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Topic 17 – Acid-Base Equilibria

ACID IONIZATION EQUILIBRIA


A. Acid ionization constant – Ka


1. Definition




Equilibrium constant for the ionization of a weak acid



2. Derivation



       HA (aq) + H2O (l) ((( H3O+ (aq) + A ( (aq)



    
 Kc = 
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Assuming that this is a relatively dilute solution and that ionization occurs to only a small extent, then the concentration of water will be very nearly constant.

Thus:  HA (aq) ((( H+ (aq) + A ( (aq)




Ka = 
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B. Two methods to experimentally determine the egree to which a weak 

                acid is ionized.


1. Electrical conductivity or colligative properties



2. Measurement of pH


C. Calculations involving Ka


1. Approximation method for calculating the concentrations of 

    species in a weak acid solution using Ka.




a. Procedure





(1) Write the balanced equation.





(2) Calculate 
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(3) If 
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(4) Set up an I.C.E. table





(5) Write the Ka expression





(6) Assume [HA] >> [H+]





(7) Calculate [H+].




b. Example

Calculate the equilibrium concentration of H+ and the pH of a 0.50 M HF solution when the Ka for HF is 7.1 x 10(4.

     HF (aq) ((( H+ (aq) + F ( (aq)
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I.C.E. Table

	
	[HF]
	[H+]
	[F (]

	initial
	0.50
	(0
	0

	change
	(x
	+x
	+x

	equilibrium
	(0.50 ( x)
	x
	x
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7.1 x 10 (4 = 
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Assume [HF] >> [H+]






Therefore 0.50 >> x






As a result, we assume that (0.50 ( x) ( 0.50

7.1 x 10(4 = 
[image: image9.wmf]50)
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.


x2 = (7.1 x 10 (4)(0.50)

x2 = 3.55 x 10 (4
x = 1.9 x 10 (2 M

[H+] = 1.9 x 10 (2 M

pH = 1.72

2. Using the quadratic formula to calculate the concentrations of 

    species in a weak acid solution using Ka.




a. Procedure





(1) Write the balanced equation.





(2) Confirm that 
[image: image10.wmf]a
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(3) Set up an I.C.E. table





(4) Write the Ka expression





(5) Calculate [H+].




b. Example

Calculate the equilibrium concentration of H+ in a 0.0030 M HNO2 solution when the Ka for HNO2 is 4.5 x 10(4.




                    HNO2 (aq) ((( H+ (aq) + NO2( (aq)

[image: image11.wmf]a

o

K

[HA]

 = 6.67 ( 100.

I.C.E. Table

	
	[HNO2]
	[H+]
	[NO2 (]

	initial
	0.0030
	(0
	0

	change
	(x
	+x
	+x

	equilibrium
	(0. 0030 ( x)
	x
	x






Ka = 
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1.35 x 10(6 ( (4.5 x 10 (4)x = x2

x2 + (4.5 x 10(4)x ( 1.35 x 10(6 = 0
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[H+] = 9.6 x 10(4 M 

       



pH = 3.02



3. Calculating Ka using pH. 




a.  Procedure





(1) Write the balanced equation.





(2) I.C.E. table





(3) Assume [H+]o ( 0.






The contribution to the H+ concentration by 

the autoionization of water is negligible 

except for cases where:







(a) The solution is very dilute







(b) Ka is very small





(4) Calculate [H+] from the pH.





(5) Calculate [A (] from the [H+].





(6) Write the Ka expression.





(7) Calculate Ka.




b. Example

Calculate Ka for HCHO2 given that a
0.100 M solution at 25 (C had a pH of 2.38.

                                      HCHO2 (aq) ((( H+ (aq) + CHO2( (aq)
pH = ( log [H+] 

2.38 = ( log [H+]

[H+] = 10(2.38





[H+] = 4.17 x 10(3





[CHO2(] = 4.17 x 10(3
I.C.E. Table

	
	[HCHO2]  
	[H+]
	[CHO2(]

	initial
	0.100
	( 0
	0

	change
	(x
	+x
	+x

	equilibrium
	(0.100 ( x)
	x
	x






Ka = 
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  = 1.816 x 10(4




  = 1.8 x 10(4

D. Calculating percent ionization for a weak acid



1. Definition of percent ionization

a. Verbal definition 

Percent ionization is the ratio of the concentration of the ionized acid at equilibrium to the initial concentration of the acid converted to percent.

