CHAPTER 14 - ACIDS AND BASES

In this chapter you will learn:

· The definitions and identity of substances that are called acids and bases;

· Identify the Brønsted-Lowry conjugate acid-base pairs;

· How to calculate [H3O+], [OH-], pH, and pOH of strong acids and bases;

· To determine [H3O+] and pH of weak acids; [OH-] and pH of weak bases; 

· To determine Ka of weak acid from the initial concentration and pH or percent ionization;

· To calculate Kb for the conjugate bases of weak acids and Ka for the conjugate acids of weak bases;

· To predict the acid-base properties of various salt solution.

· The effect of structures on acid-base properties and strength;

· The acid-base properties of metal and nonmetal oxides;

The chemistry of acids and bases has very significant roles in various processes in nature and industry. Some complex metabolic processes in our body are controlled by physiological pH as well as carefully control the acidity of our blood. Even a small change in the physiological pH may lead to serious illness and death. The acidity of soil is also plays important roles in plant growth. 

Acids and bases play very important roles in manufacturing industries. Sulfuric acids are the largest chemicals produced in the U.S. and worldwide. It is needed in the production of fertilizers, polymers, steel and many other materials. Production and uses of sulfuric acid have also led to environmental problems the phenomenon of acid rain.

14.1 The Nature of Acids and Bases
Arrhenius concept:

Acid
a substance that increases the hydronium ion concentration [H3O+] in aqueous solution.

Base
a substance that increases the hydroxide ion concentration [OH-] in aqueous solution.

Examples of Acids:


1.            HCl(aq) + H2O ( H3O+(aq) + Cl-(aq); 
(strong acid)


2.       HNO3(aq)  +  H2O ( H3O+(aq) +  NO3-(aq); 
(strong acid)


3. CH3COOH(aq) + H2O  ⇄  H3O+(aq) +  CH3COO-(aq);   (weak acid)

Examples of bases:

1.
NaOH(aq) ( Na+(aq) + OH-(aq); 

(strong base)

2.
Ba(OH)2(aq)  ( Ba2+(aq) + 2OH-(aq); 

(moderately strong base)

8.
NH3(aq) + H2O  ⇄  NH4+(aq) + OH-(aq);  
(weak base)

* All hydroxides and oxides of metal are basic.

The Brønsted-Lowry concept:

Acid  
a substance that acts as a proton donor in chemical reaction;

Base 
a substance that acts as a proton acceptor in chemical reaction;

* Reactions that involve the transfer of protons (H+) are acid-base reactions. 

The Brønsted-Lowry acid-base reaction can be represented as follows:


 HA   +   B      ⇄   BH+      +       A-

acid1     base2
   conjugate       conjugate




     acid2
     
base1
For examples:

1.
HCl  +  H2O  (    H3O+(aq)   +    Cl-(aq)

acid1
base2
  conjugate       conjugate




    acid2
  
base1
2.
HC2H3O2   +   H2O   ⇄   H3O+(aq)    +   C2H3O2-(aq);


  acid1 
            base2        conjugate            conjugate 





  acid2
       
base1

3.
NH3   +   H2O   ⇄    NH4+(aq)    +  OH-(aq);


base1
   acid2        conjugate          conjugate




       acid1
   base2 

In each reaction, a conjugate base is what remains of the acid after it loses a proton (H+), and a conjugate acid is what becomes of the base after it gains a proton. The pairs: acid1 - conjugate base1 and acid2 - conjugate base2 are called conjugate acid-base pairs; these are pairs of substances that are related to each other only by the loss or gain of a single proton (H+).  Thus, H2O and H3O+, and H2O and OH- are conjugate acid-base pairs, but H3O+ and OH- are not conjugate acid-base pair.
A Brønsted-Lowry acid-base reaction involves a competition between two bases for a proton, in which the stronger base ends up being the most protonated at equilibrium.

In the reaction:  HCl +  H2O   (    H3O+(aq) + Cl-(aq), 

· H2O is a much stronger base than Cl-; at equilibrium, HCl solution contains mostly H3O+ and Cl- ions.

In the reaction:   HC2H3O2(aq)  +   H2O  ⇄  H3O+(aq)  +  C2H3O2-(aq),    C2H3O2- is the stronger base;
· At equilibrium, acetic acid contains mostly HC2H3O2 and a small amount of H3O+ and C2H3O2- ions.

In the reaction:  NH3(aq)  +  H2O  ⇄   NH4+(aq) + OH-(aq),   water is an acid.  
· Competition for protons is occurs between NH3 and OH-, in which OH- is the strong base; the above equilibrium favors the reactants and aqueous ammonia solution contains mostly NH3 molecule and a small amount of NH4OH, NH4+, and OH-.

Exercises-1:

1.
Write the conjugate base for each of the following acids:


(a) H2PO4-;
(b) H2C2O4;

(c) [Al(H2O)6]3+;
(d) NH3;

2.
Write the conjugate acid for each of the following bases:


(a) NH3

(b) [Al(H2O)2(OH-)4]-

(c) SO32-
(d) (CH3)3N:

______________________________________________________________________________________

14.2  Acids Strength

The strength of an acid is defined by the extent of its dissociation (ionization) in aqueous solution. 



