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Topic 4 – Chemical Reactions 
IONIC THEORY OF SOLUTIONS


A. Electrolytes



1. Definition

A substance that produces ions when dissolved in water; a 
solution of an electrolyte will conduct electricity.

2. Solutions of electrolytes conduct electricity because the ions 

   present in the solution can carry electrical charge ( the greater 

   the number of ions, the greater the amount of charge that can 

   be  carried.

3. Two types of substances are electrolytes.




a. Ionic solids that dissolve in water 





Ions separate from the crystal lattice.

b. Ionizable molecular substances 

When these dissolve in water the process 

forms ions.



4. Strong and weak electrolytes




a. Strong electrolytes





(1) A substance that is almost completely ionized 

                                                      (almost entirely ions) when dissolved in water

(2) Almost all ionic substances and a very few 

      molecular substances

Most salts, strong bases, and strong acids

(3) Conduct electricity very well




b. Weak electrolytes

(1) A substance that is only partially ionized (only 

      a small percentage of ions) when dissolved in 

      water

(2) Some molecular substances, weak acids and

     weak bases

(3) Conduct electricity but not well



5. Identifying strong and weak electrolytes

a. Most salts are strong electrolytes




b. Most acids are weak electrolytes





Important exceptions are strong acids:






HCl






HBr






HI






HNO3





H2SO4





HClO4

c. Group I A hydroxides and Group II A hydroxides 

    (from Ca on) are strong electrolytes.

d. Most other substances are nonelectrolytes.


B. Nonelectrolytes

1. Definition

A substance that does not ionize (does not produce any ions) when dissolved in water; a solution of a nonelectrolyte either does not conduct electricity at all 

or does so very poorly.

2. Most molecular substances are nonelectrolytes.

MOLECULAR, COMPLETE IONIC, AND NET IONIC EQUATIONS

A. Molecular equations

Equations in which the reactants and products are written as if 

they were molecular substances, that is, without regard for whether 
they are an electrolyte, even though they may in fact exist in 
solution as ions

B. Complete ionic equations

Equations written with all strong electrolytes shown as they

actually exist in solution, that is, as separate ions

C. Net ionic equations

 1. Definitions

a. Net ionic equation

An equation written where all strong electrolytes are written as ions and where spectator ions have been eliminated.

b. Spectator ion

A spectator ion is one that appears in exactly the 
same form on both sides of the equation.


2. Procedure

a. Begin with a balanced molecular equation.

b. Write all strong electrolytes as separate ions.

c. Write all weak electrolytes as aqueous solutions, but not 

    as separate ions.

d. Indicate the state of all of the other substances.

e. Identify and eliminate any spectator ions.

f. Write the net ionic equation.

D. Examples


1. 

	Equation
	Na2CO3 (aq) + Ca(NO3)2 (aq)  

(  NaNO3 (aq) + CaCO3 (s)



	Balanced Molecular Equation
	Na2CO3 (aq) + Ca(NO3)2 (aq)  

( 2 NaNO3 (aq) + CaCO3 (s)



	Complete Ionic Equation
	2 Na+ (aq) + CO32( (aq) + Ca2+ (aq) + 2 NO3( (aq)

(  2 Na+ (aq) + 2 NO3( (aq) + CaCO3 (s)



	Net Ionic Equation
	CO32( (aq) + Ca2+ (aq)  (  CaCO3 (s)




2. 

	Equation
	HC2H3O2 (aq) + Ca(OH)2 (aq) 

( Ca(C2H3O2)2 (aq) + H2O (l)



	Balanced Molecular Equation
	2 HC2H3O2 (aq) + Ca(OH)2 (aq)  

( Ca(C2H3O2)2 (aq) + 2 H2O (l)



	Complete Ionic Equation
	2 HC2H3O2 (aq) + Ca2+ (aq) + 2 OH( (aq)  

(  Ca2+ (aq) + 2 C2H3O2( (aq) + 2 H2O (l)



	Net Ionic Equation
	2 HC2H3O2 (aq) + 2 OH( (aq)  

(  2 C2H3O2( (aq) + 2 H2O (l)



	Reduce to Lowest Terms
	HC2H3O2 (aq) + OH( (aq)  

(  C2H3O2( (aq) + H2O (l)




 3. 

