
Oxidation of Metals by Acids and Salts 
•  Metals are oxidized by acids to form salts: 

Mg(s) +2HCl(aq) → MgCl2(aq) + H2(g) 
•  During the reaction, 2H+(aq) is reduced to H2(g). 
 
•  Metals can also be oxidized by other salts: 

Fe(s) +Ni2+(aq) → Fe2+(aq) + Ni(s) 
•  Notice that the Fe is oxidized to Fe2+ and the Ni2+ 

is reduced to Ni. 
 



Activity Series 
•  Some metals are easily oxidized whereas others 

are not. 
•  Activity series: a list of metals arranged in 

decreasing ease of oxidation. 
•  The higher the metal on the activity series, the 

more active that metal. 
•  Any metal can be oxidized by the ions of 

elements below it. 
 
 





Examples:  Write complete ionic and net ionic 
equations for the following: 

1.  Aluminum metal is added to an aqueous solution of 
copper (II) chloride. 

2.  Zinc metal is added to a solution of hydrobromic 
acid. 

3.  Chromium metal is placed in a solution of 
potassium nitrate. 



Examples:  Write complete ionic and net ionic 
equations for the following: 

1.  2Al + 3Cu2+ + 6Cl-  3Cu + 2Al3+ + 6Cl- 

 2Al + 3Cu2+  3Cu + 2Al3+ 

2.  Zn + 2H+ + 2Br-  Zn2+ + H2 + 2Br- 

 Zn + 2H+  Zn2+ + H2 

3.  NR 



 Standard Reduction (Half-Cell) Potentials 
•  Consider Zn(s) → Zn2+(aq) + 2e-.  We measure Ecell 

relative to the SHE (cathode):  
E°cell = E°red(cathode) + E°ox (anode) 

0.76 V = 0 V + E°ox(anode). 
•  Therefore, E°ox(anode) = +0.76 V. 
•  Standard reduction potentials must be written as 

reduction reactions: 
Zn2+(aq) + 2e- → Zn(s), E°red = -0.76 V. 

Cell EMF 



•  Since E°red = -0.76 V we conclude that the reduction of 
Zn2+ in the presence of the SHE is not spontaneous. 

•  The oxidation of Zn with the SHE is spontaneous. 
•  Changing the stoichiometric coefficient does not affect E
°red. 

•  Therefore,  
2Zn2+(aq) + 4e- → 2Zn(s), E°red = -0.76 V. 

•  Reactions with E°red > 0 are spontaneous reductions 
relative to the SHE. 



 
 
 
 

•  Reactions with E°red < 0 are spontaneous oxidations 
relative to the SHE. 

•  The larger the difference between E°red values, the larger 
E°cell. 

•  In a voltaic (galvanic) cell (spontaneous) E°red(cathode) is 
more positive than E°red(anode). 

•  Recall 
( ) ( )anodecathode oxredcell °+°=° EEE



Examples – Balance the following equations, and 
calculate E°cell for each: 

1.  Cr3+ + Cl2 (g) � Cr2O7
2- + Cl- 

2.  Cu2+ + Mg (s) � Mg2+ + Cu (s) 

3.  IO3
- + Fe2+ � Fe3+ + I2 

4.  Zn (s) + Ag+ � Zn2+ + Ag 



  Oxidizing and Reducing Agents 
•  The more positive E°red the stronger the oxidizing agent 

on the left. 
•  The more negative E°red the stronger the reducing agent 

on the right. 
•  A species on the higher to the left of the table of standard 

reduction potentials will spontaneously oxidize a species 
that is lower to the right in the table. 

•  That is, F2 will oxidize H2 or Li; Ni2+ will oxidize Al(s). 





•  In a voltaic (galvanic) cell (spontaneous) E°red(cathode) is 
more positive than E°red(anode) since 

Or   

•  More generally, for any electrochemical process 
 

•  A positive E° indicates a spontaneous process (galvanic 
cell). 

•  A negative E° indicates a nonspontaneous process. 

Spontaneity of Redox 
Reactions 

( ) ( )anodecathode oxredcell °+°=° EEE

( ) ( )processoxidation processreduction oxredcell °+°=° EEE

( ) ( )anodecathode redredcell °−°=° EEE



Examples – Sketch the cells containing the following 
reactions.  Include E°cell, the direction of electron flow, 
direction of ion migration through salt bridge, and 
identify the anode and cathode: 

1.  Cr3+ + Cl2 (g) � Cr2O7
2- + Cl- 

2.  Cu2+ + Mg (s) � Mg2+ + Cu (s) 

3.  IO3
- + Fe2+ � Fe3+ + I2 

4.  Zn (s) + Ag+ � Zn2+ + Ag 



Molarity 
•  Solution = solute dissolved in solvent. 
•  Solute: present in smallest amount. 
•  Water as solvent = aqueous solutions. 
•  Change concentration by using different amounts 

of solute and solvent. 
Molarity: Moles of solute per liter of solution. 

•  If we know molarity and liters of solution, we can  
calculate moles (and mass) of solute. 



Molarity 

litersin solution  of volume
solute of molesMolarity =



Examples:   

1.  Calculate the molarity of a solution prepared by 
dissolving 3.89 g of sodium sulfate in enough water 
to prepare 250. mL of solution. 

2.  How many grams of magnesium chlorate are 
required to prepare 100.0 mL of a 0.500 M 
solution? 



Examples:   

1.  Calculate the molarity of a solution prepared by 
dissolving 3.89 g of sodium sulfate in enough water 
to prepare 250. mL of solution. 

                             .110 M 

2.  How many grams of magnesium chlorate are 
required to prepare 100.0 mL of a 0.500 M 
solution? 

                              9.56 g  