Percent ionization is a measure of the degree to which ionization of a weak acid has occurred in a given solution based on a calculated hydrogen ion concentration and the initial acid concentration.









b. Mathematical definition





percent ionization = 
[image: image20.wmf]o
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2. Procedure




a. Write the balanced equation.




b. Neglect the contribution to the H+ concentration by the 

    autoionization of eater except when the solution is 

    very dilute or Ka is very small.




c. Calculate [H+] from the pH or from Ka.




d. Calculate the percent ionization.



3. Examples




a. Given initial concentration and pH.





Find the percent ionization for a 0.036 M HNO2 

solution with a pH of 2.42.




       
HNO2 (aq) ((( H+ (aq) + NO2( (aq)

2.42 = ( log [H+]

[H+] = 10 (2.42

[H+] = 3.80 x 10(3

percent ionization = 
[image: image21.wmf]0
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b. Given initial concentration and Ka.

Find the percent ionization for a 0.0030 M HNO2 solution when the Ka for HNO2 is 4.5 x 10(4.




       
HNO2 (aq) ((( H+ (aq) + NO2( (aq)
see Notes at C.2.b for calculating the [H+] 

concentration from [HA]o and Ka.

[H+] = 9.6 x 10(4 M

% ionization = 
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E. Calculations involving polyprotic acids



1. Sequential ionization of polyprotic acids




HxA ((( H+ + Hx(1A(         with Ka1



Hx(1A( ((( H+ + Hx(2A2(     with Ka2

and possibly:




Hx(2A2( ((( H+ + Hx(3A3(   with Ka3


2. Some polyprotic acids and their Ka’s 

	Name
	Formula
	Ka1
	Ka2
	Ka3

	carbonic
	H2CO3
	4.3 x 10(7
	5.6 x 10(11
	

	phosphoric
	H3PO4
	7.5 x 10(3
	6.2 x 10(8
	4.2 x 10(13

	citric    
	H3C6H5O7
	7.4 x 10(4
	1.7 x 10(5
	4.0 x 10(7


3. Patterns




a. Each subsequent Ka is smaller than the one before.




b. Each subsequent Ka is usually, but not always, much 

                smaller than the one before.



4. Procedure for calculating [H+] and pH for polyprotic acids.




a. Write the balanced equation.




b. Check the ratio 
[image: image25.wmf]a2
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 to determine which method to use.

c. As long as each subsequent Ka differs by a factor of  

   1,000 (103 !) or more we can neglect the effect of these 

    subsequent ionizations.




d. Set up an I.C.E. table




e. Write the Ka expression




f. Calculate [H+].




g. Calculate pH.



5. Example

When carbon dioxide gas dissolves in water it forms carbonic acid according to the following equation:




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




What is the pH of a 0.0037 M CO2 solution?



H2CO3 ((( H+ + HCO3 (     Ka1 = 4.3 x 10(7



HCO3 ( ((( H+ + CO32(       Ka2 = 5.6 x 10(11
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which is greater than 100 so we can use the 

approximation method
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which differs by a factor of 1,000 (103 !) or more, therefore we can neglect the effect of the second ionization.

I.C.E. Table

	
	[H2CO3]  
	[H+]
	[HCO3 (]

	initial
	0.0037
	( 0
	0

	change
	(x
	+x
	+x

	equilibrium
	(0.0037 ( x)
	x
	x


Ka = 
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Assume [H2CO 3] >> [H+].





Therefore 0.0037 >> x.





As a result, we assume that (0.0037 ( x) ( 0.0037





4.3 x 10(7 = 
[image: image32.wmf]0037)
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x2 = 1.591 x 10(9

x = 3.9887 x 10(5





x = 4.0 x 10(5





[H+] = 4.0 x 10(5





pH = 4.40

BASE IONIZATION EQUILIBRIA

A. Base ionization constant – Kb


1. Definition

The base ionization constant is the equilibrium constant for the ionization of a weak base.



2. Derivation of Kb for a weak base

                  

B (aq) + H2O (l) ((( HB+ (aq) + OH ( (aq)



Kc = 
[image: image33.wmf][B]
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Assuming that this is a relatively dilute solution and that ionization occurs to only a small extent, then the concentration of water will be very nearly constant.