	Equation
	HClO4 (aq) + NaOH (aq)  

(  NaClO4 (aq) + H2O (l)



	Balanced Molecular Equation
	already balanced


	Complete Ionic Equation
	H+ (aq) + ClO4( (aq) + Na+ (aq) + OH( (aq)  

(  Na+ (aq) + ClO4( (aq) + H2O (l)



	Net Ionic Equation
	H+ (aq) + OH( (aq)  (  H2O (l)




FIVE GENERAL TYPES OF REACTIONS

A. Combination reactions



1. Definition

A chemical reaction in which two or more substances react

to form a single new substance

2. General equation




R + S (  RS



3. Reactants




Two elements or two compounds
4. Product




A single compound

5. Examples




a. Metal + oxygen ( metal oxide 

2 Mg (s) + O2 (g) ( 2 MgO (s) 

b. Nonmetal + oxygen ( nonmetallic oxide 

C (s) + O2 (g) ( CO2 (g) 

c. Metal oxide + water ( metallic hydroxide 

MgO (s) + H2O (l) ( Mg(OH)2 (s) 

d. Nonmetallic oxide + water ( acid 

CO2 (g) + H2O (l) ( H2CO3 (aq) 

e. Metal + nonmetal ( salt 

2 Na (s) + Cl2 (g) ( 2 NaCl (s) 

f. A few nonmetals combine with each other. 

2 P (s) + 3 Cl2 (g) ( 2 PCl3 (g)
B. Decomposition reactions

1. Definition

A chemical reaction in which a single compound reacts to

give two or more simpler products

2. General equation




RS  (  R + S

3. Reactants


a. A single binary compound

b. A single ternary compound

4. Products

a. Two elements (if the reactant is binary)

b. Two or more elements and/or compounds (if the reactant 

    is ternary)

5. Examples

a. Metallic carbonates, when heated, form metallic oxides 

    and CO2 (g). 

CaCO3 (s) 
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 CaO (s) + CO2 (g) 

b. Most metallic hydroxides, when heated, decompose into 

    metallic oxides and water. 

Ca(OH)2 (s) 
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 CaO (s) + H2O (g) 

c. Metallic chlorates, when heated, decompose into metallic

   chlorides and oxygen. 

2 KClO3 (s) 
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 2 KCl (s) + 3 O2 (g) 

d. Some acids, when heated, decompose into nonmetallic 

   oxides and water. 

H2SO4 
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 H2O (l) + SO3 (g) 

e. Some oxides, when heated, decompose. 

2 HgO (s) 
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 2 Hg (l) + O2 (g) 

f. Some decomposition reactions are produced by

   electricity. 

2 H2O (l) 
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 2 H2 (g) + O2 (g) 

2 NaCl (l) 
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 2 Na (s) + Cl2 (g)
C. Single replacement reactions

1. Definition

A chemical reaction in which the atoms of one element 

replace atoms of a second element in a compound.

2. General equation




T + RS  (  TS + R

3. Reactants




An element and a compound

4. Products




A different element and a new compound

5. Examples

a. Replacement of a metal in a compound by a more active

   metal. 

Fe (s) + CuSO4 (aq) ( FeSO4 (aq) + Cu (s) 

b. Replacement of hydrogen in water by an active metal. 


Note that H2O is being treated as HOH:

2 Na (s) + 2 H2O (l) ( 2 NaOH (aq) + H2 (g) 

Mg (s) + H2O (g) ( MgO (s) + H2 (g) 




c. Replacement of hydrogen in acids by active metals. 

Zn (s) + 2 HCl (aq) ( ZnCl2 (aq) + H2 (g) 

d. Replacement of nonmetals by more active 

    nonmetals. 

Cl2 (g) + 2 NaBr (aq) ( 2 NaCl (aq) + Br2 (l)


6. Determining whether a reaction occurs





a. Because elements vary in their ability to replace other 

    elements the only way to know if a proposed 

    replacement will happen is to use an experimentally 

    determined activity series.


b. The rule is that the element higher on the activity series 

                will replace the lower element.


(1) For metals use an activity series.



See the handout “Activity Series Table”.

(2) For halogens the activity series is the same as            

     the order from top to bottom of the elements in 

     Group VII A on the periodic table.




c. Examples




        2 Al (s) + 3 CuSO4 (aq) ( Al2(SO4)3 (aq) + 3 Cu (s)




Is Al higher than Cu? YES!




The reaction WILL take place as written.





Cu (s) + FeSO4 (aq) ( CuSO4 (aq) + Fe (s)




Is Cu higher than Fe? NO!






The reaction will NOT take place as written.





Fe (s) + CuSO4 (aq) ( FeSO4 (aq) + Cu (s) 




Is Fe higher than Cu? YES!






The reaction WILL take place as written.




Br2 (l) + 2 NaCl (aq) ( 2 NaBr (aq) + Cl2 (g) 




Is Br higher than Cl? NO!






The reaction will NOT take place as written.

Cl2 (g) + 2 NaBr (aq) (  2 NaCl (aq) + Br2 (l)




Is Cl higher than Br? YES!






The reaction WILL take place as written.
D. Double replacement reactions



1. Definition

A chemical reaction that involves an exchange of positive 

ions between two compounds.

2. General equation




R+S( + T+U(  (  R+U( + T+S(
3. Reactants




Two ionic compounds

4. Products

a. Two new compounds

b. Usually one of the following conditions must be true of

    at least one of the products:

(1) It is a precipitate.

