell electrons, has approximately the same size as a chloride ion, which has atoms with third shell electrons.

Another thing to consider is the concentration of KCl in the salt bridge.  It is desirable to have a salt bridge that can overcome the possibility of a large charge buildup.  To achieve this and not deplete the ions in the salt bridge over the course of the reaction, the KCl is typically at a high concentration, usually 4 M.       

Describe two types of situations that would result in the irreversibility of an electrochemical process.
An interesting aspect of an electrochemical cell is that it can be operated in two directions.  If the circuitry is completed and the reaction proceeds in its spontaneous direction toward equilibrium, it is referred to as a voltaic or galvanic cell.  In this case a current is drawn from the cell and can be used to perform some sort of work (e.g., light a bulb in a flashlight or operate a cell phone).  At some point the cell or battery will “die” as the reaction reaches equilibrium and no more current can be drawn from it.  Next time your car battery dies, you may feel better about the situation by remembering that it has just reached equilibrium.  

If the cell instead is attached to an external source of power (e.g., plugged into a wall outlet), the reaction can be forced it its reverse direction back away from equilibrium.  This is what happens when a battery is recharged.  Rechargeable batteries require the use of a reversible reaction.  An electrochemical cell being forced in its non-spontaneous direction is referred to as an electrolytic cell. 

There are two situations that factor into the reversibility of reactions used in electrochemical cells.  One involves chemical reversibility, which relates to the stability of the reactants and products.  The other involves electrochemical reversibility, which involves the kinetics of electron transfer and relates to the ability to regenerate or recharge the cell to its initial conditions.   



One common misconception is that an electrochemical reaction that produces a gas such as the reduction of hydrogen ion to hydrogen gas is chemically irreversible because the gas escapes.

2H+(aq)  +  2e–  =  H2(g)     
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However, if the cell is designed properly and is sealed, the gas can be trapped and reversing the potential through the use of an external power source can drive the reaction in the reverse direction.  Therefore, electrochemical reactions that produce a gas are not necessarily chemically irreversible.

An example of an electrochemical process that is chemically irreversible occurs if the product rapidly decomposes to something else.  In this case, when an external power source is applied to reverse the process, the appropriate species is no longer in solution.  In the example below, if the A– species degrades rapidly to B– and C, there is no remaining A– for the chemical regeneration of A.

A  +  e–  =  A–  =  B–  +  C

The second example of an irreversible electrochemical reaction occurs when there is something known as an overvoltage or overpotential.  Since electrons must transfer from one species to another in an electrochemical reaction, the kinetics of the electron transfer must be considered.  In cases of slow kinetics, it is possible to have an electrochemically irreversible reaction.

If we consider the reduction of H+ to hydrogen gas shown above, there is the key step where the electron must “jump” from the electrode to the hydrogen ion in solution.  With some electrochemical reactions, there is a resistance of the electron to making the jump.  If one were to apply a potential that in theory was suitably large such that the electrons should complete the jump, it would still not happen.  The electron can be forced to “jump” by applying a higher voltage – an overpotential – to the electrode (electrons of higher energy are put onto the electrode until a point is reached where it becomes favorable for an electron to leave the electrode and go to the ion in solution).  You are likely familiar with the concept of activation energies in chemical reactions.  The occurrence of an overpotential indicates the presence of an activation energy barrier for an electrochemical reaction.  

Whether or not a particular half reaction has an overpotential is determined in part by the nature of the electrode material.  The reduction of hydrogen ion to hydrogen gas has almost no overpotential with a platinum electrode but has a very high overpotential with mercury and many other electrodes.  





As an aside, it is worthwhile to examine two particular half reactions that have practical applications and potential future implications for society.  These two reactions are shown below.
2H+(aq)  +  2e–  =  H2(g)	o  =  0.00 V

O2(g) +  4H+(aq)  +  4e–  =  2H2O	o  =  1.229 V

Based on the o values, the spontaneous reaction involves the oxidation of hydrogen gas and reduction of oxygen gas, as shown in the balanced reaction below.