HX(aq)  +  H2O  ⇄  H3O+(aq)  +  X-(aq)
Strong acids, such as HClO4, HCl, HNO3, and H2SO4 completely ionize at 1 M concentration. For these acids the equilibrium lies far to the right. Acids such as HC2H3O2, HNO2, H2SO3, H3PO4, HClO, and many others are weak acids because they are only partially ionized and their ionization equilibriums lie far to the left.

The equilibrium constant, Ka, for the acid ionization is given by the following expression:



Ka  =  
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For strong acids, Ka would have a very large value; for weak acids, Ka << 10-1. The following are the Ka values of some weak acids:

1.
HC2H3O2(aq) +  H2O  ⇄  H3O+(aq)  +  C2H3O2-(aq);
Ka =  
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  =  1.8 x 10-5

2.
HNO2(aq)  +  H2O  ⇄  H3O+(aq)  +  NO2-(aq);

Ka  =  4.0 x 10-4

3.
HOCl(aq) +  H2O  ⇄  H3O+(aq)  +  ClO-(aq);   

Ka  =  3.5 x 10-8

4.
HCN(aq)  +  H2O  ⇄  H3O+(aq)  +  CN-(aq);  

 Ka =  6.2 x 10-10

The value of Ka is a measure of the extent of acid dissociation, hence the relative strength of the acid. Stronger acids have larger Ka values. For strong acids such as HClO4, HCl, H2SO4, and HNO3, their Ka’s are very large (not given in any tables of Ka values).

The Conjugate Acid-Base Relationships


Strong acids have weak conjugate bases, while weak acids have strong conjugate bases;  the weaker the acid, the stronger will be its conjugate base. Likewise, weak bases have strong conjugate acids; the weaker the base, the stronger will be the conjugate acid it produces. For examples, HCl is a strong acid and Cl- is a very weak base; HF is a weak acid, and F- is a stronger conjugate base than Cl-.
According to the Brønsted-Lowry concept, the net acid-base reactions favor in the direction from strong acid-strong base combinations to weak acid-weak base combinations:

The following acid-base reactions go completely in the forward direction:

1.
HCl(aq)  +   NH3(aq)  (  NH4+(aq)  +  Cl-(aq);
(HCl is a strong acid)


2.
HSO4-(aq)  +  CN-(aq)  (  HCN(aq)  +  SO42-(aq);    (HSO4- is a stronger than HCN)

Many acid-base reactions reach a state of equilibrium. For the following acid-base reactions, their equilibrium may favor the products or the reactants, depending on the relative strength of the acid:
1.
H2PO4-(aq) + C2H3O2-(aq) ⇄  HC2H3O2(aq) + HPO42-(aq);  



Equilibrium shifts left; HC2H3O2 is the stronger acid and HPO42- is the stronger base.

2.
HNO2(aq)  +  C2H3O2-(aq) ⇄  HC2H3O2(aq) +  NO2-(aq);




Equilibrium shifts right; HNO2 is the stronger acid and C2H3O2- is the stronger base.

Water as an Acid and a Base 

Water is amphoteric - it can behave as an acid or a base. The following equilibrium occurs in pure water:


H2O  +
  H2O    ⇄   H3O+(aq)   +   OH-(aq);


Acid1
 base1
       conjugate
 conjugate




        acid2
   base1

This is called the auto-ionization of water, and  Kw = [H3O+][OH-] = 1.0 x 10-14  at 25oC.
(Kw is called the ion product constant for water. )
Aqueous solutions contain both H3O+ and OH- such that [H3O+] x [OH-] = 1.0 x 10-14 at 25oC.  
If [H3O+] increases  (> 1.0 x 10-7 M),  [OH-] will decreases (< 1.0 x 10-7 M), and vice versa.  

Thus, a solution with:

· [H3O+] =  [OH-] = 1.0 x 10-7 M, ( the solution is neutral, (such as in pure water);
·  [H3O+] > 1.0 x 10-7 M, or  [H+] > [OH-], ( the solution is acidic;

· [H3O+] <  1.0 x 10-7 M, or [H+] < [OH-], ( the solution is basic;

Exercise-2:

1.
What is [OH-] if [H3O+] =  0.0050 M?  Is the solution acidic, basic or neutral?

2.
What is the [H3O+] if [OH-] = 6.0 x 10-4 M?  Is the solution acidic, basic or neutral?

_________________________________________________________________________

14.3  The pH Scale

pH is a scale that measures the acidity of an aqueous solution where [H+] is very small.

pH = -log[H3O+], 

If  [H3O+] = 1.0 x 10-2 M,  pH = -log(1.0 x 10-2) = -(-2.00) = 2.00  (( acidic)
We can also express basicity using the log scale for [OH-],  such that  pOH = -log[OH-]