(2) It is a gas.

(3) It is a molecular compound (such as water).



5. Examples

a. Formation of precipitate

       NaCl (aq) + AgNO3 (aq) ( NaNO3 (aq) + AgCl (s) 

       BaCl2 (aq) + Na2SO4 (aq) ( 2 NaCl (aq) + BaSO4 (s) 

b. Formation of a gas

       HCl (aq) + FeS (s) ( FeCl2 (aq) + H2S (g) 

c. Formation of water

(If the reaction is between an acid and a base it is called a neutralization reaction.) 

       HCl (aq) + NaOH (aq) ( NaCl (aq) + H2O (l) 

d. Formation of a product that decomposes

       CaCO3 (s) + HCl (aq) ( CaCl2 (aq) + H2CO3 (aq)

    ( CaCl2 (aq) + CO2 (g) + H2O (l)
E. Combustion reactions

1. Definition




A chemical reaction in which oxygen reacts with another 

substance producing energy in the form of heat and light

2. General equations

a. CxHy + O2  (  CO2 + H2O 




b. CxHyOz + O2  (  CO2 + H2O



3. Reactants

a. Oxygen and a compound of C and H

b. Oxygen and a compound of C, H, and O

4. Products (of complete combustion)




CO2 and H2O

5. Examples (not balanced)




a. CH4 (g) + O2 (g) ( CO2 (g) + H2O (g)
b. CH3OH (l) + O2 (g) ( CO2 (g) + H2O (g)
FOUR SPECIFIC CATEGORIES OF CHEMICAL REACTIONS

A. Precipitation reactions ( a subcategory of double replacement reactions

1. Definition

a. Precipitation reaction 

A chemical reaction between ionic substances in solution in which one of the products is insoluble

b. Precipitate

An insoluble substance that forms in, and separates

from, a solution

2. For a reaction to occur a precipitate must form.

3. Determining whether a reaction occurs

a. Identify the possible products.

b. Using the solubility rules, (see handout “Solubility 

   Rules”) determine whether a product is insoluble.

(1) If all products are soluble, then no reaction 

     occurs.

(2) If any product is insoluble, then a reaction 

      does occur.

4. Examples




NaC2H3O2 (aq) + CaCl2 (aq)  (  no reaction





NaCl is soluble

Rules 1 and 3




Ca(C2H3O2)2 is soluble
Rule 2



ZnCl2 (aq) + Na2S (aq)  (  ZnS (s) + 2 NaCl (aq)




NaCl is soluble

Rules 1 and 3




ZnS is insoluble

Rule 7




Balanced net ionic equation:





Zn2+ (aq) + S2( (aq) (  ZnS (s)



Evidence for reaction:





formation of a precipitate


B. Acid-base reactions ( a subcategory of double replacement reactions



1. Definitions




a. Acid-base reactions





The reaction of an acid and a base to produce a salt, 




possibly water, and – in a few cases – a gas

b. Acid

A substance that is able to donate an H+ ion (proton) and therefore increase the concentration of H+ (aq) when it dissolves in water

(1) Strong acid

(a) An acid that completely (or almost 

      completely) ionizes in aqueous solution

(b) Is a strong electrolyte





(2) Weak acid

(a) An acid that is only slightly ionized in 

      an aqueous solution

(b) Is a weak electrolyte




c. Base





A substance that is able to accept an H+ ion 





(proton) and therefore increases the concentration 





of OH ( (aq) when it dissolves in water

(1) Strong base

(a) A base that dissociates completely in 

      aqueous solution

(b) Is a strong electrolyte





(2) Weak base

(a) A base that is only slightly dissociated 

     in aqueous solution

(b) Is a weak electrolyte




d. Salt





(1) Definition






An ionic compound made up of a positive 






ion, other than H+, and a negative ion, other 






than OH(
(2) Formation

(a) The cation comes from the base.

(b) The anion comes from the acid.



2. Strong/weak distinctions in acid/base reactions




a. Arrhenius acids will react with Arrhenius 

                                       bases – whether they are strong or weak. 




b. The distinctions between strong and weak arise 

                                        when writing the net ionic equation.




c. Examples of acid base with strong/weak





(1) A sulfuric acid solution is mixed with an equal 





     volume of an potassium hydroxide solution with 

                                                      twice the molarity:




  

H2SO4 (aq) + KOH (aq) (





H2SO4 (aq) + KOH (aq) (






K2SO4 (aq) + H2O (l)






Balanced net ionic equation







H+ (aq) + OH– (aq) ( H2O (l)




(2) Equal volumes of equimolar amounts of 





      solutions of acetic acid  and sodium hydroxide 

                                                      are mixed:






HC2H3O2 (aq) + NaOH (aq) (





HC2H3O2 (aq) + NaOH (aq) 







( NaC2H3O2 (aq) + H2O (l)





Balanced net ionic equation







HC2H3O2 (aq) + OH– (aq) 








( C2H3O2– (aq) + H2O (l)





Note: acetic acid is NOT a strong acid 






(therefore it is a weak acid) so it is written 






in an unionized form for the ionic equation.