Kb = 
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B. Calculations involving Kb


1. Approximation method for calculating the concentrations of 

                            species in a weak base solution using Kb.

 


If the ratio 
[image: image35.wmf]b
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 ( 100, then use this method 

as you would for acids except that you will find [OH(] and pOH.

2. Using the quadratic formula to calculate the concentrations of 

    species in a weak base solution using Kb.

If the ratio 
[image: image36.wmf]b
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C. Example



Calculate the pH of a 0.40 M ammonia solution.  The Kb for

ammonia is 1.8 x 10(5.

               NH3 (aq) + H2O (l) ((( NH4+ (aq) + OH ( (aq)
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I.C.E. Table

	
	[NH3]  
	[NH4+]
	[OH (]

	initial
	0.40
	0
	( 0

	change
	(x
	+x
	+x

	equilibrium
	(0.40 ( x)
	x
	x


1.8 x 10(5 = 
[image: image39.wmf] x)
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Assume [B] >> [OH (].





Therefore 0.40 >> x





As a result, we assume that (0.40 ( x) ( 0.40

1.8 x 10(5 = 
[image: image40.wmf]40)
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x2 = (1.8 x 10(5)(0.40)

x = 2.7 x 10(3
[OH (] = 2.7 x 10(3

pOH = 2.57 

pH = 11.43

RELATIONSHIP BETWEEN THE IONIZATION CONSTANTS OF ACIDS AND THEIR CONJUGATE BASES


A. Relative strengths of acids and bases



1. The stronger the acid, the weaker the conjugate base.

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

                  


                 conj base     conj acid




Cl ( is a very weak base ( it does not want 

 


to acquire a proton.



2. Likewise, the stronger the base, the weaker the conjugate acid.



3. Therefore acid-base reactions proceed in the direction of the 

                            weaker acid and weaker base.

You will need to refer to a table such as the handout “Relative Strengths of Acids and Bases” to determine relative strengths.



4. Examples: 

Predict whether reactants or products are favored in each of the following reactions.

SO42( (aq) + HCN (aq) (( HSO4( (aq) + CN ( (aq)


                    acid                    acid

HSO4( is higher on the table than HCN.

Therefore HSO4( is the stronger acid.

Reactants are favored.

HC2H3O2 (aq) + CN( (aq) (( C2H3O2( (aq) + HCN (aq)                           




     acid                                                                    acid

HC2H3O2 is higher on the table than HCN.

Therefore HC2H3O2 is the stronger acid.

Products are favored.

B. The mathematical relationship between Ka and Kb. 

1. Relationship derived

HCN (aq) ((( H+ (aq) + CN ( (aq)




Ka = 
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      CN ( (aq) + H2O (l) ((( HCN (aq) + OH ( (aq)

Kb = 
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Ka(Kb = 
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Ka(Kb = Kw 



2. Calculating Kb for the conjugate base of an acid


a. Procedure



(1) Determine the species that is the acid and the 

      species that is the conjugate base.



(2) Look up Ka for the acid.



(3) Use Kw = Ka(Kb to calculate Kb.


b. Example



Calculate the Kb for H2PO4(.



Since H2PO4( is the conjugate base, then H3PO4 is 

the acid.



Ka for H3PO4 is 7.5 x 10(3.


Kw = Ka(Kb


Kb = 
[image: image45.wmf]a
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MOLECULAR STRUCTURE AND ACID STRENGTH


A. Two factors affect the extent to which an acid ionizes



1. Bond strength

a. The stronger the H ( X bond, the harder to ionize.
b. The harder it is for the molecule to ionize, the weaker 

    it is as an acid.


2. Bond polarity




a. The more polar the H ( X bond is, the easier to ionize.




b. The easier it is for the molecule to ionize, the stronger 

                                        it is as an acid.


