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Reactivity, Cells, and Electrolysis

OBJECTIVES:
8. Deduce a reactivity series based upon the chemical behaviour of a group of oxidizing and reducing agents.

9. Deduce the feasibility of a redox reaction from a given reactivity series.

10. Describe and explain how a redox reaction is used to produce electricity in a voltaic cell.

11. Explain the process of electrolysis.

12. Draw a diagram showing the essential components of an electrolytic cell.

13. Relate the movement of charge through an electrolytic cell to the chemical reactions that occur.

14. Relate the construction of a galvanic cell to how it functions to produce a voltage and an electrical current.

15. Deduce the products for the electrolysis of a molten salt.

16. Distinguish between the use of a spontaneous redox reaction to produce electricity in a voltaic cell and the use of electricity to carry out a non-spontaneous redox reaction in an electrolytic cell.

17. Describe and explain the use of electrolysis in electroplating.

A reactivity series can be constructed by observing reactions between different metals: 

	 more reactive metal
	+
	 compound of less reactive metal
	     >
	 less reactive metal
	 +
	 compound of more reactive metal


This allows us to assign the following reactivities: Zn >> Cu >> Ag

Alkali metals are extremely reactive with water and halogens.

Think of what batteries are made out of – they use very reactive metals to produce as much energy as possible.

Electrochemistry involves oxidation-reduction reactions that can be brought about by electricity or used to produce electricity.
Oxidation and reduction, which will be considered here as the loss and gain of electrons, occurs in many chemical systems. When such reactions can be made to cause electrons to flow through a wire or when a flow of electrons makes a redox reaction happen, the processes are referred to as electrochemical changes. The study of these changes is called electrochemistry.
Voltaic Cells – Spontaneous Reactions That Produce Electricity 
Electrochemical cells that use an oxidation-reduction reaction to generate an electric current are known as galvanic, voltaic, or Daniell cells. These cells are commonly known as batteries. Because the potential of these cells to do work by driving an electric current through a wire is measured in units of volts, we will refer to the cells that generate this potential from now on as voltaic cells.
Let's take another look at the voltaic cell in the figure below.
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Within each half-cell, reaction occurs on the surface of the metal electrode. At the zinc electrode, zinc atoms are oxidized to form Zn2+ ions, which go into solution. The electrons liberated in this reaction flow through the zinc metal until they reach the wire that connects the zinc electrode to the platinum wire. They then flow through the platinum wire, where they eventually reduce an H+ ion in the neighboring solution to a hydrogen atom, which combines with another hydrogen atom to form an H2 molecule.

The electrode at which oxidation takes place in an electrochemical cell is called the anode. The electrode at which reduction occurs is called the cathode. The identity of the cathode and anode can be remembered by recognizing that positive ions, or cations, flow toward the cathode, while negative ions, or anions, flow toward the anode. In the voltaic cell shown above, H+ ions flow toward the cathode, where they are reduced to H2 gas. On the other side of the cell, Cl- ions are released from the salt bridge and flow toward the anode, where the zinc metal is oxidized.

The ability of a hydrogen electrode to reduce hydrogen is necessarily zero. So the hydrogen electrode is used as a reference for all other electrodes.
Metals are ranked according to their ability to reduce hydrogen.
The most reactive are the strongest reducing agents, they rather like to be oxidized.

	 Mg2+ + 2e¯      > Mg
	 -2.36V
	 Most reactive

	 Zn2+ + 2e¯      > Zn
	 -0.76V
	 

	 Fe2+ + 2e¯      > Fe
	 -0.44V
	 

	 Sn2+ + 2e¯      > Sn
	 -0.14V
	 

	 Pb2+ + 2e¯      > Pb
	 -0.13V
	 

	 2H+ + 2e¯      > H2
	 -0.00V
	 Reference

	 Cu2+ + 2e¯      > Cu
	 +0.34V
	 

	Ag+ + e¯      > Ag
	 +0.80V
	Least Reactive


When redox reactions occur, electrons are transferred from the substance being oxidized to the substance being reduced. In the process, energy is either released or absorbed, depending on the electron-binding energy difference between the reacting substances. A battery is a device that allows the chemical energy released by a spontaneous redox reaction to do electrical work.

Why do electrons travel in one direction? The electron pressure at the cathode is kept low by the reduction reaction, and the electrons flow from a region of high pressure (*negative potential at the anode) to a region of low pressure (positive potential at the cathode).