3. Gas formers in acid/base reactions




a. Definition of gas formers





Salts that react with acids to form another salt, 





a gaseous product, and possibly water




b. There are three groups of gas formers.





(1) CO32( (and HCO3()





(2) SO32( (and HSO3()





(3) S2(



c. Examples of acid/base with gas formers


(1) A solution of potassium hydrogen carbonate 

                  is mixed with an excess of sulfuric acid:



KHCO3 (aq) + H2SO4 (aq) (


KHCO3 (aq) + H2SO4 (aq)
     
     ( KCl (aq) + CO2 (g) + H2O (l)






Balanced net ionic equation




HCO3( (aq) + H+ (aq)
      


( CO2 (g) + H2O (l)






Evidence for reaction:







formation of a gas


(2) A solution of potassium hydrogen sulfate is 

                  mixed with an excess of hydrochloric acid:




KHSO4 (aq) + HCl (aq) (


All substances are strong 



electrolytes so there is no 



reaction.





Balanced net ionic equation: none

C. Complexation reactions


1. Definitions

a. A complexation reaction is a reaction in which metal 

    ions in solution bind with ligands to form soluble 

   complexes.

b. A complex (also known as a coordination compound) 

    is a compound consisting  either of complex ions and 

    other ions of opposite charge, or of a neutral complex 

    species.

c. A complex ion is an ion in which a ligand is covalently 

    bound to a metal.

d. A ligand is any molecule or ion connected to the central 

    ion or atom of a complex by means of a coordinate 

    covalent bond.

e. Coordination number

The coordination number is the total 
number of 
bonds the metal ion forms with ligands.



2. Descriptions




a. Complex ions





(1) The complex ion is usually a transition metal 





       ion.





(2) Aluminum also forms some complexes.




b. Ligands





(1) Ligands are Lewis bases (electron pair donors).

They have one or more unshared (lone) pairs of electrons.

(2) They may be neutral molecules.

H2O or NH3 are common.

(3) They may also be anions 

OH(, Cl(, Br(, CN(, SCN(, and NCS( 

are common.

The last two are really the same, but the same ion may bond through the sulfur or through the nitrogen.




c. Coordination number





(1) The range of coordination numbers

(a) Six is the most common coordination 

     number.

(b) Four is next common.

(c) Known coordination numbers range 

     from two to eight.





(2) Rule of thumb

The coordination number will be double the charge on the metal ion. 



3. Distinguishing between what could be a precipitation reaction 

                            or a complexation reaction




Keywords, such as “concentrated” or “excess” applied to the reactant that will supply the possible ligand, usually indicate that a complex will form rather than a precipitate.

In fact, if a little “ligand” is added, a precipitate may form initially, only to dissolve again as excess “ligand” is added and the soluble complex forms.



4. Examples of complexation reactions




a. An example illustrating the double-replacement nature 




    of the reaction

Copper (II) nitrate reacts with excess aqueous ammonia:





Cu(NO3)2 (aq) + NH4OH (aq) ( 



Note: Remember that aqueous ammonia 



is commonly written as ammonium 



hydroxide.





Cu(NO3)2 (aq) + 4 NH4OH (aq) ( 


Cu(NH3)42+ + 2 NO3( (aq) + 4 H2O


Note: The coordination number will be 

 
double the charge on the metal ion. 

Balanced net ionic equation:


Cu2+ (aq) + 4 NH3 (aq) ( Cu(NH3)42+




b. An example contrasting a precipitation reaction and 




    a complexation reaction

Silver nitrate reacts with dilute hydrochloric acid:


AgNO3 (aq) + HCl (aq) ( AgCl (s) + HNO3 (aq)
Silver nitrate reacts with concentrated hydrochloric acid:


AgNO3 (aq) + 2 HCl (aq) ( Ag(Cl)2( (aq) 





                   + 2 HNO3 (aq) 



c. An example with water as the default ligand





Cr3+ (aq) + H2O (l) ( Cr(H2O)63+ (aq)

D. Oxidation-reduction reactions



1. Definitions




a. An oxidation-reduction reaction (also called a “redox” 

    reaction) is a reaction in which electrons are transferred 

    between species causing the oxidation number of one or 

    more elements to change.




b. Oxidation number





A positive or negative whole number assigned to an element or ion on the basis of a set of formal rules essentially a “bookkeeping” procedure




c. Half-reaction





One of two parts of an oxidation-reduction reaction, showing either the reduction or the oxidation of a 

species




d. Oxidation





A process in which an element loses one or more 

electrons, causing its oxidation number to increase

The term was first applied to the combining of others elements, particularly metals, with oxygen.

e. Reduction

A process in which an element gains one or more electrons, causing its oxidation number to decrease

The term was first applied to reactions in which oxygen was removed from metal oxides ores, reducing them to their metals.