If a solution has [OH-] = 1.0 x 10-2 M,  pOH = -log(1.0 x 10-2) = -(2.00) = 2.00  (( basic)
Since, at 25oC,  Kw = [H3O+][OH-] = 1.0 x 10-14 

pKw = -log(Kw) = -log[H3O+] + (-log[OH-]) = -log(1.0 x 10-14) = -(-14.00) = 14.00

   
pKw = pH + pOH = 14.00;    and  pOH = 14.00 – pH

Thus, in aqueous solutions, pH = 2  (  pOH = 12, and  pOH = 2  (  pH = 12.
In pure water or neutral solutions,  [H3O+] = [OH-] = 1.0 x 10-7 M,  and pH = pOH = 7.00;

· [H+] > 1 x 10-7 M, (  pH < 7.0; the solution is acidic.  

· [OH-] > 1 x 10-7 M, (  pOH < 7.0 and pH > 7.0; the solution is basic.

__________________________________________________________________________

14.4  Calculating the pH of Strong Acid and Strong Base Solutions
Strong acids are assumed to ionize completely in aqueous solution. For monoprotic acids (that is, acids with a single ionizable hydrogen atom) such as HCl and HNO3, the concentration of hydronium ion in solution is the same as the molar concentration of the acid. That is



[H3O+] = [HX]

For example, in 0.10 M HCl(aq), [H3O+] = 0.10 M, and pH = -log(0.10) = 1.00.

A strong base such as NaOH has [OH-] equals to the molar concentration of dissolved NaOH. That is, a solution of 0.10 M NaOH(aq) has [OH-] = 0.10 M

pOH = -log[OH-] = -log(0.10) = 1.00;
pH = 14.00 – 1.00 = 13.00

A strong base such as Ba(OH)2 produces twice the concentration of OH- as the molar concentration of Ba(OH)2 in solution. Ba(OH)2 dissociates as follows:


Ba(OH)2(aq)  (  Ba2+(aq) + 2OH-(aq);
[OH-] = 2 x [Ba(OH)2]
In a solution of 0.010 M Ba(OH)2, [OH-] = 0.020 M, pOH = 1.70, and pH = 12.30

Exercise-3:

1.
Calculate the pH of the following solutions: 


(a)  0.0050 M HCl; 

(b) 0.0050 M NaOH.

2.
What is [H3O+] and [OH-], respectively, in a solution where, 


(a) pH = 3.60;


(b) pOH = 4.40

3.
The pH of an HCl solution is found to be 3.00.  To what final volume must a 100.-mL sample of this acid be diluted so that the pH of the solution becomes 3.50?

4.
What is the pH of a saturated aqueous solution of Ca(OH)2 that contains 0.165 g of Ca(OH)2 dissolved in 100. mL of solution at 25oC?
___________________________________________________________________________

14.5  Calculating the pH of Weak Acid Solutions


Weak acids do not ionize completely.  At equilibrium, [H+] is much less than the concentration of the acid. The concentration of H+ in a weak acid solution depends on the initial acid concentration and the Ka of the acid. To determine [H+] of a weak acid we can set up the “ICE” table as follows:

Consider a solution of 0.10 M acetic acid and its ionization products:

Concentration:

HC3H3O2(aq)  ⇄    H+(aq)   +   C2H3O2-(aq)
(((((((((((((((((((((((((((((((((((((((((
Initial [  ], M:

0.10 

     0.00
 
0.00

Change, [  ], M:
-x

     +x

 +x
Equilibrium [  ], M :
(0.10 - x)
       x

   x
(((((((((((((((((((((((((((((((((((((((((
The acid ionization constant, Ka, is given by the expression:


Ka =  
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  =   x2/(0.10 – x)  =  1.8 x 10-5 

Since Ka << 0.10, we can use the approximation that  x << 0.10, and (0.10 – x) ~ 0.10

Then,
Ka  =  x2/(0.10 – x)  ~  x2/0.10 =  1.8 x 10-5 ; 

( 
x2 = 1.8 x 10-6,  and   x = ((1.8 x 10-6) = 1.3 x 10-3
Note that  x = [H3O+] = 1.3 x 10-3 M;  ( pH = - log(1.3 x 10-3) =  2.89

Percent Dissociation

The percent dissociation (or degree of ionization) of a weak acid is defined as follows:


Percent dissociation =  
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For strong acids, the percent dissociation at equilibrium is almost 100%. For weak acids, the percent dissociation depends on Ka of the acid and their initial concentration. For example, the percent dissociation of acetic acid (HC2H3O2, Ka = 1.8 x 10-5) at 0.10 M concentration is,

(1.3 x 10-3 M/0.10 M) x 100% = 1.3 %

The stronger the acid, the greater its Ka and the greater its percent ionization. Thus, the percent ionization of a weak acid depends on its Ka value and also on the extent of dilution. The more an acid solution is diluted, the higher its percentage ionization.