 
B. Binary acids



1. Effect of bond strength




a. Acid strength for HX increases as you go down a group

    on the periodic table due to decreasing bond strength.

b.  Example

	Bond
	Bond Strength
	Acid Strength

	H ( F
	568.2 kJ/mol
	weak

	H ( Cl
	431.9 kJ/mol
	strong

	H ( Br
	366.1 kJ/mol
	strong

	H ( I
	298.3 kJ/mol
	strong




2. Effect of bond polarity




a. Acid strength for HX increases as you go across a period 

   on the periodic table due to the increase in 

    electronegativity.




b. Example
	Bond
	Bond Polarity
	Acid Strength

	H ( P

(in PH3)
	0
	very weak

	H ( S

(in H2S)
	0.4
	weak

	H ( Cl

(in HCl)
	0.9
	strong


C. Oxyacids



1. Effect of increasing electronegativity of the central atom




a. Acid strength for oxyacids increases as the 

    electronegativity of the central atom increases.




b. Example

	H ( O ( Y
	Electronegativity of Y
	Ka

	HIO
	2.5
	2 x 10(11

	HBrO
	2.8
	2 x 10(9

	HClO
	3.0
	3 x 10(8




2. Effect of increasing number of O atoms 

                   

a. Acid strength for oxyacids with the same central atom 

    increases as the number of O atoms (not including O’s in 

    OH) bonded to the central atom increases


b. Example

	(HO)mYOn
	Acid Strength

	HClO

(HO)Cl
	3.5 x 10(8

	HClO2
(HO)ClO
	somewhat stronger

	HClO3

(HO)ClO2
	stronger

	HClO4

(HO)ClO3
	extremely strong



D. Polyprotic acids and their corresponding acid anions



1. Effect of increasing charge on the acid particle

a. Sequential ionization of polyprotic acids requires 

    removing a proton from a negatively charged ion.




b. This will be more difficult than removing a proton from 

                a neutral atom



2. Example

	Acid
	Charge on Acid Particle
	Ka

	H3PO4
	0
	7.5 x 10(3

	H2PO4(
	( 1
	6.2 x 10 (8

	HPO42(
	( 2
	4.2 x 10(13


ACID - BASE PROPERTIES OF SALT SOLUTIONS


A. Salt hydrolysis



1. Definition




Salt hydrolysis is the reaction of salts with water to produce 

H+ (aq) or OH ( (aq).

2. Description

a. The anion, or the cation, or both may react.

b. An ion can react with water to produce the conjugate 

    acid and hydroxide ion, OR the conjugate base and 

    hydrogen ion

3. Examples


a. Salt hydrolysis to produce the conjugate acid and 

                hydroxide ion 

CN ( (aq) + H2O (l) (( HCN (aq)  + OH ( (aq)

   
                                      conj acid


b. Salt hydrolysis to produce the conjugate base and

               hydrogen ion

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



                             conj base


B. Ions and hydrolysis




1. Ions that do not undergo hydrolysis to a significant extent

a. Alkali metal ions (Group I A) and alkaline earth metal 

    ions (Group II A) except Be2+

b. The anion portion of the six strong acids


Cl (, Br (, I (, ClO4(, NO3(, SO42(
2. Ions that do undergo hydrolysis

a. All other cations except alkali metal ions and alkaline 

   earth metal ions

b. All anions except the anion portion of the six strong 

    acids


C. Predicting whether a salt solution will be acidic, 

                 basic, or neutral



1. Rules of thumb

a. The salt of a strong acid and a strong base will be 

    neutral.


NaCl



Na+ 




Na+ comes from NaOH, which is a 

strong base.

Na+ is an alkali metal ion and does 

not hydrolyze.



Cl ( 




Cl ( comes from  HCl, which is a 

strong acid.

Cl ( is the anion portion of a strong 
acid and does not hydrolyze.

The solution will be neutral.




b. The salt of a strong acid and a weak base will be acidic.


NH4Cl



Cl ( 

Cl ( comes from a strong acid and does not hydrolyze.



NH4+ 

NH4+ will hydrolyze.

                        

NH4+ (aq) + H2O (l) (( NH3 (aq) + H3O+ (aq)







This increases the H+ (aq) ion 

concentration and the solution 

is acidic.




c. The salt of a weak acid and a strong base will be basic.





NaCN



Na+ 




Na+ comes from a strong base and it 

does not hydrolyze.



CN (



CN ( will hydrolyze.
                          

CN ( (aq) + H2O (l) (( HCN (aq)  + OH ( (aq)







This increases the OH ( ion 

concentration and the solution 

is basic.




d. The salt of a weak acid and a weak base can be acidic, 

    basic, or nearly neutral, depending on the values for 

    Ka and Kb.


(1) Kb > Ka 



(a) If Kb for the anion is greater than Ka for

     the cation, then the solution will be basic.

