Oxidation Numbers

¥ e Tohelpus identify what atoms/ions are being oxidized and reduced, the concept
of oxidation numbers was developed

o Oxidation numbers provide a way to keep track of electron transfer during
redox reactions according to a set of certain rules
o Oxidation numbers do NOT represent the actual charges on ions, but are
numbers designed to “book-keep” the electron transfer during redox
reactions

X o General rules for assigning oxidization numbers

Nfﬂ} no \LC\' 1. A pure element in atom form has an oxidation number of 0. Sce example ¥

Xo 2. Group 1 metals always have an oxidation number of +1 (ie. their common
charge) when in jon form and groups 2 metals always have an oxidation
number of +2 (ie. their common charge) when in jon form. 5S¢« <semple B S

3. In general, most metals will have an oxidation number equal to their
charge when in jon form. Sce examPle B 2

4. The oxidation number of oxygen ions is usually -2 (exceptions include
peroxides (H202) and the compound OF2) <ce €xamples # Haas 4

hydcoqen ads 5. Hydrogen jons usually have an oxidation number of +1 (exceptions include
as M anon \?W where it has an -1 oxidation number). sec  exempls & 3 ¢ b
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m\oﬁs 2 6. Fluorine ions always have an oxidation number of -1.
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;,( :\; ‘;'-WJ 7. Chlorine ions usually has an oxidation number of -1 (exceptions are in
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compounds with oxygen and fluorine). see exemple B

e For all other ions that do not fall under the rules listed above, the oxidation
numbers need to be calculate based on the two following principles.

o The sum of all oxidation numbers of all the elements in a neutral
compound is zero. <ee exem s BZ Y5

o The sum of all oxidation numbers of all the elements in a polyatomic ion
equals the charge on the ion. <ee¢ exames s <



ExAMPLES: Determine the oxidation numbers of each element in the following compounds.
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o In molecular compounds without hydrogen, oxygen, fluorine, or chlorine, the
more electronegative element is assigned an oxidation number of its negative
charge as it would appear if it was in ionic compounds.
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EXAMPLES: Determine the oxidation numbers of each element in the compound SiBra).
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sNow try pg. 457 # 7-10%*

e Consider the balanced equation for a reaction between zinc and copper(ll)
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}{— e \When an element has an increase (a change to a more positive value) in the

oxidation number, the element/molecule is undergoing oxidation (ie. the entire
molecule is the reducing agent)

¥ e When an element has a decrease (a change to a more negative value) in the
oxidation number, the element/molecule is undergoing reduction (ie. the entire
molecule is the oxidizing agent)
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e \When a reaction contains no elements that have a change in oxidation numbers,
then no electron transfer has occurred. This means the reaction is not a redox

reaction.
% o All double replacement reaction are examples of reactions that are not :

redox reactions.
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A o All single replacement reactions are examples of redox reactions:
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e In most redox reactions, atoms of one element are oxidized and atoms of a
different element are reduced

% e ltis possible for some atoms of one element to undergo oxidation and other
atoms of the same element to undergo reduction in a single reaction
o This type of redox reaction is called disproportionation
o Consider the following copper atoms and ions in the following equation
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EXAMPLES:
1. Determine whether each of the following reaction is a redox reaction. If so,
identify the oxidizing and the reducing agent.
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***Now try pg. 461 #11 and Practice Problems



Practice Problems

For each of the redox reactions; assign oxidation numbers to each element, identify
what element is oxidized, what element is reduced, the oxidizing agent, and the
reducing agent. ldentify any disproportionation reactions.

1. 3As03% (aq + 1037 @y — 3AsOs @y + (e

2. 3CuOs) + 2NHsg — Nzg + 3 H20q + 3 Cug)

3. 2MnO4 @ + 5H2Seq + BH @ — 5Ses + 2Mn%'@q + 8H20q)

4. PbOzs) + Pbis) + 2H2SO04ag — 2 PbSOss + 2 H20q)

5. 6Clag + 120H7 @ — 2ClOs@y + 10Cl@g + 6 H20



Answers

1. 3As033 (ag + |03 (ay — 3AsOs @) + I
8 =2 +5 -2 +5 B A

As is oxidized, therefore AsO3% g is the reducing agent.
| is reduced, therefore 103 is the oxidizing agent.

2. 3CuOs) + 2 NH3g — Nzg + 3 H20q + 3 Cug)
+2 -2 3 +1 0 +1 -2 0

Cu is reduced, therefore CuOs) is the oxidizing agent.
N is oxidized, therefore NH3(g) is the reducing agent.

3. 2MnO4 aq) + 5S5H2Seq + 6 H'@qg — 5Ses + 2 Mn?*aq + 8 H20q)
+7 -2 +1 -2 +1 0 +2 +1 -2

Se is oxidized, therefore H2Se(g) is the reducing agent.
Mn is reduced, therefore MnOa (aq) is the oxidizing agent.

4. PbOzs + Pbs + 2H2SO4aq — 2 PbSOs4s) + 2 H20q)
+4 -2 0 +1 +6 -2 +2 +6 -2 +1 -2

Pb is reduced, therefore PbO2) is the oxidizing agent.
Pb is oxidized, therefore Pbs) is the reducing agent.

5. 6Chy + 12 OH @ — 2ClO37@aqy + 10Cl@q =+ 6 H20()
0 -2 +1 +5 -2 -1 +1 -2

Clis reduced, therefore Clz(g) is the oxidizing agent.
Clis oxidized, therefore Clzg) is also the reducing agent.
This is an example of a disproportionation reaction.