Now consider a solution of 0.010 M acetic acid and its ionization products:

Concentration:

HC3H3O2(aq)  ⇄    H+(aq)   +   C2H3O2-(aq)
(((((((((((((((((((((((((((((((((((((
Initial [  ], M:

0.010 

     0.00
 0.00

Change, [  ], M:
-x

      +x
 
  +x
Equilibrium [  ], M :
(0.010 - x)
        x

   x
(((((((((((((((((((((((((((((((((((((
The acid ionization constant, Ka, is given by the expression:


Ka =  
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  =  x2/(0.010 – x) =  1.8 x 10-5 

Since Ka << 0.010, we can use the approximation that  x << 0.010, and (0.010 – x) ~ 0.010

Then,
Ka =  x2/(0.010 – x)  ~  x2/0.010 =  1.8 x 10-5 ; 

( 
x2 = 1.8 x 10-7,  and  x = ((1.8 x 10-7) = 4.2 x 10-4

x = [H3O+] =  4.2 x 10-4 M;  ( pH = - log(4.2 x 10-4) = 3.37

The degree of ionization of acetic acid at this concentration is,

(4.2 x 10-4 M/0.010 M) x 100% = 4.2 %

Note that, the degree of ionization of the acid incrfeases as the solution is more diluted. In fact, in 1.0 M acetic acid, the degree of ionization is only 0.42%, which is a 10-fold lower than in 0.010 M acid solution. 

Exercise-4:

1.
What is [H+] in 0.10 M HNO2 solution and the pH of the solution?  Ka = 4.0 x 10-4?

2.
A 0.10 M aqueous solution of lactic acid, HC3H5O3, has a pH = 2.43.  Determine [H+] in this solution and the Ka of lactic acid.

3.
If a  0.10 M benzoic acid, HC7H5O2 is 2.5% ionized, what is [H+] and pH of 0.10 M benzoic acid? Calculate the Ka of benzoic acid.

___________________________________________________________________________

14.6  Bases

Strong Bases:

· Hydroxides of Group IA metals (LiOH, NaOH, KOH, RbOH, and CsOH) are strong bases, but only NaOH and KOH are commercially important and are common laboratory bases. These bases are soluble in water and they completely dissociate in aqueous solution, producing a high concentration of hydroxide ions. A moderately dilute solution of NaOH contains [OH-] = Initial [NaOH].

· Among the hydroxides of the alkaline earth metals, Ba(OH)2 is a relatively strong base. The other hydroxides are only sparingly soluble in water. 
· The hydroxides of other metals are only slightly soluble. A saturated solution of these hydroxides contains a very low concentration of OH- is quite low. For example, a saturated solution of Mg(OH)2 has [OH-] ~ 3.1 x 10-4 M.

Weak Bases


Ammonia is the only weak base that is of commercial importance.  Ammonia is very soluble in water and ionizes as follows:


NH3(aq) +  H2O  ⇄   NH4+(aq) + OH-(aq)
The base dissociation constant, Kb, is given by the expression:


  Kb =  
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The concentration of OH- in a weak base such as NH3(aq), depends on its Kb value and the initial concentration of the base. For example, to determine [OH-] and pH of 0.10 M NH3(aq), we set up the following “ICE” table:

Concentration:

NH3(aq) + H2O  ⇄    NH4+(aq)  +  OH-(aq)
(((((((((((((((((((((((((((((((((((((
Initial [  ], M:

0.10 

        0.00
 0.00

Change, [  ], M:
-x

        + x
    
+ x
Equilibrium [  ], M :
(0.10 - x)
           x
                x
(((((((((((((((((((((((((((((((((((((

Kb =  
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 =   x2/(0.10 – x)  =  1.8 x 10-5 

Using the approximation method,  Kb =  x2/(0.10 – x) ~  x2/0.10 =  1.8 x 10-5 ; 

( 
x2 = 1.8 x 10-6;
 x = ((1.8 x 10-6) = 1.3 x 10-3
where, x = [OH-] = 1.3 x 10-3 M;   pOH = - log(1.3 x 10-3) = 2.87;  ( pH = 11.13

For ammonia solution at 0.10 M concentration, the percent dissociation is:


Percent ionization =  (1.3 x 10-3 M/0.10 M) x 100% = 1.3%

Like weak acids, the percent dissociation of weak bases depends on the Kb value and dilution of the base solution – larger Kb and greater extent of dilution ( higher percent ionization.

Exercise-5:

1.
What is [OH-] in 0.0055 M KOH and what is the pH of the solution?

2.
What is [OH-] in a 0.020 M solution of Ba(OH)2?  What is the pH of this solution?

3.
A 0.10 M solution of methylamine, CH3NH2 is 6.5% ionized at 25 oC.  Determine the Kb value for methylamine?  What is the pH of this solution?