Zn(s) + Cu2+(aq)      > Zn2+(aq) + Cu(s)
*As there are more electrons on the zinc electrode, its electric potential is more negative than that on the copper electrode. The zinc electrode is said to have a negative potential with respect to the copper electrode.
An electric potential difference is called voltage and is expressed in units of volts.
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Electrolytic Cells – Non-Spontaneous Reactions That Require Energy
Electricity can provide the necessary energy to cause otherwise non-spontaneous reactions to occur.  When electricity is added through a molten ionic compound or through a solution containing ions - an electrolyte - a chemical reaction called electrolysis occurs. A typical electrolysis apparatus, referred to as an electrolysis cell or electrolytic cell, is shown below.  This electrochemical cell requires energy. 

[image: image3.jpg]source

porous scjreen

anode cathode

molten NaCl




This particular cell contains molten sodium chloride. A substance undergoing electrolysis must be molten or in solution so that its ions can move freely and conduction can occur. Non-reactive, inert electrodes are dipped into the cell and then connected to a source of direct current (DC) electricity.  At the positive electrode, the anode, oxidation occurs as electrons are pulled from negatively charged chloride ions. The DC source pumps these electrons through the external electrical circuit to the negative electrode, the cathode. At the cathode, reduction takes place as the electrons are picked up by positively charged sodium ions. 
The chemical changes that take place at the electrodes can be expressed in the form of chemical equations. 

Na+(aq) + e- ----- Na(l) (cathode) 

2 Cl-(l) ----- Cl2(g) + 2e- (anode) 

When sodium chloride undergoes electrolysis (when it is electrolysed), no electrons actually pass through the molten NaCl from one electrode to another. The electrical conduction here is quite different from that in a metal, where electrons carry the charge. In a molten salt such as sodium chloride, or in a solution of an electrolyte, it is the ions that move through the liquid that carry the charge. In the case of molten NaCl, for example, negatively charged chloride ions gradually move toward the positive electrode, and positively charged sodium ions gradually move toward the negative electrode. Around each electrode, a layer of ions of opposite charge accumulates, and electrolysis is able to continue only because reactions of these ions deplete the layers and make room for more ions from the surrounding liquid. If the redox changes at the electrodes cease, the flow of electricity in the external circuit also stops.

How It All Works
1.  The metal with the stronger desire for electrons; i.e. the higher electronegativity, is the one that will be reduced. The metal ions in the  electrolyte steal electrons from the metal strip.  This causes the metal ions to become reduced to the metal atom.  The strip of metal, having lost electrons becomes more positive.

2.  The deficit of electrons at the cathode means that there is now a surplus of electrons at the anode. i.e.. The anode is now negative when compared to the cathode.  (This is the physics point of view).

3.   Electrons flow from the -ve anode to the +ve cathode to replace those electrons lost to the reduction reaction.

4.  As the electron quantity at the anode drops there is an attraction for electrons in the electrode.  As electrons get removed from the electrode, metal atoms in the electrode give up their electrons, becoming positive ions, and these positive ions dissolve off into the electrolyte solution.

5.   If the salt bridge is not there, the cell that is performing the reduction would become very negative, because the negative anion must remain while all the positive cations are being reduced.  The cell that is performing the oxidation will become very positive, because of the formation of positive ions.  Eventually this build-up would stop the reactions since the positive cell would build up such a large positive charge that it would start to become more attractive to the electron flow that the original cathode metal electrode. At the same time the build-up of the large negative charge in the cathodic cell would start to repel or oppose the flow of electrons.   A salt bridge between the two cells allows a balancing of the electrolytes so that this build-up does not take place.  The negative anions from the reduction cell react with the positive cations produced in the oxidation cell neutralizing their charges.

Electrolysis and Electrolytic Cells and Applications of Electrolysis – Electroplating
We've seen how spontaneous reactions can be harnessed to produce electricity. In electrolytic cells, electricity is used to force non-spontaneous reactions to proceed. Electrolysis involves forcing a current through a cell to produce a chemical change for which the cell potential is negative. Electrolysis is used to prepare certain compounds and metals. Products of electrolysis are found in every day life: Chrome plated bumpers, silver and gold plating on some inexpensive jewellery, among other things. The application of electrolysis is a thin ornamental or protective coating of one metal over another. It is a common technique for improving the appearance and durability of metal objects. For instance, a thin, shiny coating of metallic chromium is applied over steel automobile bumpers to make them attractive and to prevent rusting of the steel. Silver and gold plating is applied to jewellery made from less expensive metals, and silver plating is common on eating utensils. These thin metallic layers, generally 0.03 to 0.05 mm thick, are applied by electrolysis.
Alkali earth metals which are also highly reactive can be prepared using electrolysis of molten chloride salts as in the reaction MgCl(l) →Mg(l) + Cl2(g)

Other metals which are not quite as reactive as the above two families but are sufficiently reactive that they cannot be produced in an aqueous cell can be produced this way. Aluminum is one such metal.
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