AP Chemistry

Electrochemistry Summary Information

Electrochemistry deals with: 

a. using chemical reactions to do work (i.e. provide electricity) (known as voltaic or galvanic cells).

b. using electricity to force nonspontaneous reactions (known as electrolytic cells).

Voltaic Cells:

Recall that oxidation-reduction (redox) reactions involve the transfer of electrons from one chemical to another.


Ex.  Mg   +  Cl2  (  MgCl2
In this example magnesium loses two electrons


Mg0  (  Mg2+  + 2e- and is considered oxidized

Each chlorine gains an electron


Cl20  +  2e-  ( 2Cl- and is considered reduced

Things to remember:

Redox reactions always occur in pairs

The charge on any element is zero.


The species being reduced is the oxidizing agent: The species being oxidized is the reducing agent.

Remember the saying: LEO goes GER

Loses Electrons Oxidized


Gains Electrons Reduced

Question: Determine which element is oxidized and which is reduced in the following reactions:

1. 2AgNO3  +  Cu  ( 2Ag  +  Cu(NO3)2
2. F2  +  2NaCl  (  Cl2  +  2NaF

Answers:  Silver is reduced (1+ ( 0), copper is oxidized (0 ( 2+); Fluorine is reduced (0 ( 1-), chlorine is oxidized (1- ( 0).

A more “active” metal will reduce a less active metal (since the more active metal has a greater tendency to lose electrons.  Also, in general, most metals will reduce most nonmetals.  An activity series lists metals from more active to less active as in the following:


Li, K, Ba, Ca, Na, Mg, Al, Zn, Fe, Cd, Ni, Sn, Pb, Cu, Hg, Ag, Au

In other words, lithium is the most active metal in this list and can therefore reduce the ion of any of the metals that come after it in the series. (ex. 3Li  +  Al3+  (  3Li1+  +  Al)

By separating the oxidation part of a reaction from the reduction part then connecting them by a wire, useful work can be done.  As electrons flow from the oxidation side to the reduction side they can pass through a light bulb, motor, etc., providing power to make them run.  This type of setup is known as a voltaic (or galvanic) cell.

The difference in potential energy between the two sides (relative to hydrogen) is known as the potential difference and is measured in Volts (J/C).  For instance, the reaction between a silver ion and aluminum metal is 2.46V.  These values are determined from a list of standard reduction potentials that gives the relative tendency for an element or ion to be reduced.

Examine the following diagram of a typical voltaic cell:








Electrolytic Cells:  In an electrolytic cell the anode (site of oxidation) is considered the positive electrode and the cathode (site of reduction) is considered the negative electrode.

Electrolytic cells drive nonspontaneous reactions (i.e. in a direction that would not naturally occur).








Identify the anode and the cathode
The standard hydrogen electrode (SHE) is considered the 0.00V half-cell on the list of standard reduction potentials.  All other reactions are measured relative to this electrode.
Reactions with negative potentials are less easily reduced than hydrogen and those with positive values are more easily reduced than hydrogen.

Standard conditions for an electrochemical cell are 1M solutions and 1atm of pressure for gases.

(Actually 1bar for gases (1x105Pa) and solutions, pure liquids and solids have an “activity” of 1)
The standard cell voltage (emf) for an electrochemical cell is

Eocell = Eored + Eoox
or 
Eocell = Eored(cathode) - Eored(anode)
Since values on the standard reduction potential tables are for reductions, the sign of the half-cell voltage must be reversed for Eoox.

Reactions with more positive values than other reactions on the reduction potential table will always be reduced.

A "spontaneous" reaction will always have a positive cell voltage.

In electroplating or electrolysis, the Faraday constant is often useful.  It bridges the relationship between coulombs and moles of electrons.  The value is 96,480 C/mol e-
The standard cell voltage for a reduction half reaction is not affected by the coefficients of the equation.  Multiplying the equation through by a number will not affect cell voltage.
More on Voltaic Cells
In order to determine quantitatively the number of moles of electrons transferred in a redox reaction, the following relationships are used:

1 coulomb (C) = 1 ampere x 1 second

1 mole e- = 96,485 coulombs

The Faraday constant F = 96,485C/mol e-
Moles of e- = (I x t)/96,485  (where t is the time in seconds and I is current in amperes)

Galvanic cells are used to harness the energy of spontaneous redox reactions.

Take a look at the diagram of the galvanic cell in your book.

If a half-reaction is written with a metal, the metal serves as the electrode for that beaker; otherwise, an inert electrode made of platinum, silver, or gold is used.

To obtain consistent results from galvanic cells, electrochemists define a standard state for a galvanic cell as a pressure of 1.00atm (1 bar) for all gases, and concentrations of 1.00M (a = 1) for all soluble compounds.  Concentrations of all solids and pure liquids are also defined as 1.00M (a = 1).  Tabulated data is usually given at 298K,
A positive voltmeter reading indicates that the reaction is spontaneous.  This voltmeter reading is called the standard cell voltage, E(cell, or the electromotive force, EMF (the ( denotes standard state).

A cell diagram is a shorthand method of drawing a galvanic cell.  The cell diagram “reads” the galvanic cell from left to right, starting with the anode and ending with the cathode.