CH3NH2(aq) +  H2O   ⇄  CH3NH3+(aq) +  OH-(aq)
(((((((((((((((((((((((((((((((((((((
14.7  Polyprotic Acids

Acids such as HCl, HF, HOCl, HNO2, HC2H3O2, and other similar type of acids are called monoprotic acids - each contains a single ionizable hydrogen ion.  Some acids contain more than one ionizable hydrogen, and they are called polyprotic acids.  Examples of polyprotic acids are H2SO4, H2SO3, H2C2O4, and H3PO4. In each case, the hydrogen ionizes in stages and with different ionization constant, such as the following example with H3PO4:


H3PO4(aq)  ⇄  H+(aq)  +  H2PO4-(aq);

Ka1 = 7.5 x 10-3;


H2PO4-(aq) ⇄  H+(aq)  +  HPO42-(aq);

Ka2 = 6.2 x 10-8;


HPO42-(aq) ⇄  H+(aq)  +  PO43-(aq);

Ka3 = 4.8 x 10-13;

Acid strength decreases in the order:  H3PO4 >> H2PO4-  >> HPO42-;

Sulfuric acid is a strong acid, but only the first hydrogen ionizes completely: 

H2SO4(aq)  (  H+(aq) + HSO4-(aq);
Ka1 = very large

The second hydrogen does not dissociate complete and, thus, HSO4- is a weak acid:


HSO4-(aq)  ⇄  H+(aq)  +  SO42-(aq);
Ka2 = 1.2 x 10-2
Exercise-6:

1.
What are [H+], [HSO4-], and [SO42-]  in 0.10 M H2SO4(aq)?  What is the pH of the solution? 

(Ka1 is very large; Ka2 = 1.2 x 10-2)

2.
What is the pH of 0.020 M oxalic acid, H2C2O4, and what is [C2O42-] in this solution?


(Ka1 = 6.5 x 10-2;  Ka2 = 6.1 x 10-5 )

(((((((((((((((((((((((((((((((((((((
14.8  Acid-Base Properties of Salts

When salts (ionic compounds) dissolve in water, we assume that they completely dissociate into separate ions. Some of these ions can react with water and behave as acids or bases. Salts are also products of acid-base reactions. The acidic or basic nature of a salt solution depends on whether it is a product of:

· a strong acid-strong base reaction;

· a weak acid-strong base reaction;

· a strong acid-weak base reaction, or

· a weak acid-weak base reaction.

Salts of Strong Acid-Strong Base Reactions: such as NaCl, NaNO3, KBr, etc.
· Salts of this type form neutral solution, because neither the cation ion nor the anion reacts with water and offset the equilibrium concentrations of H3O+ and OH- in the solution. 

Salts of Weak Acid-Strong Base Reactions: such as NaF, NaNO2, NaC2H3O2, etc.

· Salts that are products of reactions between weak acids and strong bases form basic solutions when dissolved in water. The anions of such salts react with water that increases [OH-].
For example, Sodium acetate (NaC2H3O2) is a product of reaction between acetic acid (HC2H3O2), which is a weak acid, and a strong base (NaOH).  


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

When sodium acetate is dissolved in water, it dissociates into sodium and acetate ions:



NaC2H3O2(aq)  (  Na+(aq) + C2H3O2-(aq)
The acetate ion reacts with water and the following equilibrium is established:


C2H3O2-(aq)  +  H2O  ⇄  HC2H3O2(aq)  +   OH-(aq);      Kb =   
[image: image8.wmf]]

O

H

[C

]

][OH

O

H

[HC

-

2

3

2

-

2

3

2


Note the for the dissociation of acetic acid:


HC2H3O2(aq)  +  H2O   ⇄  H3O+(aq) +  C2H3O2-(aq);      Ka =  
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Ka x Kb =  
[image: image10.wmf]]

O

H

[HC

]

O

H

][C

O

[H

2

3

2

-

3

2

3

+

 x 
[image: image11.wmf]]

O

H

[C

]

][OH

O

H

[HC

-

2

3

2

-

2

3

2

 =  [H3O+][OH-]  =  Kw = 1.0 x 10-14
Thus, for C2H3O2-, Kb  =  Kw/Ka (for HC2H3O2)  =   (1.0 x 10-14)/(1.8 x 10-5) = 5.6 x 10-10
Thus, acetate ion in solution has  Kb = 5.6 x 10-10 (> Kw). Aqueous solution of 0.10 M NaC2H3O2 would have  [OH-] ~ 7.5 x 10-6 M and pH ~ 8.9
Salts of Strong Acid-Weak Base Reactions: NH4Cl, NH4NO3, (CH3)2NH2Cl, C5H5NHCl.

· Aqueous solutions of salts that are products of strong acidic-weak base reactions are acidic.
· the cations react with water and increases [H3O+] in solutions.

