CH142
Chapter 20- Electrochemistry
I. Oxidation States and Oxidation-Reduction Reactions
a. Introduction
i. [bookmark: _GoBack]Oxidation-reduction reactions can be determined by a change in the oxidation numbers 
1. This indicates a transfer of electrons
ii. If one substance is oxidized, another must be reduced
1. Oxidizing agent (oxidant): the substance that makes it possible for another substance to be oxidized
2. Reducing agent (reductant): the substance that gives up electrons, thereby causing another substance to be reduced 
a. The species that is reduced is the oxidizing agent while the species that is oxidized is the reducing agent
II. Balancing Redox Equations
a. Half-Reactions
i. Oxidation and reduction occur simultaneously but it is easier to consider them as separate processes 
1. Half reactions: equations that show either oxidation or reduction alone
a. The number of electrons must be equal in both half reactions for them to be balanced
b. Balancing Equations by the Method of Half-Reactions
i. Steps to balancing: 
1. Divide the equation into the oxidation and reduction half-reactions 
2. Balance each half-reaction
a. Balance elements other than H and O
b. Balance O atoms by adding H2O
c. Balance H atoms by adding H+
d. Balance charge by adding e-
3. Multiply half-reactions by integers as needed to make the number of electrons lost and gained the same 
4. Add half reactions and cancel, while ensuring charge is balanced
c. Balancing Equations for Reactions Occurring in Basic Solution
i. If a redox reaction occurs in basic solution, the equation must be balanced by using OH- and H2O rather than H+ and H2O
1. To do so, balance the half-reactions as before but add OH- to both sides in order to neutralize any H+
III. Voltaic Cells
a. Introduction
i. Voltaic (galvanic) cell: a device in which the transfer of electrons takes place through an external pathway rather than directly between reactants present in the same reaction vessel
ii. One spontaneous reaction occurs when a strip of zinc is placed in contact with a solution containing Cu2+
1. As the reaction proceeds, the blue color of the copper ions fades and copper metal deposits on the zinc
a. Zinc also begins to dissolve
2. Electrons become available as zinc metal is oxidized at the anode, which flow through the cathode and are consumed as copper is reduced
a. Because Zn2+ is oxidized, the zinc electrode loses mass and the concentration of the Zn2+ solution increases while the opposite occurs at the cathode
iii. In voltaic cells, the two reactants are not in direct contact with each other and reduction only occurs by the flow of electrons through an external circuit
1. This external circuit is a wire connecting the two strips 
2. Electrical current: electrons flowing through a wire and ions moving in solution
iv. Electrodes: the two solid metals connected by the external circuit
1. Anode: the electrode at which oxidation occurs
2. Cathode: the electrode at which reduction occurs
v. For a voltaic cell to work, the solutions in the two half-cells must remain electrically neutral
1. As Zn is oxidized in the anode half-cell, Zn2+ ions enter the solution upsetting the initial charge balance
a. To keep the solution neutral, there must be some means for these cations to migrate out of the anode half-cell and for anions to migrate in 
2. Salt bride: U-shaped tube containing an electrolyte solution like NaNO3, whose ions will not react with other ions in the voltaic cell or electrodes
a. The electrolyte is often incorporated into a paste or gel so that the electrolyte solution does not pour out when the U-tube is inverted
3. Ions then are able to proceed into the two half-cells from the salt bridge to neutralize the charge
a. Cations migrate to the cathode, while anions migrate to the anode
vi. Electrons flow from the anode through the external circuit to the cathode
1. Thus, the anode is – and the cathode is + 
IV. Cell Potentials Under Standard Conditions
a. Introduction
i. Electrons flow spontaneously through an external circuit from the anode of a voltaic cell to the cathode because of a difference in potential energy
1. Cell potential (Ecell): the potential difference between the two electrodes of a voltaic cell
ii. Electromotive motive force (emf): the potential difference provides the driving force that pushes electrons through the external circuit
1. The cell potential of any voltaic cell is positive, and its magnitude depends on the reactions occurring
a. Standard cell potential (E°cell): the cell potential under standard conditions
b. Standard Reduction Potentials
i. By convention, the potential associated with each electrode is chosen to be the potential for reduction at that electrode
1. Standard reduction potentials: the standard half-cell potentials for reduction, which are tabulated
2. The standard cell potential can be found: 
a. 
