CHAPTER 4 – TYPES OF CHEMICAL REACTIONS and SOLUTION STOICHIOMETRY

4.1 Water as A Universal Solvent

Water covers about ¾ of the Earth crust; 

· It is responsible for the Earth’s moderate climate;

· It provides a medium for the growth of a myriad of living things and also used as a mean of transportation on Earth.

· It is very essential to life. The human body is made up of about 65% water. 

· It provides essential environments for biochemical reactions that keep us alive; 

· It helps to maintain a constant body temperature;

· moderates the Earth’s temperature;

· It is widely used in industrial cooling system, power plants and automobile engines; 

One of the most important properties of water is its ability to dissolve both ionic and nonionic substances. 

· Water molecules are very polar; 

· It dissolves many ionic compounds due to strong ion-dipole attractions between water molecules and ions. In aqueous solutions, ions are surrounded by water molecules (hydrated).  

The solubility of ionic compounds in water varies greatly. 

· For example, compounds such as NaCl and KCl are very soluble in water, but AgCl is only very slightly soluble. 

· The differences in the solubility of ionic compounds in water depend on the relative attractions of the ions for each other and the interactions of the ions for water molecules. If ion-dipole interactions are strong, compounds will not dissolve in water. 

· Salt does not dissolve in nonpolar solvent, such as gasoline, because interactions between solvent molecules and ions are very weak, which cannot compete with the strong ion-ion interactions. 

Water also dissolves nonionic substances such as ethanol, C2H5OH, and sugar (C12H22O11). 

· due to strong solute-solvent interactions through hydrogen bonding. 

· Nonpolar compounds dissolves in water to a small extent  through weak “dipole-induced dipole” interactions. Nonpolar substances do not readily dissolve in water because their molecules do not interact effectively with water.

· Even the very low solubility of oxygen gas in water is very essential to aquatic life. 

__________________________________________________________________________

Solution

· A homogeneous mixture: uniform appearance, but the compositions vary;

· Solution = Solvent + Solute(s); solute is the component that dissolves.

· Aqueous solution ( one which contains water as the solvent.

Type of Solutions:
· Saturated solution - one that contains the maximum amount of dissolved solute.

· Supersaturated solution - contains more dissolved solute than it normally holds; 

· Unsaturated solution - contains less dissolved solute than it is capable of.

· Concentrated solution - contains a high amount of dissolved solute;  

Dilute solution - contains a little amount of dissolved solute; it can even be saturated.

Solubility implies the quantity of solute that dissolves in a given amount of solvent to give a saturated solution at a particular temperature. 

4.2 The Nature of Aqueous Solutions: Strong and Week Electrolytes
When ionic compounds dissolve in water, their ions dissociate and dispersed in solution.

1. NaCl(s) + water (  NaCl(aq)  (  Na+(aq) + Cl-(aq);

2. Na2SO4(s) + water (  Na2SO4(aq)  (  2 Na+(aq) +  SO42-(aq).

3. Ca(NO3)2(s) + water ( Ca(NO3)2(aq)  (  Ca2+(aq) +  2 NO3-(aq);

Hydrated ions move freely in solution and able to conduct electric current. Aqueous solutions of ionic compounds are strong electrolytes. Their conductivity depends on the ion concentration in the solution. (Solid ionic compounds are nonconductors because the ions cannot move.)  

Strong acids such as HClO4, HCl, HNO3 and H2SO4 are also strong electrolytes because they ionize completely in aqueous solutions producing high a concentration H3O+ and the respective counter ions. 


HCl(aq) + H2O(l)  (  H3O+(aq)  +  Cl-(aq);


HNO3(aq) +  H2O(l)  (  H3O+(aq)  +  NO3-(aq).

Weak acids, such as acetic acid (CH3COOH), hydrofluoric acid (HF), nitrous acid (HNO2), etc., and weak bases such as NH3(aq) do not ionize completely and they form weak electrolytes. 


CH3COOH(aq) + H2O(l)  ((( (  H3O+(aq)  +  CH3COO-(aq)
Ionic compounds that are only slightly soluble in water, such as AgCl, MgO, PbSO4, etc., also form weak electrolytes because their solutions contain a very low concentration of free ions. 

Molecular compounds such as alcohol (C2H5OH), sugar (C12H22O11), acetone (CH3COCH3), etc. are nonelectrolytes; they are made up of neutral molecules that cannot conduct electricity.

4.3  The Composition of Solutions

Depending on the type of solutes, a solution may contain only ions (for strong electrolytes), ions and molecules (for weak electrolytes), or only molecules (for nonelectrolytes). The amount of solutes dissolved in a solution is expressed in terms of concentrations - the most important is molarity or molar concentration.