For example, NH4Cl is produced when HCl (strong acid) reacts with NH3 (weak base)

HCl(aq)  +  NH3(aq)  (  NH4Cl(aq)  (  NH4+(aq)  +  Cl-(aq)
In aqueous solution, NH4+ establishes the following equilibrium that increases [H3O+], thus creates an acidic solution:

NH4+(aq)  +  H2O   ⇄  H3O+(aq)  +  NH3(aq);
   Ka =  
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While in solution of NH3  the following equilibrium occurs:

NH3(aq)  +  H2O   ⇄  NH4+(aq)  +  OH-(aq);
    Kb =  
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Ka x Kb =   
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 =   [H3O+][OH-] =  Kw = 1.0 x 10-14
Therefore, for  NH4+,  Ka  =  Kw/Kb(for NH3)  =   (1.0 x 10-14)/( 1.8 x 10-5) = 5.6 x 10-10
Thus, aqueous solution of NH4+ has Ka = 5.6 x 10-10 at 25oC (which is > Kw). Then, a 0.10 M solution of NH4Cl or NH4NO3 would have [H3O+] ~ 7.5 x 10-6 M and pH ~ 5.1
Salts of Weak Acid-Weak Base Reactions: such as NH4C2H3O2, NH4CN, NH4NO2, etc..

· Solutions of salts that are products of weak acid-weak base reactions can be neutral, acidic, or basic, depending on the relative magnitude of the Ka of the weak acid and the Kb of the weak base.
· If Ka ~ Kb, the salt will form approximately a neutral solution;

· If Ka > Kb, the salt solution will be acidic, and

· If Ka < Kb, the salt solution will be basic.

(i) For example, Ka of HC2H3O2 = 1.8 x 10-5, and Kb of NH3 = 1.8 x 10-5 
When NH4C2H3O2 dissolves in water and dissociates, the following equilibria are established: 


NH4C2H3O2(aq)  (  NH4+(aq)  +   C2H3CO2-(aq)

NH4+(aq) + H2O  ⇄  H3O+(aq) +  NH3(aq);

Ka = 5.6 x 10-10;

       C2H3O2-(aq) + H2O   ⇄  HC2H3O2(aq) +  OH-(aq);
Kb = 5.6 x 10-10;

Since Ka(for NH4+) = Kb(for C2H3O2-), at equilibrium [H3O+] ~ [OH-] and NH4C2H3O2 solution will be neutral. 

(ii) For NH4CN in solution, Ka(HCN) = 6.2 x 10-10,  and  Kb(NH3) = 1.8 x 10-5, the following equilibria exist:


NH4CN(aq)  (  NH4+(aq) + CN-(aq)

NH4+(aq) + H2O  ⇄  H3O+(aq) +  NH3(aq);

Ka = 5.6 x 10-10;


CN-(aq)  + H2O   ⇄  HCN(aq) +  OH-(aq);

Kb = 1.6 x 10-5;

Since Kb(for CN-)  > Kb(for NH4+), at equilibrium [OH-] > [H3O+]  and aqueous solution of NH4CN will be basic.

(iii) For NH4NO2, Ka(HNO2) = 4.0 x 10-4,  and Kb(NH3) = 1.8 x 10-5, and according to the following equilibria:


NH4NO2(aq)  (  NH4+(aq) + NO2-(aq)

   NH4+(aq) + H2O  ⇄  H3O+(aq) +  NH3(aq);
Ka = 5.6 x 10-10;


   NO2-(aq)  + H2O  ⇄  HNO2(aq) +  OH-(aq);
Kb = 2.5 x 10-11;

Ka > Kb ( acidic solution, because the hydrolyses result in a solution with [H3O+] > [OH-].

Calculating the pH of Basic or Acidic salt Solutions
1.  Consider a solution of 0.050 M sodium acetate, which dissociates completely as follows:



NaC2H3O2(aq)  (  Na+(aq) + C2H3O2-(aq)
The acetate ion establishes the following equilibrium in aqueous solution:


C2H3O2-(aq)  +  H2O  ⇄  HC2H3O2(aq)  +  OH-(aq);

Kb =   
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By approximation, [OH-] = ((Kb[C2H3O2-]) = ({(5.6 x 10-10)(0.050)} = 5.3 x 10-6 M
pOH = -log(5.3 x 10-6) = 5.28,  and  pH = 8.72, (solution is basic)

2.  Consider a solution of 0.050 M NH4Cl, which dissociates and establishes the following equilibrium:



NH4Cl(aq)  (  NH4+(aq)  +  Cl-(aq)
NH4+(aq)  +  H2O   ⇄  H3O+(aq)  +  NH3(aq);
   Ka =  
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By approximation,  [H3O+] = ((Ka[NH4+]) = ({(5.6 x 10-10)(0.050)} = 5.3 x 10-6 M

pH = -log(5.3 x 10-6) = 5.28, (solution is acidic)

Exercise-7:

1.
Predict whether aqueous solution of each of the following salts is acidic, basic, or neutral?


(a) KNO3
(b) CH3NH3Cl

(c) Na2SO3

(d) (NH4)2HPO4 


Ka (for HSO3-) = 1.0 x 10-7;  Ka (for H2PO4-) = 6.2 x 10-8;  Kb (for CH3NH2) = 4.4 x 10-4
2.
Calculate the pH of a solution that is 0.10 M in sodium cyanide, NaCN(aq).  