2H2(g)  +  O2(g)  =  2H2O	o  =  1.229 V

A device that electrochemically combines hydrogen and oxygen gas and uses the transfer of electrons as a source of electricity is known as a fuel cell.  One example of the use of this technology as a source of electricity is aboard the International Space Station.

If one considers the reverse reaction shown below, through the application of an external source of power it will be possible to electrochemically convert water to hydrogen and oxygen gas.
2H2O  =  2H2(g)  +  O2(g)

The intriguing aspect of the electrolytic splitting of water into hydrogen and oxygen gas is that hydrogen is a useful fuel for a fuel cell or through combustion.  If someone were able to economically carry out this reaction, it would mean that our fuel would come from water, thereby providing a limitless source of fuel.  Also, because the reaction is best done under conditions with a relatively high ionic strength, it could be done using ocean water.

There are two problems with economically carrying out the electrolytic splitting of water.  One is that it takes energy to do it, since it’s the reverse of the spontaneous direction.  Because of losses of efficiency when combusting hydrogen, it would take more energy to split water then you would get in return by using hydrogen as a fuel.  A second problem is that both half reactions have overpotentials with many different electrodes meaning that it will cost even more to carry out the reaction.   

An active area of research is an attempt to devise electrodes that have two particular features.  One is that they are made of materials that do not have high overpotentials toward the two relevant half reactions (Note that two different electrodes are needed: one for the hydrogen half reaction and the other for the oxygen half reaction).  The second feature would be a system where sunlight could be used as a source of power to assist the splitting reaction.  In the two electrodes, the energy from the sun would be used to promote an electron on the electrode into a higher molecular orbital.  With that extra energy it would be much easier for the electron to transfer to the species in solution and then much less costly to split the water.  Many of the electrodes being examined in this application are transition metal complexes and while some advances have been made, it is also critical that the electrode be inexpensive enough to make the entire process cost effective.  No one has yet to find electrodes with low enough overpotentials and the ability to harness the energy of the sun to facilitate the reactions in a cost effective manner.

Shorthand Notation for an Electrochemical Cell
There is a shorthand notation used to specify the conditions of an electrochemical cell.  The notation shows the anode on the left and cathode on the right.  The concentrations of important species in each of the half reactions are included.  Spectator ions are not included in the notation.  Phase boundaries are shown with a single line (|) and a salt bridge with a double line ().  The electrochemical cell described above would have the following notation:

Zn | Zn2+ (1 M) || Cu2+ (1 M) | Cu
































6.  Potential of an Electrochemical Cell

Potassium dichromate (K2Cr2O7) reacts with Fe(II) to produce Cr(III) and Fe(III).  What is the standard state potential and K for this reaction?
The first step in solving this is to identify the two appropriate half reactions that make up the cell.  From a table of o values we find the following two reactions:

Fe3+(aq)  +  e–  =  Fe2+(aq)	o  =  0.77 V

Cr2O72–(aq)  +  14H+(aq)  +  6e–  =  2Cr3+(aq)  +  7H2O		o  =  1.33 V

An examination of the o values indicates that the iron reaction proceeds as an oxidation and is the anode and the chromium reaction proceeds as a reduction and is the cathode.

Standard State Potential
The following equation is used when calculating the standard state potential of an electrochemical cell.

oCELL  =  oCAT  –  oAN

When using this equation, the o values are used directly from the table without changing the sign and without using any coefficients in the balanced overall electrochemical reaction.  So even though the anodic reaction is reversed in direction from that in the table, the values in the table are all ranked relative to each other and the minus sign in the equation is accounting for the fact that the anodic reaction occurs in a reverse direction.  There is no use of coefficients because o values are measured for standard state starting conditions (i.e., all reactants and products beginning at 1 Molar).  With the pair in this problem, inequivalent molar amounts of the iron and chromium species will be present when the system achieves equilibrium because six mole equivalents of the iron are used up for each mole equivalent of the chromium.  