Molarity (M)  =    Mole of Solute   ;

(M = mol/L)

   


    Liter of Solution

For examples, each of the following solution implies a 1 M solution of the substance:


(a)  58.44 g of NaCl dissolved in 1 L of solution;


(b)  171 g of sucrose (molar mass 342 g/mol) dissolved in 500 mL of solution;


(c)  4 g of NaOH in 100 mL of solution.

Concentration may also be expressed as percent (by mass):


Percent (by mass) =  (Mass of solute)    x 100%





(Mass of solution)

or,   percent by volume:   Volume of solute    x 100%




   Volume of Solution

Mole fraction =     Moles of Solute_____
is another form of expressing concentration



  Total Moles (of Solution)

Exercise-1:

1.
5.105 g of potassium hydrogen phthalate (abbreviated as "KHP", KHC8H4O4: molar mass = 204.22 g/mol) is dissolved in water to make a 250.0-mL solution. Calculate the molarity of KHP? (Answer: molarity = 0.09999 M)

2.
A concentrated hydrochloric acid contains 436 g HCl in 1.00 L of solution. (a) If the density of the solution is 1.35 g/mL, what is the percent (by mass) of HCl in the solution? (b) What is the mole fraction of HCl? (c) Calculate the molarity of the acid.


(Answer: (a) Percent HCl = 32.3%; (b) mole fraction = 0.191; (c) molarity = 12.0 M)

3.
A 20.0% (by mass) of sulfuric acid has a density of 1.14 g/mL. What is the molar concentration of the acid solution? (Answer: molarity = 2.32 M)

__________________________________________________________________________

Using Solution of Known Molarity 

If the molar concentration of a solution is known, the mole of solute in a given volume 

of the solution can be calculated as follows:

Mole of solute = Molarity  x (L of solution)

For ionic compounds, the concentration of individual ions depends on the concentration of the compound multiply by the number of ions per formula unit.

For example, in a 0.2150-M Fe(NO3)3(aq), the concentration of Fe3+ ions is 0.2150 M, but the concentration of NO3- ions is 3 x 0.2150 M = 6450 M. 

The number of moles of Fe(NO3)3 in a 250.0-mL sample of this solution is


  250.0 mL x     1 L ___ x 0.2150 mol/L = 0.05375 mol




1000 mL

The number of moles of each ion in solution are:  

250.0 mL x     1 L     x 0.2150 mol Fe(NO3)3 x    1 mol Fe3+    = 0.05375 mol Fe3+;


       1000 mL

     1 L

     mol Fe(NO3)3
250.0 mL x    1 L      x  0.2150 mol x   3 mol NO3-    = 0.1613 mol NO3-


       1000 mL

1 L
     mol Fe(NO3)3
Exercise-2:

1.
What volume (in mL) of 3.0 M H2SO4 solution contains 0.45 mole of the acid?


(Answer: 150 mL solution)

2.
How many grams of NaOH are present in 75 mL of 6.0 M NaOH? (Answer: 18 g NaOH)

3.
If the concentration of Mg2+ ions in seawater is 0.055 M, how many liters of seawater would yield 24.3 g of magnesium? (Answer: 18 L of seawater)

4.
How many grams of Cl- ions are present in a 250-L sample of 0.15 M MgCl2 solution. 


(Answer: 2.7 g Cl-)

___________________________________________________________________________

Preparing a Standard Solution from a Pure Solid Substance

To prepare a standard solution from pure solid, the amount of solute required is calculated from the volume and molar concentration of the target solution as follows:

Mole of solute = (Liter of solution) x Molarity 

grams of solute needed = (mol of solute) x (molar mass)

For example, to prepare a 500.0-mL solution of 0.2250 M K2Cr2O7, the following steps may be used:

Step-1: Calculate moles of K2Cr2O7 needed from molarity and liters of solution:

Mol of K2Cr2O7 = 500.0 mL x   1 L     x 0.2250 mol/L = 0.1125 mol





 1000 mL

Step-2: Calculate grams of K2Cr2O7 needed:

Grams of K2Cr2O7 = (mol K2Cr2O7) x (molar mass of K2Cr2O7)



      = 0.1125 mol x 294.2 g/mol  

      = 33.10 g K2Cr2O7
Step-3: Weigh accurately 33.10 g of K2Cr2O7 on an analytical balance;

Step-4: Transfer the solid quantitatively into a 500-mL volumetric flask and add some de-ionized water (about half-full), and shake or stir until solid dissolves completely; 

Step-5: Finally, add more water to fill to the 500-mL “mark” on the flask, and mix well.