(Ka for HCN = 6.2 x 10-10)

3.
What is the pH of a solution containing 1.5 g of pyridinium chloride, C5H5NHCl, in 100.0 mL solution? (Kb of C5H5N = 1.7 x 10-9)  In aqueous solution C5H5NHCl dissociates as follows:



C5H5NHCl(aq)  (  C5H5NH+(aq)  +  Cl-(aq)
___________________________________________________________________________

14.9  The Effects of Structure of Acid-Base Properties
The Relative Strength of Acids


The strength of acids is determined by a combination of various factors, such as the strength and polarity of X(H bond in the molecule, and the hydration energy of the ionic species in aqueous solution.

For binary acids such as HF, HCl, HBr, and HI, H(X bond strength decreases down the group. The weaker the bond, the easier the molecule ionizes in aqueous solution. Hence, the stronger will be the acid. Thus, for this group of acids, their strength increases down the group:

   HF < HCl < HBr < HI;
H2O < H2S < H2Se < H2Te
Among the hydrohalic acids, HF is the only weak acid; the others are strong acids. The relative strength of HCl, HBr, and HI cannot be differentiated in aqueous solution, because each of them dissociates almost completely. Less polar solvents are used to determine their relative strength.  For example, HCl, HBr and HI ionize only partially in acetone or methanol, which have a weaker ionizing strength than water. The ionization of HCl in acetone can be represented by the following equilibrium:


(CH3)2CO(l) + HCl(acetone)  ⇄  (CH3)2COH+(acetone)  +  Cl-(acetone)
The degree of ionization in acetone increases in the order of  HCl < HBr < HI. Based on this observation, it was determined that the acidity of hydrogen halides increases down the group:  HF < HCl < HBr < HI.  A similar trend of relative acidity is also observed for the hydrides of Group VIA elements, such that, H2O < H2S <  H2Se < H2Te.

For the same period hydrides, the relative acidity increases from left to right, such that: 


CH4 < NH3 < H2O < HF;
 PH3 < H2S << HCl

Water is a stronger acid than ammonia, and in acid-base reaction, H2O acts as a Brønsted-Lowry acid, which donates a proton to NH3:


H2O  +  NH3(aq) ⇄   NH4+(aq)  +  OH-(aq)
In reaction with HF, water acts as a Brønsted-Lowry base, which accept a proton:


HF(aq)  +  H2O  ⇄   H3O+(aq)  +  F-(aq)
The Relative Strength of Oxo-acids


Oxo-acids are acids that contain one or more O(H groups covalently bonded to a central atom, which can be a metal or a nonmetal. The OH group ionizes completely or partially in aqueous solution producing hydrogen ions. Some common examples of oxo-acids are H2CO3, HNO3, H3PO4, H2SO4, HClO4, and HC2H3O2:
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For these type of acids, their relative strengths depend on the electronegativity of the central atoms.  The more electronegative the central atom, the more polarized the O(H bond and the more readily it ionizes in aqueous solution to release the H+ ion.  For example, N, S, and Cl are more electronegative than P, and HNO3, H2SO4, and HClO4 are stronger acids, whereas H3PO4 is a weak acid. The order of electronegativity of the atoms and that of the relative acid strength are as follows:  

Electronegativity:  Cl ~ N > S > P;
Acid strength:  HClO4 > HNO3 > H2SO4 > H3PO4.

For oxo-acids that have the central atoms made up of same group elements in the periodic table, their relative strength decreases from top to bottom (as the electronegativity of the central atom decreases):


HOCl > HOBr > HOI;
      HClO2 > HBrO2 > HIO2;
     HClO4 > HbrO4 > HIO4 

For oxo-acids containing identical central atom, their acidity increases as more oxygen atoms are bonded to it.  For example, acidity increases in the following order:

       HOCl < HClO2 < HClO3 < HClO4;
      H2SO4 > H2SO3;         HNO3 > HNO2;
  H3PO4 > H3PO3 

When more oxygen atoms are bonded to the central atom, the O(H bond in the molecule becomes highly polarized (due to inductive electronegative effect) and ionizes more readily to release H+ ion.
Acetic acid (CH3COOH) is an organic acid, which contains the carboxyl group, -COOH. In aqueous solution, ionization of acetic acid only involves the breaking of O(H bond of the carboxyl group, but not the C(H bonds in the methyl group (CH3-). However, if one or more of the hydrogen atoms in the methyl group (-CH3) is substituted with atoms that are more electronegative, inductive effect will cause the electron cloud to be drawn away from the carbonyl group. The O(H bond becomes more polarized and ionizes more readily, increasing the acidity. The following Ka values illustrate the effect on the acidity of acetic acid and its derivatives when one or more of the methyl hydrogen is substituted with electronegative atoms:


CH3COOH(aq) +  H2O  ⇄  CH3COO-(aq) + H3O+(aq);