Remember: “LEO the lion says ‘GER’ ”


The Loss of Electrons is Oxidation and 

       the Gain of Electrons is Reduction

f. Oxidizing agent





Causes oxidation, so it must accept electrons from

the species its oxidizes, and therefore, is reduced

g. Reducing agent





Causes reduction, so it must donate electrons to the 

species it reduces, and therefore, is oxidized




h. Disproportionation





Is a reaction in which the same species is both 





oxidized and reduced





It begins with an element with one oxidation





number and ends with products in which that 




element has two oxidation numbers – one larger 





and one smaller.
2. Types of oxidation-reduction reactions


a. There are four simple types of oxidation-reduction 


    reactions.



(1) Combination




R + S (  RS



(2) Decomposition




RS ( R + S



(3) Single replacement




T + RS  (  TS + R



(4) Combustion


{CxHy or CxHyOz} + O2  (  CO2 + H2O




b. A more complex oxidation-reduction reaction involves




    the transfer of electrons and (usually) a change in the 




    number of oxygens on one or more reactants.





For example:






Cr2O72( + Fe2+ + H+ ( Fe3+ + Cr3+ + H2O


c. Disproportionation


Cl2 ( Cl( + ClO(  (basic solution)

4. Assigning oxidation numbers




a. Rules





See handout “Rules For Assigning Oxidation 




Numbers”
b. Examples





Mg (s)




(0)



Rule 1:  

The oxidation number of an atom in an element is zero.





Al3+


(+3)

Rule 2:

The oxidation number of an 

atom in a monoatomic ion is

equal to the charge on that ion.





H2O





(+1) ((2)  

Rules 3 and 5:  

Except for hydrides H always has an oxidation number of +1; and apart from exceptions, O has an oxidation number of (2.





LiAlH4




(+1) (+3) ((1)  

Rules 2, 3, and 8:  

The oxidation number of an atom (Li) in a monoatomic ion is equal to the charge on that ion (+1);  H is in a hydride so it has an oxidation number of (1;  and the sum of the oxidation numbers of all of the atoms for a neutral compound must equal zero, therefore Al must be +3.





H2O2





(+1) ((1)  

Rules 3 and 5:  

Except for hydrides H always has an oxidation number of +1;  and in peroxides O is assigned an oxidation number of (1 (we know that by applying Rule 3 before applying Rule 5).





OF2




(+2) ((1)  

Rules 4 and 5:  

F has an oxidation number of (1; in oxyfluorides O has whatever the necessary positive oxidation number is needed, in this case +2 (we apply Rule 4 before applying Rule 5).





BrCl





(+1) ((1)   

Rules 6 and 8:  

In binary compounds, the element closer to the upper right-hand corner on the periodic table, in this case Cl, is assigned an oxidation number equal to its charge in simple ionic compounds of that element which for Cl is –1;  and the sum of  the oxidation numbers of all of the atoms for a neutral compound must equal zero, therefore Br must be +1.





MnO4(
(+7) ((2)   

Rules 5 and 9: 

Apart from exceptions, O has an oxidation number of (2; and the sum of the oxidation numbers of all of the atoms for a atoms in a polyatomic ion must equal the ionic charge of that ion, therefore Mn must be +7.

K4P2O7
(+1) (+5) ((2)   

Rules 2, 5, and 8: 

The oxidation number of an atom 

(K) in a monoatomic ion is equal to the charge on that ion (+1);  apart from exceptions, O has an

oxidation number of (2;  and the sum of  the oxidation numbers of all of the atoms for a neutral compound must equal zero, therefore P must be +5.

5. Identifying the role of species in redox reactions




a. Identify 





Which species is oxidized





Which species is reduced





Which species is the oxidizing agent





Which species is the reducing agent

b. Examples





2 Na (s) + S (s) ( Na2S (s)




   (0)         (0)       (+1) ((2)





Na0 ( Na+1 + 1 e( 









Na is losing an electron.







Na is oxidized. 








Na is the reducing agent.





S0 + 2 e( ( S2(





S is gaining two electrons.







S is reduced.







S is the oxidizing agent.

                     2 AgNO3 (aq) + Cu (s) ( Cu(NO3)2 (aq) + 2 Ag (s)



         2 Ag+ (aq)      + Cu (s)  ( Cu2+ (aq)         + 2 Ag (s)



          (+1)                   (0)           (+2)                     (0)









Cu0 ( Cu2+ + 2 e(






Cu0 is losing two electrons.








Cu0 is oxidized.








Cu0 is the reducing agent.