Preparing Solution by Dilution of Stock Solution:

When a solution is diluted, the number of moles of solute remains constant.

Mol solute = (initial molarity x initial volume) = (final molarity x final volume)

Mi x Vi  =  Mf x Vf;
=>  Mf = Mi x Vi  

      





       Vf
For example, to prepare 500. mL solution of 1.0 M HCl(aq) by dilution of the 6.0 M HCl “stock” solution, the following steps can be carried out.

Step-1: Calculate moles of solute in the final solution:



Mol of HCl = 500. mL x   1 L     x 1.0 mol/L = 0.50 mol






   1000 mL

Mol of HCl in final solution = Mol in original (stock) solution

Step-2: Calculate volume of stock solution that would yield the required moles of solute:

Volume (mL) of “stock”  =  0.50 mol ÷ (6.0 mol/L) x (1000 mL/L) = 83 mL

Step-3:  Measure accurately 83 mL of 6.0 M HCl and transfer into a 500-mL volumetric flask that already contains some de-ionized water. 

Step-4: Add more deionized water to fill the volumetric flask to the “500-mark” and mix well.

Exercise-3:

1.
Calculate the molarity of a solution prepared by dissolving 6.70 g of sodium oxalate, Na2C2O4, in enough water to make 125 mL solution. (Answer: 0.400 M)

2.
How many grams of potassium permanganate, KMnO4, are required to prepare 250. mL of 0.210 M KMnO4. (Answer: 8.30 g KMnO4)

3.
What is the concentration of a NaOH solution prepared by diluting 25.0 mL of 6.0 M NaOH to a final volume of 1.5 L? (Answer: 0.10 M)

________________________________________________________________________

4.4  Types of Reactions in Aqueous Solutions 

· Precipitation Reactions 

· Acid-Base (or Neutralization) Reactions
· Oxidation-Reduction Reaction.

4.5  Precipitation Reactions 


These are reactions that yield insoluble products (called precipitates) when two aqueous solutions are mixed.

Examples:
AgNO3(aq)  +  NaCl(aq)  (   AgCl(s)  +  NaNO3(aq);



Pb(NO3)2(aq)  +  2 K2CrO4(aq)  (   PbCrO4(s)  +  2 KNO3(aq);

The solubility rules for ionic compounds are quite useful for predicting precipitation reactions.

Solubility Rules for Ionic Compounds 

——————————————————————————————————————————

1.
Most salts containing Na+, K+, and NH4+ are soluble.

1.
Most compounds of nitrate (NO3-) are soluble.

3.
Most salts containing Cl-, Br-, and I- ions are soluble, except the following compounds: AgCl, AgBr, AgI, PbCl2, PbBr2, PbI2), and Hg2Cl2, Hg2Br2, Hg2I2, and HgI2 .

4.
Most sulfate salts are soluble, except BaSO4, PbSO4, Hg2SO4, SrSO4, and CaSO4.

5.
Most hydroxide (OH-) is only slightly soluble, except to the hydroxides of the alkali metal and NH4OH, and Ba(OH)2.

6.
Most sulfides (S2-), carbonate (CO32-), chromate (CrO42-), and phosphate (PO43-) salts are only slightly soluble, except those compounds that apply to Rule #1.

——————————————————————————————————————————

Exercise-4:

Complete and balance the following equations for reactions in aqueous solution. Identify the precipitate (if any) that will form in each reaction. 

1.  NaOH(aq) +  MgCl2(aq) ( ?

2.  NH4Cl(aq) +  Zn(NO3)2(aq) ( ?

3.  KI(aq)  +  Pb(NO3)2(aq)  ( ?

4.  AgNO3(aq) + Na3PO4(aq) ( ?

__________________________________________________________________________

4.6  Describing Reactions in Solution 

Reactions in aqueous solutions may be described using three different types of equations:-

· Molecular Equation;
· Total Ionic Equation;
· Net Ionic Equation.

Consider the reaction between barium chloride, BaCl2, and potassium chromate, K2CrO4. The reaction can be described using these three equations as follows:

Molecular Equation: BaCl2(aq) + K2CrO4(aq)  (  BaCrO4(s)  +  2 KCl(aq)
Total Ionic Equation: Ba2+(aq) + 2Cl-(aq) + 2K+(aq) + CrO42-(aq) (  BaCrO4(s) +  2 K+(aq) + 2Cl-(aq);

Net Ionic Equation: Ba2+(aq)  +  CrO42-(aq)  (  BaCrO4(s)
Note that, only the pair of ions that combine to form precipitate are indicated in the net ionic equation; K+ and Cl- are called spectator ions in this reaction.