(b) Because the Kb for the anion is greater 

      than the Ka for the cation, the anion will 

      hydrolyze to a greater extent than the 

     cation.






(c) Therefore there will be more OH ( than 

      H+ ions at equilibrium and the solution 

      will be basic.

(2) Ka > Kb


(a) If the Ka for the cation is greater than the 

     Kb for the anion, then the solution will be 

     acidic.

(b) Because the Ka for the cation is greater 

      than the Kb for the anion Kb, the cation 

      will hydrolyze to a greater extent than 

      the anion.






(c) Therefore there will be more H+ than 

     OH (  ions at equilibrium and the solution 

                                                                 will be acidic. 

(3) Ka = Kb 

(a) If the Ka for the cation is nearly equal to 

     the Kb for the anion, then the solution 

     will be nearly neutral.

(b) Because the Ka for the cation is nearly 

     equal to the Kb for the anion Kb, neither 

     one will hydrolyze to a greater extent 

      than the other.       






(c) Therefore there will be nearly as many

      H+ ions as there are OH (  ions at 

      equilibrium, and the solution will be 

      nearly neutral.

e. The salt which has a small, highly charged metal cation 

    (a metal cation other than one of the alkali metal ions or 

    one of the alkaline earth metal ions, and the anion from a

     strong acid will be acidic.


Al(Cl)3



Cl ( 

Cl ( comes from a strong acid and does not hydrolyze.

Al3+


Al3+ acts like a weak acid.

Al3+ takes its hydrated form when dissolved in water:


Al(H2O)63+

The positively charged Al3+ ion increases the polarity of the O ( H bonds increasing its tendency to ionize and therefore to hydrolyze:

The hydrolysis reaction can be written as:

 

Al(H2O)63+ (aq) + H2O (l)  (( Al(OH)(H2O)52+ (aq) + H3O+ (aq)

This increases the H+ (aq) ion 

concentration and the solution 

is acidic.

2. Examples

Predict whether the following will be acidic, basic, or nearly neutral.


a. NH4I



NH4+ comes from the weak base NH3 and will 

hydrolyze to produce H3O+.



I ( comes from  the strong acid HI and will not 

hydrolyze.

Therefore the solution will be acidic.


b. CaCl2
Ca2+ comes from the strong base Ca(OH)2 and will not hydrolyze.

Cl ( comes from the strong acid HCl and will not hydrolyze.

Therefore the solution will be neutral.

c. KCN

K+ comes from the strong base KOH and will not hydrolyze.

CN ( comes from the weak acid HCN and will hydrolyze to produce OH (.

Therefore the solution will be basic.




d. Fe(NO3)3
Fe3+ is a small, highly charged metal cation whose hydrated form acts as a weak acid and it will hydrolyze.

NO3( comes from the strong acid HNO3 and will not hydrolyze.

Therefore the solution will be acidic.


D. Calculating the pH of salt solutions



1. Procedure




a. Write the ions that exist in solution.




b. Write the applicable hydrolysis reactions, if there are 

                                         none, then [H+] = 1.0 x 10(7 and pH = 7.00.

c. Look up the appropriate Ka or Kb value.




d. Calculate Ka or Kb as required.




e. Calculate [H+] and pH as required.



2. Examples




a. Salts that produce neutral solutions

Calculate the pH of a 0.10 M KNO3 solution.




        
KNO3 (aq) ((( K+ (aq) + NO3( (aq)





Neither ion hydrolyzes so pH = 7.00.




b. Salts that produce basic solutions

Calculate the pH of a 0.10 M NaC2H3O2 solution.

                    
NaC2H3O2 (( Na+ (aq) + C2H3O2( (aq)

Na+ does not hydrolyze but C2H3O2( does.

C2H3O2( (aq) + H2O (l) (( HC2H3O2  (aq) + OH ( (aq)
Ka for HC2H3O2  = 1.8 x 10(5
Ka(Kb = Kw

Kb =
[image: image47.wmf]a
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Kb = 5.55 x 10(10
Can we use the approximation

	[B]O
	=
	0.10
	=
	1800

	Kb
	
	5.55 x 10(10
	
	


1800 ( 100 YES!