Ag+ + 1 e( ( Ag







Ag+ is gaining an electron.








Ag+ is reduced.








Ag+ is the oxidizing agent.


6. Examples of redox reactions



See the handout “Common Oxidizing Agents and Common



Reducing Agents”




a. A solution of tin (II) nitrate is added to a solution of 




   iron (III) nitrate.





Sn(NO3)2 (aq) + Fe(NO3)3 (




Sn(NO3)2 (aq) + Fe(NO3)3 






( Sn(NO3)4 (aq) + Fe(NO3)2





(not balanced)





This is a reaction of a higher oxidation number 




metal (Fe3+) with a lower oxidation number 





metal (Sn2+).




b. Solid copper is added to hot, concentrated nitric acid:




Cu + HNO3  (




Cu + HNO3  (  Cu(NO3)2 + H2O + NO





Nitric acid is a common strong oxidizing agent so





the copper will be oxidized to its largest oxidation 





number.





The nitric acid is reduced to nitrogen monoxide gas.

7. Steps for balancing redox reactions




See handout “Rules For Balancing Redox Reactions”

8. Examples




a.  Cr3+ + Cl(  ( Cr + Cl2



   (+3)    ((1)       (0)     (0)

	Oxidation
	Reduction

	   Cl( ( Cl2

2 Cl( ( Cl2

2 Cl( ( Cl2 + 2 e(
	 Cr3+ ( Cr

 Cr3+ + 3 e( ( Cr


2 Cl( ( Cl2 + 2 e(
                       


Cr3+ + 3 e( ( Cr

6 Cl( ( 3 Cl2 + 6 e(
                    

2 Cr3+ + 6 e( ( 2 Cr           .
        

2 Cr3+ + 6 Cl( + 6 e( ( 2 Cr + 3 Cl2 + 6 e(


            2 Cr3+ + 6 Cl( ( 2 Cr + 3 Cl2 

b. Cl2 (g) + HBr (aq)  (  HCl (aq) + Br2 (l)  

    (acidic)




      (0)        (+1) ((1)     (+1) ((1)        (0)

	Oxidation
	Reduction

	   HBr ( Br2

2 HBr ( Br2

2 HBr ( Br2 + 2 H+

2 HBr ( Br2 + 2 H+ + 2 e(
	 Cl2                     (  HCl 

 Cl2                          ( 2 HCl

 2 H+ + Cl2          ( 2 HCl

 2 H+ + Cl2 + 2 e(( 2 HCl





2 HBr                 ( Br2 + 2 H+ + 2 e(
                    

2 H+ + Cl2 + 2 e(( 2 HCl               .



2 HBr + 2 H+ + Cl2 + 2 e(( 2 HCl + 2 H+ + Br2 + 2 e(


                     2 HBr + Cl2 ( 2 HCl + Br2

         c.  CN( (aq) + MnO4( (aq) ( CNO( (aq) + MnO2 (s) (basic)


(+2) ((3)  (+7) ((2)     (+2) ((1) ((2)   (+4) ((2)


	Oxidation

	
                           CN( ( CNO(



                CN( + H2O ( CNO(



      CN( + H2O           (   CNO( + 2 H+




      .

+2 OH(     __        + 2 OH(        


  CN( + H2O + 2 OH( ( CNO( + 2 H2O + 2 e(

             CN( + 2 OH( ( CNO( + H2O + 2 e(


	Reduction

	
  MnO4(                        (  MnO2


         MnO4(                        (  MnO2 + 2 H2O

         MnO4( +  4 H+            (  MnO2 + 2 H2O

         
     +  4 OH(                                        + 4 OH(
         MnO4( + 4 H2O          (  MnO2 + 2 H2O + 4 OH(
        MnO4( + 2 H2O           (  MnO2 + 4 OH(
        MnO4( + 2 H2O + 3 e((  MnO2 + 4 OH(



oxidation half-reaction

                    CN( + 2 OH( ( CNO( + H2O + 2 e(
reduction half-reaction


        MnO4( + 2 H2O + 3 e(( MnO2 + 4 OH(                     
sum of the reactions

3 CN(                + 6 OH(         ( 3 CNO( + 3 H2O              + 6 e(
2 MnO4( + 4 H2O         + 6 e(
( 2 MnO2              + 8 OH(        .                 