Exercise-5:  

Write a balanced molecular, complete ionic, and net ionic equations for each of the following reactions in aqueous solution.  Indicate the spectator ions in each reaction.

1.
Potassium iodide(aq) + mercury(II) nitrate(aq) ( mercury(II) iodide(s) + potassium nitrate(aq)
2.
Lead(II) nitrate(aq) + sodium carbonate(aq) ( Lead(II) carbonate(s) + sodium nitrate(aq) 

3.
Silver nitrate(aq) + potassium chromate(aq)  (  Silver chromate(s) +  Potassium nitrate(aq)
__________________________________________________________________________

4.7  Stoichiometry of Precipitation Reactions 

Example: Calculate the mass of barium sulfate (BaSO4) formed when 250.0 mL of 0.0500 M BaCl2 and 150.0 mL of 0.100 M Na2SO4 are mixed. The reaction can be represented by the net ionic equation:



    Ba2+(aq)  +  SO42-(aq)  (  BaSO4(s)
Calculate the number of moles of each ion present and determine the limiting reactant:


Moles of Ba2+  =  250.0 mL x    1 L  _  x 0.0500 mol/L  =  0.0125 mol






 1000 mL


Moles of SO42- =  150.0 mL x     1 L    x 0.100 mol/L   =  0.0150 mol






  1000 mL

( Ba2+ is the limiting reagent.


Mole of BaSO4 formed = mole of Ba2+ = 0.0125 mol


Mass of BaSO4 formed =  0.0125 mol x  233.4 g/mol  = 2.92 g
Exercise-6:

1.
If 58.5 mL of 0.168 M Ca(NO3)2 solution and 61.5 mL of 0.150 M Na2C2O4 are mixed, what mass of calcium oxalate, CaC2O4, will precipitate out? (Answer: 1.18 g CaC2O4)

4.8 Acid-Base Reactions – Neutralization Reactions

According to Arrhenius definition,

· An acid is a substance that produces H+ ions when dissolved in water;

· A base is a substance that produces hydroxide (OH-) ions when dissolved in water.

The products of acid-base reactions are salt and water. The following are some examples of acid-base reactions:


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


HClO4(aq) + KOH(aq)  (  H2O(l) + KClO4(aq);


HC2H3O2(aq) + NaOH(aq) ( H2O(l) + NaC2H3O2(aq).

Examples of molecular, complete or total ionic, and net ionic equations for strong acid-strong base reactions:

Molecular: 
    HCl(aq) + NaOH(aq)  (  H2O(l)  +  NaCl(aq)
Complete ionic:  H+(aq) + Cl-(aq) + Na+(aq) + OH-(aq) (  H2O(l) + Na+(aq) + Cl-(aq)
Net ionic:
    H+(aq)  +  OH-(aq)  (  H2O(l)
Spectator ions:   Na+ and Cl-
For all strong acid-strong base reactions, the net ionic equation are the same: 



H+(aq)  +  OH-(aq)  (  H2O(l)
Weak acids and weak bases only ionize partially. In fact, most remain in the molecular form in solution. Therefore, they should NOT be written in the ionized forms, even when writing the ionic equations. For example, the three equations for the reaction between acetic acid (a weak acid) and sodium hydroxide (a strong base) are as follows:

Molecular:
    HC2H3O2(aq) + NaOH(aq)  (  H2O(l) + NaC2H3O2(aq);

Complete ionic:  HC2H3O2(aq) + Na+(aq) + OH-(aq) ( H2O(l) + Na+(aq) + C2H3O2-(aq);

Net ionic:
   HC2H3O2(aq) +  OH-(aq)  (  H2O(l) + C2H3O2-(aq);

Spectator ion:  Na+ 

The Stoichiometry of Acid-Base Reactions

Examples: How many mL of 0.1500 M NaOH(aq) are needed to neutralize 25.00 mL of 0.2040 M HCl(aq)?

According the equation: HCl(aq)  +  NaOH(aq)  (  H2O(l)  +  NaCl(aq)

Moles of NaOH needed = Moles of HCl present  


(Liters of NaOH x Molarity of NaOH) = (Liters of HCl x Molarity of HCl)

(Liters of NaOH x 0.1725 mol/L) = (0.02500 L x 0.2040 mol/L)

Dividing both side by 0.1725 mol/L yields:

Liters of NaOH = 0.02500 L x 0.2040 mol/L  = 0.02957 L (= 29.57 mL)




  
 0.1725 mol/L


2.
If 10.00 mL of acetic acid of unknown concentration requires 38.64 mL of 0.2250 M KOH to neutralize, what is the molarity of the acetic acid?