One final point to note is that oCELL will always be positive.

oCELL  =  1.33  –  0.77  =  0.56 V

Equilibrium Constant
Earlier in the unit we had developed the following equation relating o to the equilibrium constant.  


This expression can be rewritten as follows:



n is the number of electrons that are transferred in the balanced electrochemical reaction (6 in this example).  Putting numbers in and evaluating this term gives the following:

K  =  10(6)(0.56)/0.059  =  8.9  x 1056

Note that this is an exceptionally large equilibrium constant meaning that the reaction goes nearly toward completion leaving only tiny amounts of reactants at equilibrium.  

Cell Potential with the Non-standard State Conditions Given in the Problem 

In this example, one half-cell is made up with 1.50 M potassium dichromate and 0.30 M chromium(III)nitrate hexahydrate in 1.00 M nitric acid and the other half cell is made up with 0.050 M iron(III)chloride hexahydrate and 0.10 M iron(II)chloride tetrahydrate?

Using the shorthand notation for an electrochemical cell, we could write the above cell as follows:

Pt | Fe2+ (0.050 M), Fe3+ (0.10 M) || Cr2O72- (1.50 M), Cr3+ (0.30 M), H+ (1.00 M) |Pt

There are two ways to solve this problem.  One is to use the Nernst equation in the form we previously defined.



When using this method, we first need the complete electrochemical reaction for the cell.  Note that n = 6 for this reaction as six electrons were needed to balance out the two half reactions.

Cr2O72–(aq)  +  14H+(aq)  +  6Fe2+(aq)  =  2Cr3+(aq)  +  6Fe3+(aq)  +  7H2O

We can then write the term for Q:





We can now substitute values into the Nernst equation and solve for CELL.




Instead of using the Nernst equation, is also possible to use the following equation to calculate the cell potential.
CELL  =  CAT  –  AN

When using this equation, each of the half reactions is written and evaluated as a reduction.  The minus sign accounts for the fact that the anodic reaction is reversed in the complete, balanced electrochemical reaction.  When evaluating each of the two terms, use the associated value of n for each of the individual half reactions.





The number of electrons in the cathode reaction is six so n = 6.  



The number of electrons in the anode reaction is one so n = 1.







Now we can evaluate the cell potential.

CELL  =  CAT  –  AN  =  1.342 – 0.75  =  0.59 V

As expected, the use of these two possible methods provides the exact same value for the cell potential.







What is the cell potential if the chromium half-cell were operated at a pH of 7 instead of using 1 M nitric acid? 
The point of this problem is to realize that some electrochemical reactions are critically dependent on the pH.  The particular reaction in this problem has a stoichiometric coefficient of 14 for the H+, meaning that the reaction will be highly dependent on pH.  Since only the cathodic half reaction depends on pH, we can evaluate the overall cell potential using the second of the two methods from above.








Remember that:

CELL  =  CAT  –  AN

and that EAN calculate previously was 0.75 V.

CELL  =  0.38  –  0.75  =  –0.37 V

It is important to note that CELL in this case is negative.  The cell potential is positive for a reaction that proceeds in the forward direction toward products.  The fact that this value is negative means that the reaction actually goes in the reverse direction under the conditions provided.  Looking again at the overall reaction for this cell provided below, with the concentration of H+ so low (1.00 x 10-7 M) and the coefficient of 14 for the H+, it is reasonable to think that the overall reaction will actually proceed toward reactants to establish equilibrium than proceeding toward products. 

Cr2O72–(aq)  +  14H+(aq)  +  6Fe2+(aq)  =  2Cr3+(aq)  +  6Fe3+(aq)  +  7H2O

Similar calculations at pH 1 ([H+] = 0.10 M) and pH 3 ([H+] = 0.0010 M) give cell potentials of 0.46 V and 0.18 V, respectively.  The importance of pH on this particular electrochemical cell is apparent from these data.
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