3 CN( + 2 MnO4( + 4 H2O + 6 OH( + 6 e(
      ( 3 CNO( + 2 MnO2 + 8 OH( + 3 H2O + 6 e(
3 CN( + 2 MnO4( + H2O ( 3 CNO( + 2 MnO2 + 2 OH(




d. Cl2 ( Cl( + ClO(  (basic solution)




     (0)   ((1)  (+1) ((2)

	Oxidation
	Reduction

	                             Cl2 ( ClO(
                             Cl2 ( 2 ClO(
               Cl2 + 2 H2O ( 2 ClO(
  Cl2 + 2 H2O              ( 2 ClO( + 4 H+


                     + 4 OH(                  +4 OH(
Cl2 + 2 H2O + 4 OH( ( 2 ClO( + 4 H2O

Cl2 + 2 H2O + 4 OH( ( 2 ClO( + 4 H2O  + 2 e(
              Cl2 + 4 OH( ( 2 ClO( + 2 H2O + 2 e(
	 Cl2 ( Cl( 

 Cl2 ( 2 Cl(
 Cl2 + 2 e( ( 2 Cl(




Cl2 + 4 OH(            ( 2 ClO( + 2 H2O + 2 e(


                Cl2                       + 2 e( ( 2 Cl(
                         .


     2 Cl2 + 4 OH(  + 2 e( ( 2 Cl( + 2 ClO( + 2 H2O + 2 e(
             2 Cl2 + 4 OH( ( 2 Cl( + 2 ClO( + 2 H2O


        Cl2 + 2 OH( ( Cl( + ClO( + H2O

PREDICTING THE PRODUCTS OF REACTIONS


A. Rubric for predicting the products of reactions



1. Write the formula/s for the reactant/s in net ionic form.




a. Strong electrolytes





Strong acids, strong bases, and soluble salts in their 





ionized/dissociated form as separate ions.





Memorize the six strong acids 






(from list).





Memorize the ten strong bases 






(from periodic table).





Memorize the solubility rules.

b. Weak electrolytes


As aqueous solutions, but not as separate ions




c. Insoluble salts





As formula units in the solid state

d. Nonelectrolytes


As aqueous solutions



2. Look for Arrhenius acids (H+) by “acid” or by “hydrogen” in 



   the name, and for Arrhenius bases (OH–) by hydroxide in the



    name…or possibly Bronstead-Lowry bases (–NH, –NH2) by 

                            the root “amine”.




a. One of the products should be water.




b. Look for critical stoichiometry terms such as 




    “equimolar” or “excess”. 





(1) “Equimolar” suggests the formation of an 





      acid salt, such as HSO4(, H2PO4(, etc.





(2) “Excess” suggests the formation of a salt such 





       as SO42(, PO43(, etc.



3. If it is not an acid-base reaction, then if there are two ionic 



    compounds (including acids), that should lead you to consider 



    a double replacement reaction.  







Check this by looking for a product that is





A precipitate…






Memorize the solubility rules.





A gas…








Memorize the gas formers.







A weak electrolyte…






Memorize the strong electrolytes – these 

will be any other electrolytes.



4. If it is not an acid-base or a double replacement reaction, 



    then consider a redox reaction.




a. Look for the common strong oxidizing agents – and then




   look for what they might oxidize.





Memorize the common oxidizing agents – and 





their products.




b. Look for the common strong reducing agents – and then 




    look for what they might reduce.





Memorize the common reducing agents – and 





their products.




c. Keywords, such as “basic solution,” “acidic solution,” 




    or “acidified solution,” or an acid included in the 




    reactants, are good indicators that the reaction might 




    be redox.

d. When there are metals with an oxidation number of zero, 

                or two metal ions that are not clearly part of a double-

    replacement reaction, consider the possibility of an 

    “activity series” reaction.

See the handout “Activity Series Table”.

If an activity series chart is not available (as on the AP exam), then use the reduction potential chart (We will cover this in greater detail in Topic 21).





The metal closest to lithium will replace the one 





farther away from lithium.



5. If it is not an acid-base, a double replacement, or a redox 


                reaction, then consider a complexation reaction.




Memorize the eight common ligands, and do not forget that 


water will be the default ligand for transition metal ions

and  aluminum ion in solution.



6. If it is not an acid-base, a double replacement, a redox reaction, 

                or a complexation reaction, then consider the “simple” 

    reactions:




Combination…




Decomposition…




Combustion…


B. Practice examples



1. Sodium hydroxide solution is added to a precipitate of 

    aluminum hydroxide in water. 




Net ionic form:





Na+ (aq) + OH– (aq) + Al(OH)3 (s) (



Not acid-base because both are Arrhenius bases.




Not double replacement because no precipitates will form 



(although one 
already exists), no gases will be formed, 




and no weak electrolytes will be produced.




Not redox because sodium is more active than aluminum.




It is complexation…





Because aluminum is one of the non-transition 




metals that does form complexes…





Because OH– is a common ligand…




Aluminum ion has a 3+ charge so its coordination number 




will be six:






Al(OH)63(



Answer:





OH– (aq) + Al(OH)3 (s) ( Al(OH)63+ (aq)




Balanced net ionic





3 OH– (aq) + Al(OH)3 (s) ( Al(OH) 63( (aq)



Evidence for reaction:





The aluminum hydroxide precipitate 
dissolved 




upon the further addition of the sodium hydroxide 




solution.