From the reaction:  HC2H3O2(aq)  +  NaOH(aq)  (  H2O(l)  +  NaC2H3O2(aq),


Moles of acetic acid = Moles of NaOH   


(Liter of acid x Molarity of acid) = (Liter of base x molarity of base)

(0.01000 L x Molarity of HC2H3O2) = (0.03864 L x 0.2250 M of NaOH)

Dividing both side by 0.01000 L yields:

Molarity of HC2H3O2 = 0.03864 L x 0.2250 M  = 0.8694 M 




    
          0.01000 L
     


Acid-Base Titration

Titration is an important technique in volumetric analysis. It involves adding an exact amount of one reactant (called titrant) from a buret to another reactant (called analyte) in a flask or beaker. The primary objective of titration is to determine the molar concentration of one solution (may be the analyte) using the volume and concentration of another solution (the titrant). In the process, the titrant is carefully added from a buret until the equivalence point is reached. In a good titration, the equivalence point should match the end-point – a titration point marked by the change in the color of indicator - a substance that changes color when a solution changes from being acidic to slightly basic. The commonly used indicator in acid-base titration is phenolphthalein, which changes from colorless in acid solution to pinkish violet in basic solution.

A successful titration experiment depends on the following factors:

1.  The reaction between titrant and analyte occurs rapidly;

2.
Its balanced equation are known.

3.
The end-point occurs exactly at or very near the equivalence point;

3.
The volume of titrant required to reach the equivalence point is accurately measured.

Exercise-7.

1.
In an acid base titration, a 25.00-mL sample of sodium hydroxide solution of unknown concentration is standardized with 0.1988 M potassium hydrogen phthalate (abbreviated as “KHP”). If 30.50 mL of the KHP solution is required to reach the end-point, compute the concentration of NaOH. The reaction can be represented by the following net ionic equation:

  


   KHC8H4O4(aq)  +  NaOH(aq)  (  H2O(l)  +  KNaC8H4O4(aq)

(Anawer: 0.2425 M)

2.
When 25.00 mL of hydrochloric acid of unknown concentration is titrated with 0.2150 M NaOH, the end-point is reached after 20.40 mL of the base has been added. Calculate the molar concentration of the acid. (Answer: 0.1754 M)

__________________________________________________________________________

Reactions that Produces Gases


Some substances produce gaseous product when reacted with acid solution. For example, all carbonate and bicarbonates produce carbon dioxide gas when reacted with dilute acid solution.


1. CaCO3(s)  +  2HCl(aq)  (  CaCl2(aq) + H2O(l) + CO2(g) 


2. NaHCO3(s) + HC2H3O2(aq)  (  NaC2H3O2(aq) + H2O(l) + CO2(g) 

Sulfides and sulfites, when treated with strong acids will produce hydrogen sulfide and sulfur dioxide gases:


1. Na2S(aq)  +  2HCl(aq)  (  2NaCl(aq)  +  H2S(g);


2. Na2SO3(aq) +  H2SO4(aq)  (  Na2SO4(aq) + H2O(l)  + SO2(g).

Ammonia gas is formed when an ammonium salt is reacted with sodium hydroxide or other strong bases:


1. NH4Cl(aq) + NaOH(aq)  (  NaCl(aq)  +  H2O(l)  + NH3(aq) 

4.9  Oxidation-Reduction Reactions

Oxidation - loss of electrons and an increase in oxidation number.

Reduction  - the gain of electrons and a decrease in oxidation number. 

Oxidizing agent- reactant that gains electrons; it contains the element being reduced;

Reducing agent - reactant that loses electrons; it contains the element being oxidized.

An oxidation-reduction (redox) reaction is an electron transfer reaction.

Determining Oxidation-Reduction Reactions


The oxidation state (or oxidation number) is the charge that an atom has or appears to have whether it is in free elemental form, a compound, or a polyatomic ion. The following guidelines are used to determine the oxidation numbers (o.n.) of elements.

Guidelines for Determining Oxidation Numbers

(Rules are listed in order of preference. Whenever two rules contradict one another, the one listed first takes precedence)

1.
Atoms in free elemental forms are assigned an oxidation number 0.

2.
The sum of o.n. of atoms in a neutral molecule or formula unit is 0;  the sum of o.n. of atoms in a polyatomic ion is equal to the net charge of the ion (in magnitude and sign).

3.
In their compounds, each element of Group IA metals has an o.n. +1, each element of Group IIA metals has an o.n. +2, boron and aluminum each have an o.n. +3, and fluorine has an o.n. -1.