The single vertical lines represent phase changes between the solid electrodes and the solutions.  The double vertical lines represent the salt bridge.  Concentrations, if known, are shown in parentheses.

Examples:

Pt(s) ( Pu3+(aq), Pu4+(aq) (( Cl2(g), Cl-(aq) (Pt(s)

Pt(s) (H2(g) ( H+(aq) (( Ag+(aq) ( Ag(s)
The standard cell voltage is:


E(cell  =  E(cathode  -  E(anode
Or


E(cell = E(reduction + E(oxidation   where E(oxidation is - E(reduction for that species.

Rather than construct a cell and measure its emf every time a standard cell emf is needed, we can use a table of half-reactions and standard electrode potentials.  It is impossible to measure the absolute value of the potential of a single electrode, so a relative scale has been established by measuring the standard cell emf’s of a number of half-cell reactions with respect to the hydrogen electrode.  The standard hydrogen electrode (SHE) is the reference electrode, and its potential is assigned a value of exactly zero.

2H+(aq) [1 M] +  2e- ( H2(g) [1 atm]

A positive reduction potential means that the oxidizing agent (such as F2) has a greater tendency to be reduced than the hydrogen ion.  A negative reduction potential indicates that the hydrogen ion is more readily reduced than the substance.

If E(cell for a reaction is positive, then the reaction is spontaneous.

 To find the reduction potential under nonstandard conditions you must use the Nernst equation

E = E( - (RT/nF)lnQ

R = 8.314CV/molK, T = Kelvin temperature, n = the number of electrons in the half-reaction, F = 96,485 C/mol (the Faraday constant)

At 298K the Nernst equation is written as

E = E( - (0.0591/n)logQ
Note that in this form, log is base 10

Nonstandard cell voltage becomes

Ecell  =  Ecathode  -  Eanode
Determining the equilibrium constant Keq using standard cell voltages:

At equilibrium Ecell = 0 therefore

E(cell = (RT/nF)lnKeq  =  (0.0591/n)logKeq     n = total number of electrons transferred in the redox reaction.

Gibbs free-energy and standard cell voltages:

From thermodynamics


(G( = -RTlnKeq
Combining with the relationships above,

(G( = - nF E(cell
Under certain conditions, the Nernst equation can be substituted as Ecell  =  (E( - (0.0591/n)logQ) cathode  -  (E( - (0.0591/n)logQ) anode to solve for the concentration of a particular ion.

Important Things to remember:

1. A galvanic (voltaic) cell converts chemical energy to electrical energy through spontaneous reactions.  An electrolytic cell uses electricity to drive a chemical reaction in a specific direction.

2. A salt bridge in a galvanic cell provides a pathway for ions to travel to keep the overall solutions neutral.

3. Oxidation always occurs at the Anode whether it is a galvanic cell or electrolytic cell.  (Note that they both start with vowels)

4. The anode is considered negative for a galvanic cell and positive for an electrolytic cell.

5. In a cell diagram for a galvanic cell, the anode is listed first.

6. |Cu|Cu2+||Ag+|Ag|  In this cell diagram the solid line separates the electrode from the solutions and the double vertical line represents the salt bridge.  Sometimes you may see |Zn|Zn2+||H+|H2|Pt| The extra component shows that an inert platinum electrode is passed through a tube of hydrogen gas (i.e. you can’t really make an electrode directly out of hydrogen gas, so this method is used).

7. Standard half cell potentials are measure relative to the standard hydrogen electrode (SHE).  This half cell is assigned a value of 0V.

8. Reactions with positive half-cell potentials are more easily reduced (gain electrons) than hydrogen ions.  Reactions with negative half-cell potentials are less easily reduced (i.e. more easily oxidized).

9. In calculating standard cell voltage Eocell = Eored + Eoox, remember that Eoox is actually –Eored for that side of the cell reaction (i.e. you have to remember to flip the signs before adding the half cells).  Remember, the chart gives “reduction” potentials NOT “oxidation” potentials.

10. The stoichiometry of the cell equation does NOT have any affect on the cell potential (but concentration does!)

11. “Standard” cell conditions are 1M for solutions and 1atm for gases.

(Actually 1bar for gases (1x105Pa) and solutions, pure liquids and solids have an “activity” of 1)

12. Negative cell potentials are nonspontaneous in the direction written and spontaneous in the reverse direction.

13. For spontaneous reactions, Eo > 0, (Go < 0, K > 1

14. Eo vs (Go relationship:  Eo = -(Go/(nF) (@25oC), where n is the number of moles of electrons transferred in the reaction, and F is the Faraday constant = 9.648x104 J/molV.

15. Eo vs K relationship:  Eo = (RT/nF)lnK = (0.0257V)(lnK)/n
(@25oC)

16. Nernst Equation (Nonstandard cell potentials):

Ecell 
= Eocell – (RT/nF)lnQ 

= Eocell – (0.025693V/n)lnQ 

= Eocell – (0.0592V/n)logQ  (common form)

17. EMF (Electromotive Force, [voltage]) increases as the reactant concentration increases and the product concentration decreases (and vice versa).  Relate this to Le Chatelier’s Principle.

18. From the Nernst equation you can see that cells containing the same solutions (but different molarities) can produce an EMF even though Eocell is zero.
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