ii. It is not possible to measure the standard reduction potential of a half-reaction directly
1. If a standard reduction potential is assigned to a certain reference half-reaction, the standard reduction potentials of other half-reactions can be determined relative to the reference value
a. Standard hydrogen electrode (SHE): an electrode design to produce the half reaction of the reduction of hydrogen
i. A SHE consists of a platinum wire connected to a piece of platinum foil covered with finely divided platinum that serves as an inert surface
ii. The SHE allows the platinum to be in contact with both 1M H+ to H2 under standard conditions
iii. Because electrical potential measures potential energy per electrical charge, standard reduction potentials are intensive properties
1. Thus, changing the stoichiometric coefficient in a half-reaction does not affect the value of the standard reduction potential
a. The more positive the value of E°cell, the greater the tendency for reduction under standard conditions
i. Electrons flow spontaneously through the external circuit from the electrode with the more negative value of E°red to the electrode with the more positive value of E°red 
c. Strengths of Oxidizing and Reducing Agents
i. The half-reaction with the most negative reduction potential is the one most easily reversed and run as an oxidation
1. While the half-reaction with the most positive reduction potential is the one most easily reduced
V. Free Energy and Redox Reactions
a. Introduction
i. The equation for voltaic half cells can be used to describe redox reactions in general
1. 
ii. A positive value of E indicates a spontaneous process; a negative value of E indicates a nonspontaneous process
1. Any metal in the activity series is oxidized by the ions of any metal below it
a. The activity series is based on the oxidation reactions of the metals, ordered from strongest reducing agent at the top to weakest reducing agent at the bottom
b. Emf, Free Energy, and the Equilibrium Constant
i. The change in the Gibbs free energy is a measure of the spontaneity of a process that occurs at constant temperature and pressure
1. It can be related to the emf
a. 
b. 
i. n: the number of moles of electrons
ii. Faraday constant (F): 96,485 J/V-mol
2. A positive value of E and a negative value of G indicate a spontaneous reaction
ii. Because G° is related to the equilibrium constant, E° can also be related to K
1. 
VI. Cell Potentials Under Nonstandard Conditions
a. The Nerst Equation
i. Nernst equation: the effect of concentration on cell emf can be obtained from the effect of concentration on free-energy change 
1. 
a. The Nernst equation helps one understand why the emf of a voltaic cell drops as the cell discharges 
i. As reactants are converted to products, the value of Q increases, so the value of E decreases, eventually reach E=0
1. When E=0, G=0 so the system is at equilibrium
ii. In general, increasing the concentration of reactants or decreasing the concentration of products increases the driving force for the reaction, resulting in a higher emf
b. Concentration Cells
i. Cell emf also depends on concentration, so a voltaic cell can be constructed using the same species in both half-cells with different concentrations 
1. Concentration cell: a cell based solely on the emf generated because of a difference in concentration
a. Due to this, the standard emf is zero, since the forward and reverse reactions have the same reduction potential
ii. The emf can thus be calculated by using the Nernst equation
1. 