4.
The o.n. of hydrogen is +1, except in metal hydrides, in which its o.n. is -1.

5.
The o.n. of oxygen is -2, except in peroxides, in which its o.n. is -1.

6.
In binary compounds with metals, chlorine, bromine, and iodine each has an o.n. of -1; sulfur, selenium, and tellurium each has an o.n. of -2.

Exercise-8:  

Assign an appropriate oxidation number to each underlined atom in the following compounds.


H2C2O4,
CO2,

C2H6,

KMnO4,
KClO3,


NaHSO3,
H2SO4,

Na2S2O3,
NO2,

HNO3,



_________________________________________________________________________

Identifying Oxidation-Reduction Reactions


In oxidation-reduction reactions certain elements changes oxidation numbers.

Consider the following net ionic reaction in acidic solution:


Cr2O72-(aq) + 6Fe2+(aq) + 8H+(aq)  (  2Cr3+(aq) + 6Fe3+(aq) + 3H2O(aq);

In this redox reaction, the oxidation number of Cr decreases from +6 in Cr2O72- is +6 to +3 in Cr3+; while the oxidation number of Fe increases from +2 to +3. Dichromate ion, Cr2O72-, is the oxidizing agent and Fe2+ is the reducing agent. 

Note: reducing agent is oxidized and oxidizing agent is reduced.

Exercise-9:

Identify which of the following reactions are oxidation-reduction reactions.  For each oxidation-reduction reaction, indicate what element is oxidized and what element is reduced.

1.
2KMnO4(aq) + 16HCl(aq)  (  2MnCl2(aq) + 2KCl(aq) + 5 Cl2(aq) + 8H2O(l);

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

3.
CaCO3(s)  (  CaO(s) +  CO2(g);

4.
Mg(OH)2(s)  (  MgO(s)  +  H2O(g)
5.
Mg(s)  +  ZnSO4(aq)  (  MgSO4(aq)  +  Zn(s)
6.
Cr2O72-(aq) + 3C2H5OH(l) +  2H3O+(aq) (  2Cr3+(aq) + 3CH3COOH(aq) + 6H2O(l) 
___________________________________________________________________________

Types of Oxidation-Reduction Reactions

· Reactions between metals and nonmetals;

· Combustion reactions (i.e. reactions with molecular oxygen);

· Single replacement reactions;

· Decomposition reactions that form free elements;

· Reactions in aqueous solution involving oxidizing and reducing agents;

· Disproportionation reactions.

1.  Reactions Between Metals and Nonmetals

Examples:
4 Li(s)  +  O2(g)  (   2 Li2O(s);



2 Al(s)  +  3 Cl2(g)  (   2 AlCl3(s);



3 Mg(s)  +  N2(g)  (   Mg3N2(s).

In reactions between metals and nonmetals, the metals are reducing agents, which are oxidized to cations, and the nonmetals are oxidizing agents, which are reduced to anions.

2.  Combustion Reactions 

Examples:
CH4(g)  +  2 O2(g)  (  CO2(g)  +  2 H2O(g);



C2H5OH(l) +  3 O2(g)  (  2 CO2(g)  +  3 H2O(g);



2 C8H18(l) +  25 O2(g)  (  16 CO2(g)  + 18 H2O(g).

In each of the above reactions, oxygen gas is the oxidizing agent; CH4, C2H5OH, and C8H18 are reducing agents in which only the carbon atoms in the compounds are oxidized.

3.  Single-Replacement Reactions

Examples:
Fe2O3(s)  +  2Al(s)  (  3Fe(s)  +  Al2O3(s)


Mg(s)  +  2HCl(aq)  (  MgCl2(aq)  +  H2(g)


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


2 KBr(aq) +  Cl2(aq)  (  2 KCl(aq)  +  Br2(aq)
In these reactions, free elements such as Mg, Al, Cl2 and Cu, are reducing agents; each loses one or more electrons.  In the other reactants, Fe3+ in Fe2O3, H+ in HCl, Ag+ in AgNO3, and Cl2 are reduced – cations become neutral elements and Cl2 molecule becomes anion.

4.  Decomposition Reactions


Not all decomposition reactions are redox reactions. In the following examples of redox decomposition reactions, free elements are formed.


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

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

(NH4)2Cr2O7(s)  (  Cr2O3(s)  +  N2(g)  +  4 H2O(l)
The following decomposition reactions are NOT redox reactions, since none of the elements changes oxidation number.