2. Solutions of tin (II) nitrate and silver nitrate are mixed.




Net ionic form:





Sn2+ (aq) + Ag+ (aq) (



Not acid-base because neither are Arrhenius acids or bases




Not double replacement because no precipitates will form, 



no gases will be formed, and no weak electrolytes will be 



produced




It is redox…





Because Sn2+ can be oxidized… 





Because Ag+ can be reduced…





Because tin is higher than silver on the activity




series (and closer to lithium on the table of standard





reduction potentials)…




Silver can only be reduced to its metallic state, which 



means an oxidation number of zero.




Tin can either have an oxidation number of plus two or 




plus four.





Since it already is at plus two, tin must be oxidized 




to plus four.




Answer:




   
Sn2+ (aq) + Ag+ (aq) ( Sn4+ (aq) + Ag0 (s)



Balanced net ionic:





Sn2+ (aq) + 2 Ag+ (aq) ( Sn4+ (aq) + 2 Ag0 (s)



Evidence for reaction:





A precipitate of silver metal is formed from the 





mixed solutions.



3. Water is added to a solid sample of pure sodium hydride.




Net ionic form:









H2O (l) + NaH (s) ( 




Not acid-base because neither are Arrhenius acids or bases




It is double replacement…





Water can be written HOH…





Therefore one “anion” OH– is replacing another 





“anion” H– …





Because a gas (H2) will be formed…




Answer:





H2O (l) + NaH (s) ( Na+ (aq) + OH( (aq) + H2 (g)



Balanced net ionic:





H2O (l) + NaH (s) ( Na+ (aq) + OH( (aq) + H2 (g)



Evidence for reaction:





A flammable gas is vigorously evolved, and if 




phenolphthalein indicator were present in the water 




it would turn pink as hydroxide is formed.



4. A very small amount of calcium oxide is thoroughly mixed 



    with water.




Net ionic form:









CaO (s) + H2O (l) ( 




Not acid-base because neither are Arrhenius acids or bases




Not double replacement because no precipitates will form, 



no gases will be formed, and no weak electrolytes will be 



produced




Not redox because all the reactants have their preferred 




oxidation number




Not complexation, calcium ion is not
aluminum or one 



of the transition metals so it will not form a complex 




with water




It is one of the “simple” reactions…





Because metal oxides react with water to form





metal hydroxides…





Another hint is that only a “very small amount” 





is reacted so that solubility issues do not come 





into play…





Calcium hydroxide is a strong base so even though 




only a little dissolves it does dissociate…




Answer:





CaO (s) + H2O (l) ( Ca2+ (aq) + 2 OH– (aq)



Balanced net ionic:





CaO (s) + H2O (l) ( Ca2+ (aq) + 2 OH– (aq)



Evidence for reaction:





Possibly a very small increase in temperature as 





the reaction progressed



5. A solution of sodium hydroxide is added to a solution of sodium 



    dihydrogen phosphate until the same number of moles of each 



    compound has been added.




Net ionic form:









Na+ (aq) + OH– (aq) + H2PO4– (aq) (



It is an acid-base reaction…





Because sodium hydroxide is an Arrhenius base 




(“hydroxide” in its name)…





Because sodium dihydrogen phosphate is an 





Arrhenius acid (“hydrogen” in its name)…




Further, the verbal equivalent of “equimolar” (“until the 



same number of moles of each compound has been added”) 


is included which suggests that it is a critical stoichiometry 



term.




Answer:





OH– (aq) + H2PO4– (aq) ( HPO42– (aq) + H2O (l)




Note: If “excess” sodium hydroxide were added 

          the product would be phosphate and not 

          hydrogen phosphate.




Balanced net ionic:





OH– (aq) + H2PO4– (aq) ( HPO42– (aq) + H2O (l)




Evidence for reaction:





Probably not much visible



6. Dilute sulfuric acid is added to a solution of barium acetate.




Net ionic form:









2 H+ (aq) + SO42– (aq) + Ba2+ (aq) 






+ 2 C2H3O2– (aq) (



Not acid-base because while sulfuric acid is an Arrhenius 




acid barium acetate is not an Arrhenius base.




It is a double-replacement reaction…





Because a precipitate will form (while most sulfates 





are soluble, barium is one of the exceptions)…




Answer:





2 H+ (aq) + SO42– (aq) + Ba2+ (aq) 






+ 2 C2H3O2– (aq) 





( BaSO4 (s) + 2 HC2H3O2 (aq)





Note: acetic acid is a weak acid so it is 






          written in its unionized form.




Balanced net ionic:





2 H+ (aq) + SO42– (aq) + Ba2+ (aq) 






+ 2 C2H3O2– (aq) 





( BaSO4 (s) + 2 HC2H3O2 (aq)



Evidence for reaction:





A precipitate of barium sulfate is formed from the





mixed solutions.
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