Ka = 1.8 x 10-5

ClCH2COOH(aq) +  H2O  ⇄ ClCH2COO-(aq) + H3O+(aq);

Ka = 1.4 x 10-3

chloroacetic acid


FCH2COOH(aq) +  H2O  ⇄  FCH2COO-(aq) + H3O+(aq);

Ka = 2.6 x 10-3

fluoroacetic acid


CCl3COOH(aq) +  H2O  ⇄  CCl3COO-(aq) + H3O+(aq);

Ka =  3.0 x 10-1

trichloroacetic acid

Exercise-8:

1.
Rank the following acids and bases in order of increasing strength:


(a)  HCOOH, CH3COOH, and CH3CH2COOH;

(b)  CH3COOH, CF3COOH, and CCl3COOH, 


(c) NH3, CH3NH2, (CH3)2NH2, (CH3)3N, (CH3CH2)3N

__________________________________________________________________________

14.10  Acid-Base Properties of Oxides

Metal oxides are either basic or have amphoteric properties. The oxides the Group IA metals are strongly basic because they are generally very soluble in water. Other metal oxides are less soluble, but they react with strong acids:


Na2O(s) + H2O  (  2NaOH(aq);



BaO(s)  + H2O  (  Ba(OH)2(aq)

MgO(s)  + 2HCl(aq) (  MgCl2(aq) + H2O

The oxide ion, O2-, has a very strong affinity for protons and reacts with water to produce hydroxide ions:



   O2-(aq) + H2O  (  2OH-(aq)
Some metal oxides are amphoteric, for examples, Al2O3, Cr2O3, PbO, SnO, and ZnO. They react with both strong acids and strong bases:


Al2O3(s) +  6HCl(aq) (  2AlCl3(aq) + 3H2O(l);


Al2O3(s) +  2NaOH(aq) + 3H2O  (  2Na[Al(OH)4] (aq);

Oxides of nonmetals are acidic. They form acidic solution when dissolved in water.


CO2(g) + H2O  ⇄  H2CO3(aq)  ⇄  H+(aq) + HCO3-(aq);


SO2(g) + H2O  ⇄  H2SO3(aq)  ⇄  H+(aq) + HSO3-(aq);


P4O10(s) + 6H2O   ⇄  4H3PO4(aq);  
H3PO4(aq) ( H+(aq) + H2PO4-(aq);

Metal Hydroxides and Hydrides


Hydroxides of Group IA metals are strongly basic; LiOH, NaOH, and KOH, are strong bases.  The basicity of other metal hydroxides is limited by their low solubility.  Hydroxides of some metals, such as Al(OH)3, Cr(OH)3, Zn(OH)2, Sn(OH)2, and Pb(OH)2 also exhibit amphoteric property. For example,  


Al(OH)3(s) + OH-(aq)  ⇄  Al(OH)4-(aq);


Al(OH)3(s) + 3H3O+(aq)  ⇄   [Al(H2O)6]3+(aq)
Hydrides of reactive metals, such as NaH, MgH2, and CaH2, form strong basic solutions when dissolved in water.  The hydride ion reacts with water to produce hydroxide ions and hydrogen gas:


   H-(aq)  +  H2O   (  H2(g)  +  OH-(aq) 

14.11
The Lewis Acids and Bases

According to G.N. Lewis, an acid is the reactant that is capable of sharing a pair of electrons from another reactant to form a covalent bond; a base is the reactant that provides the pair of electrons to be shared to form a covalent bond.  

According to Lewis’s definition, hydrogen ion (H+) is a Lewis acid and water and ammonia are the Lewis bases in the following reactions:  


  H+  +   H2O (  H3O+;

  H+   +   NH3  (  NH4+;


Lewis
  Lewis


Lewis
  Lewis


acid
   base


 acid
   base

In reactions that involve the formation of new covalent bonds, species with incomplete octet (or electron deficient molecule) may act as Lewis acid and those with lone pair of electrons may act as Lewis bases. In the following reactions, BF3, AlCl3, and FeBr3 are Lewis acids; while NH3, Cl-, and Br- are Lewis bases.


BF3 + NH3  (  F3B:NH3;
AlCl3 + Cl- ( AlCl4-;

FeBr3 +  Br- (  FeBr4-;

In the formation of complex ions, the positive ions act as Lewis acids and the ligands (anions or small molecules) are Lewis bases:



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



Lewis acid     Lewis base



Al3+(aq)  +   6H2O   ⇄  [Al(H2O)6]3+(aq);

Exercise-9:

1.
Determine the Lewis acids and Lewis bases in the following reactions:


(a)  CO2(g)  +  H2O  ⇄  H2CO3(aq)

(b)  SO3(g)  +  H2O   ⇄  H2SO4(aq)

(c)  AlCl3 +  (CH3)3N: ⇄   (CH3)3N:AlCl3


(d)  Zn(OH)2(s) + 2OH-(aq)  (  Zn(OH)42-(aq);

________________________________________________________________________
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