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

2 NaHCO3(s) (  Na2CO3(s) + H2O(g) + CO2(g)

(NH4)2CO3(s)  (  2 NH3(g)  +  H2O(g)  +  CO2(g)
5.  Oxidation-Reduction Reactions in Aqueous Solutions

Many oxidation-reduction reaction in aqueous solutions occur under acidic or basic conditions:

1.  MnO4-(aq) + 5Fe2+(aq) + 8H+(aq) (  Mn2+(aq) + 5Fe3+(aq) + 4H2O(l);

2.  Cr2O72-(aq) + 3H2C2O4(aq) + 8H+(aq) ( 2 Cr3+(aq) + 6CO2(g) + 7H2O(l)
3.  2Cr(OH)4-(aq) + 3 H2O2(aq) + 2 OH-(aq)  ( 2CrO42-(aq) + 8H2O(l);

MnO4- and Cr2O72- are strong oxidizing agents; in acidic solutions they are reduced to Mn2+ and Cr3+, respectively. Under basic condition, Cr(OH)4- is oxidized to CrO42- by peroxide.

6.  Disproportionation Reactions

This is an oxidation-reduction reaction in which the same element is oxidized as well as reduced. For examples:

1.  2 NaOH(aq)  +  Cl2(g)  (  NaOCl(aq)  +  NaCl(aq) + H2O(l)
2.  3 Br2(aq) + 6NaOH(aq)  (  NaBrO3(aq) + 5 NaBr(aq) + 3 H2O(l)
In the first reaction, one chlorine atom in Cl2 is oxidized to OCl- and the other reduced to Cl-.  

In the second reaction, one bromine atoms is oxidized to BrO3-, for every five atoms that are reduced to Br- ions. 

Balancing Oxidation-Reduction Reactions by Half-Reaction Method

Balancing oxidation-reduction reactions in acidic solution:

Example:
MnO4-(aq) +  H2O2(aq) +  H+(aq)  (  Mn2+  +  O2(g)  +  H2O(l)
Steps involved balancing the above equation:

1.
Separate the equation into an oxidation and a reduction half-reactions. Write and balance the half-equations and add appropriate number of electrons on the correct side of the half-equation. 


Oxidation half-reaction:

     H2O2(aq)  (  O2(g) + 2H+(aq) + 2 e-;


Reduction half-reaction:  MnO4-(aq) + 8H+(aq) + 5e- (  Mn2+(aq) + 4 H2O(l);

2.
If the number of electrons in both half-reactions is not the same, multiply the half-equations with factors that will yield the same number of electrons in both half-equations:


5 x [H2O2  (  O2 + 2 H+ + 2 e-] = 5H2O2  (  5 O2  + 10H+ + 10 e-;


2 x [MnO4- + 8H+ + 5e- (  Mn2+ + 4H2O] = 2MnO4- + 16H+ + 10e- ( 2Mn2+ + 8H2O

3.
Finally, add the two half-equations and cancel out the electrons as well as common species that appears on both sides of the equation:



2MnO4-(aq) +  5H2O2(aq) + 6H+(aq)  (  2Mn2+(aq)  + 5 O2(g)  +  8H2O(l)
Oxidation-reduction reactions in basic solution:

Example: Cr(OH)4-(aq)  +  H2O2(aq)  +  OH-(aq)  (  CrO42-(aq)  +  H2O(l)
1.  Write balanced oxidation and reduction half-reactions:


oxidation half-reaction:     Cr(OH)4-(aq) (  CrO42-(aq) +  4H+(aq) + 3e-;


reduction half-reaction: H2O2(aq) + 2e-  (  2 OH-(aq)
2.  Multiply each half-reaction by factors so that the number of electrons becomes equal:


2 x [Cr(OH)4- (  CrO42- + 4 H+ + 3 e-] = 2Cr(OH)4- (  2CrO42- + 8H+ +  6 e-;


3 x [H2O2 + 2 e- (  2 OH-]  =  3 H2O2 + 6 e- (  6 OH-;

3.  Add both half-equations, cancel out the elections and other common species; If H+ and OH- ions appear on the same side of the equation, combine them to form H2O:


2 Cr(OH)4-(aq) + 3 H2O2(aq)  (   2 CrO42-(aq) + 2 H+(aq) +  6 H2O(l);

4.  Finally, since the reaction occurs in basic solution, eliminate all H+ ions by adding equal number of OH- on both sides of the equation:


2Cr(OH)4-(aq) + 3H2O2(aq) + 2 OH-(aq) (  2 CrO42-(aq) + (2H+ + 2OH-) +  6H2O(l);


= 2Cr(OH)4-(aq) + 3H2O2(aq) + 2 OH-(aq)  (   2 CrO42-(aq) + 8 H2O(l);

Exercise-10:  Balance the following redox reactions in acidic solution:

1.  MnO4-(aq) +  H2C2O4(aq)  +  H+(aq) (  Mn2+(aq) +  CO2(g)  +  H2O(l);

2.  Cr2O72- (aq) +  H2O2(aq) +  H+(aq)  (  Cr3+(aq) +  O2(aq)  +  H2O(l);

3.  Cu(s)  +  HNO3(aq)  (  Cu(NO3)2(aq)  +  NO(g)  +  H2O(l);

4.  MnO4-(aq) + HSO3-(aq)  (  Mn2+(aq) +  HSO4-(aq); (in acidic solution)

5.  MnO4-(aq) + SO32-(aq)  (  MnO2(s) +  SO42-(aq); (in basic solution)

_________________________________________________________________________

Titration Involving Oxidation-Reduction Reactions


In redox titration, standard solutions of oxidizing agents are usually used because solution of reducing agents may react with oxygen in the air. It is also important that species being analyzed must be in the same oxidation state before titration and it undergoes the same change in oxidation state during the course of the titration. For example, when iron ore is dissolved in hydrochloric acid solution, both Fe2+ and Fe3+ are present in solution. Before titration with standard KMnO4 solution, iron(III) is reduced to iron(II) by reaction with excess zinc:



2 Fe3+(aq)  +  Zn(s)  (  2 Fe2+(aq) + Zn2+(aq);


MnO4-(aq) + 5 Fe2+(aq) + 8 H+(aq) (  Mn2+(aq) + 5 Fe3+(aq) + 4 H2O(l)
KMnO4 and K2Cr2O7 are the most commonly used oxidizing agents in redox titration. This is because the solutions change color as they are being reduced and this color change serves as the titration indicator. For KMnO4 its purple color changes to colorless when MnO4- is reduced to Mn2+, and for K2Cr2O7, its color changes from bright orange to purplish-blue when Cr2O72- is reduced to Cr3+.

Exercise-11: 

1.
A 1.000-g sample of iron ore is dissolved in HCl(aq) and the Fe3+ ions in solution are reduced to Fe2+ ion, which is then titrated with standard KMnO4(aq). If 35.8 mL of 0.0550 M KMnO4(aq) is needed to titrate the Fe2+(aq) solution, determine the percentage (by mass) of iron in the sample of iron ore treated. The reaction occurs as follows: 



  MnO4-(aq) + 5Fe2+(aq) + 8H+(aq) (  Mn2+(aq) + 5Fe3+(aq) + 4H2O(l)

(Answer: percent of iron in ore = 55.0%)
2.
A 10.00 mL sample of Na2SO3 solution was titrated with 0.0498 M K2Cr2O7 in the presence of H2SO4. If 21.55 mL of K2Cr2O7 was required to reach end-point, calculate the molarity of Na2SO3 solution? 



  3HSO3-(aq) + Cr2O72-(aq) + 8H+(aq) (  2Cr3+(aq) + 3HSO4-(aq) + 4H2O(l)

(Answer: Molarity of Na2SO3 = 0.107 M)

___________________________________________________________________________

SOME USES OF REACTIONS IN SOLUTION

1.  Dissolving Insoluble Compounds


Many insoluble oxides and hydroxides will dissolve in strong acid solution.  For examples, Fe2O3 and Mg(OH)2 dissolve in dilute HCl(aq).

1.  Fe2O3(s)  +  6HCl(aq)  (  2 FeCl3(aq)  +  3 H2O(l);

2.  Mg(OH)2(s)  +  2 HCl(aq)  (  MgCl2(aq)  +  2 H2O(l);

2.  Synthesis of Inorganic Compounds 

Precipitation reactions are very useful in the manufacture of some industrially important insoluble products such as silver bromide, which is widely used in photography industries. This is prepared by reacting silver nitrate solution with excess sodium bromide.

AgNO3(aq)  +  KBr(aq)  (  AgBr(s)  +  KNO3(aq);

3.  Extraction of Metals from Solution 

Precipitation is also an important method in the commercial extraction of some metals. For example, the extraction of magnesium from seawater is carried out by the precipitation of Mg2+ as Mg(OH)2 using quick lime, CaO.

Mg2+(aq) + CaO(s) + H2O(l)  (  Mg(OH)2(s)  +  Ca2+(aq);

Mg(OH)2 is concentrated, dried and heated to form MgO, which is then converted to MgCl2 by reaction with dilute HCl(aq). The final step in the extraction of Mg is carried out by the electrolysis of molten MgCl2.

Exercise-12:

1.
Seawater contains 0.055 M Mg2+.  How many grams of CaO are needed to precipitate all of Mg2+ as Mg(OH)2(s) from 1.00 m3 of seawater? How many grams of Mg(OH)2 are formed?

_______________________________________________________________________
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