I.C.E. Table

	
	C2H3O2(
M  
	HC2H3O2
M
	OH (
M

	initial
	0.10
	0
	0

	change
	( x
	+ x
	+ x

	equilibrium
	(0.10 ( x)
	x
	x


	Kb =
	[HC2H3O2][OH(]

	
	[C2H3O2(]


	5.55 x 10(10 =
	(x)(x)

	
	(0.10 ( x)







Assume [C2H3O2( ] >> [OH (].






Therefore 0.10 >> x





 
As a result, we assume that 






(0.10 ( x) ( 0.10

	5.55 x 10(10 =
	(x)(x)

	
	(0.10)


x2 = (5.55 x 10(10)(0.10)

x = 7.45 x 10(6
[OH (] = 7.45 x 10(6

pOH = 5.128
pH = 14.00 ( 5.128 = 8.87




c. Salts that produce acidic solutions

Calculate the pH of a 0.10 M NH4Cl solution.

                  
NH4Cl (aq) ((( NH4+ (aq) + Cl( (aq)

Cl ( does not hydrolyze but NH4+ does.
NH4+ (aq) + H2O (l) ((( NH3 (aq) + H3O+ (aq)
Kb for NH3    = 1.8 x 10(5
Ka(Kb = Kw

Ka = 
[image: image48.wmf]b
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	=
	1.0 x 10(14
	=
	5.55 x 10(10

	
	1.8 x 10(5
	
	


Can we use the approximation method?

	[B]O
	=
	0.10
	=
	1800

	Ka
	
	5.55 x 10(10
	
	


1800 ( 100 YES!

I.C.E. Table

	
	NH4+
M  
	NH3
M
	H3O+
M

	initial
	0.10
	0
	0

	change
	( x
	+ x
	+ x

	equilibrium
	(0.10 ( x)
	x
	x


	5.55 x 10(10 =
	(x)(x)

	
	(0.10 ( x)


Assume [NH4+] >> [H3O+].





Therefore 0.10 >> x

As a result, we assume that (0.10 ( x) ( 0.10

	5.55 x 10(10 =
	(x)(x)

	
	(0.10)


x2 = (5.55 x 10(10)(0.10)

x = 7.45 x 10(6
[H3O+] = 7.45 x 10(6

pH = 5.13

THE COMMON ION EFFECT


A. Definitions



1. The common ion effect is the shift in an ionic equilibrium 

                caused by the addition of a solute having an ion that takes part in 

    the equilibrium in common with the dissolved substances.

2. A common ion is one found in both the original solution and 

    in the added solute.


B. Descriptions



1. The common ion effect deals with solutions of a weak acid or a 

    weak base to which a soluble salt of that weak acid or weak base 

    is added. 

2. The focus is usually on the pH of the solution.


C. Qualitative models of the common ion effect



1. A solution of a weak acid HA.




Some of the HA hydrolyzes establishing an equilibrium.


           HA (aq) + H2O (l) (( H3O+ (aq) + A ( (aq)

Consider what happens when a salt containing A ( is added to the solution.

In a system at equilibrium, according to Le Chatelier’s Principle adding one product will consume the other product forming additional reactants.

In this case the other product is H3O+. 

As a result, the H3O+ concentration decreases and the pH increases.

2. A solution of a weak base B.




Some of the B hydrolyzes establishing an equilibrium.




B (aq) + H2O (l) (( HB+ (aq) + OH ( (aq)

Consider what happens when a salt containing HB+ is added to the solution.

In a system at equilibrium, according to Le Chatelier’s Principle adding one product will consume the other product forming additional reactants.

In this case the other product is OH (. 

As a result, the OH ( concentration decreases and the pH decreases.


D. Calculations involving the common ion effect



1. Procedure




a. Identify the ions that exist in solution.




b. Write the balanced equilibrium expression.

c. Determine the starting concentrations of the weak acid or 

   the weak base, and of the salt added.

d. Set up an I.C.E. table.

e. Look up the appropriate Ka or Kb value.

f. Write the Ka or Kb expression as required.

g. Assume both that [HA] >> [H+] and that [A (] >> [H+]

h. Calculate [H+] and pH.



2. Example




Calculate the pH of 1.00 L of a 0.100 M acetic acid 

solution to which 0.100 moles of sodium acetate are added.