VII. Batteries and Fuel Cells
a. Introduction
i. Battery: a portable, self-contained electrochemical power source that consists of one or more voltaic cells
1. When cells are connected in series, the battery produces a voltage that is the sum of the voltages of the individual cells
a. Primary cells: batteries that cannot be recharged and must be discarded after the voltage reaches zero
b. Secondary cells: batteries that can be recharged from an external power source after its voltage has dropped 
b. Lead-Acid Battery
i. A 12-V lead-acid automotive battery consists of six voltaic cells, each producing 2 V
1. The reactants Pb and PbO2 are the electrodes and because the reactants are solids, they do not need to be separated into half-cells 
a. Because solids are excluded from the reaction quotient Q, the relative amounts of Pb, PbO2, and PbSO4 have no effect on the voltage of the lead storage battery
c. Alkaline Battery
i. The most common primary battery is the alkaline battery
1. The anode is powdered zinc metal immobilized in a gel in contact with a concentrated solution of KOH
2. The cathode is a mixture of MnO2 and graphite, separated from the anode by a porous fabric
ii. It is encased in steel to reduce the risk of any concentrated KOH escaping
d. Nickel-Cadmium and Nickel-Metal Hydride Batteries
i. One relatively common battery is the nickel-cadmium battery 
1. During discharge, cadmium metal is oxidized at the anode while nickel oxyhydroxide is reduced at the cathode
a. The solid reaction products also adhere to the electrodes, which permits the electrode reactions to be reversed during charging 
2. Because cadmium is toxic, these batteries must be recycled and it also has a high density, which increases battery weight
ii. These shortcomings have fueled the development of the nickel-metal hydride battery 
1. The cathode reaction is the same as that for nickel-cadmium batteries, but the anode reaction is very different
a. The anode consists of a metal alloy and upon charging, water is reduced at the anode to from hydroxide ions and hydrogen atoms that are absorbed into the AM5 alloy
e. Lithium-Ion Batteries
i. Currently most portable electronic devices, including cell phones and laptops are powered by rechargeable lithium ion batteries 
1. Lithium is a very light element, LI-ion batteries achieve a greater specific energy density
a. Because Li ion has a very large negative standard reduction potential, they produce a higher voltage per cell than other batteries
ii. The technology of lithium ion batteries is based on the ability of Li ions to be inserted into and removed from certain layered solids
1. In most commercial cells, the anode is made of graphite, which contains layers of sp2 bonded carbon atoms
a. The cathode is made of a transition metal oxide that also has a layered structure
2. During discharge, when the battery is producing electricity for use, the Li ions spontaneously migrate from the graphite anode through the electrolyte to the cathode
f. Hydrogen Fuel Cells
i. The thermal energy released by burning fuels can be converted to electrical energy
1. The thermal energy may convert water to steam, which drives a turbine that in turn drives an electrical generator
a. Typically, a maximum of only 40% of the energy from combustion is converted to electricity in this manner
ii. Fuel cells: voltaic cells that perform this conversion of chemical energy to electrical energy using conventional fuels such as H2 and methane
1. They are not batteries because they are not self-contained
iii. The most common fuel-cell systems involve the reaction of H2 and O2 to form H2O
1. Fuel cells are often named for either the fuel or the electrolyte used 
2. They are separated by a membrane that acts as the salt bridge and the electrodes are made of graphite
VIII. Corrosion
a. Corrosion of Iron
i. The rusting of iron is a familiar corrosion process that carries a significant economic impact
1. Up to 20% of the iron produced annually in the U.S. is used to replace iron objects that have been discarded because of rust damage
ii. Rusting of iron requires both oxygen and water; it can be accelerated by other factors such as pH, salt presence, contact with metals more difficult to oxidize than iron, and stress
1. The corrosion process involves oxidation and reduction, and the metal conducts electricity
iii. A portion of the iron, often associated with a dent or region of strain, can serve as an anode at which Fe is oxidized to Fe2+
1. The reduction of O2 requires H+, so lowering the concentration of H+ makes O2 reduction less favorable 
a. Iron in contact with a solution whose pH is greater than 9 does not corrode
iv. Because the cathode is generally the area having the largest supply of O2, rust often deposits there
b. Preventing Corrosion of Iron
i. Objects made of iron are often covered with a coat of paint or another metal to protect against corrosion 
1. Covering the surface with paint prevents oxygen and water from reaching the iron surface
ii. Galvanized iron: which is iron coated with a thin layer of zinc, the iron is protected from corrosion even after the surface coat is broken
1. Because Ered for Fe2+ is less negative than Ered for Zn2+, ZN is more readily oxidized than Fe
a. So, even if the zinc coating is broken and the galvanized iron is exposed to oxygen and water, the zinc serves as the anode and is corroded instead of the iron 
iii. Cathodic protection: protecting a metal form corrosion by making it the cathode in an electrochemical cell
1. Sacrificial anode: the metal that is oxidized while protecting the cathode
IX. Electrolysis
a. Introduction
i. By using electrical energy, nonspontaneous redox reactions can be forced to occur
1. Electrolysis reactions: processes driven by an outside source of electrical energy
ii. An electrolytic cell consists of two electrodes immersed either in a molten salt of in a solution
1. A battery acts as an electron pump, pushing electrons into one electrode and pulling them from the other
b. Quantitative Aspects of Electrolysis
i. For any half-reaction, the amount of substance reduced or oxidized in an electrolytic cell is directly proportional to the number of electrons passed into the cell
1. Coulombs: the quantity of charge passing through an electrical circuit
a. 