NaC2H3O2 ( Na+ + C2H3O2(
    

HC2H3O2 (aq) + H2O (l) (( C2H3O2( (aq) + H3O+ (aq)
Because the sodium acetate is a salt, it will dissociate 100% when it is dissolved in water.

Therefore 0.100 mol NaC2H3O2 will yield:


0.100 mol Na+ 

= 0.100 M Na+

and

 
0.100 mol C2H3O2( 
= 0.100 M C2H3O2(
Note that in these calculations there WILL be an initial A ( concentration.

I.C.E. Table

	
	HC2H3O2
M  
	C2H3O2(
M
	H3O+
M

	initial
	0.100
	0.100
	0

	change
	( x
	+ x
	+ x

	equilibrium
	(0.100 ( x)   
	(0.100 + x)   
	x


Note that the Ka for the acid does not change when the salt is added.

Ka for acetic acid = 1.8 x 10(5

	Ka =
	[C2H3O2(] [H3O+]

	
	[HC2H3O2]


	1.8 x 10(5 =
	(0.100 + x)(x)

	
	(0.100 ( x)


We can assume that [H+] is small compared to both [HC2H3O2] and [C2H3O2(]

	1.8 x 10(5 (
	(0.100)(x)

	
	(0.100)


1.8 x 10 (5 ( x = [H+]

pH = 4.74

BUFFERS

A. Definition

A buffer (or buffered solution) is a solution that undergoes a limited change in pH upon the addition of a small amount of an acid or a base.

B. Important role of buffers



1. Biological and biochemical 

Biological and biochemical process can only occur within certain pH ranges and buffers help maintain the desired pH against changes caused by the addition of acids or bases.



2. Commercial




a. Shampoos are “pH balanced”.




b. Soft drinks are buffered to regulate taste.


C. Description



1. A buffer is actually a solution of a weak acid and its salt or a 

    solution of a weak base and its salt.

2. The salt will provide the conjugate base for the weak acid or will  

    provide the conjugate acid for a weak base.


D. Making buffer solutions



1. A buffer solution can be made by direct  addition 

a. By adding the salt of the weak acid to a solution of 

    that weak acid

b. By adding the salt of the weak base to a solution of 

    that weak base



2. A buffer can also be made by forming the salt in solution




a. By adding a strong base to the solution of the weak acid




b. By adding a strong acid to the solution of the weak base


E. How a buffer works



1. For a buffer of a weak acid and its salt (conjugate base)




a. When acid is added to the solution two processes occur

(1) The conjugate base will react with it.

(2) More of the unionized acid will ionize to work 

     to restore the equilibrium by replacing the 

     conjugate base that was consumed in the 

     neutralization reaction. 




b. When base is added to the solution two processes occur

(1) The weak acid will react with it.

(2) More of the conjugate base will acquire a proton 

     from water to work to restore the equilibrium by 

     replacing the weak acid that was consumed in 

    the neutralization reaction. 

2. For a buffer of a weak base and its salt (conjugate acid) related 

    processes occur to replace the substance that was consumed in 

    the neutralization reaction.


F. Identifying solutions that are buffers and those that are not  



1. Procedure




a. Look for the presence of a weak acid or base.




b. Look for the salt of that weak acid or base.




c. Look for the formation of the salt of that weak acid 

                                       or base by the addition of a strong acid or base.   



2. Examples




Identify whether the following solutions are buffers or not




a. HCl and NaCl





This is an acid and its salt, but it is not a weak acid.





No, it is not a buffer solution.




b. HC2H3O2 and NaC2H3O2





This is a weak acid and its salt.

Yes, it is a buffer.




c. HC2H3O2 and NaCl

This is a weak acid and a salt, but it is not the salt of the weak acid.

No, it is not a buffer.




d. HC2H3O2 and NaOH

This is a weak acid, and while there is no salt added, the strong base reacts with the weak acid to form the salt of the weak acid.





Yes, it is a buffer.




e. NH4OH and NH4Cl





Yes, it is a buffer.




f. HCl and NH4OH

Yes, it is a buffer.


G. Two important characteristics of buffers

1. The pH of the initial buffer solution



2. Buffering capacity




a. Definition of buffer capacity

The buffering capacity is the amount of acid or base a buffer can react with before the pH begins to change significantly.  




b. Buffering capacity is related to the number of moles of 

    the weak acid or base and the number of moles of its salt 

    that are present.

I.e. a buffer that is 1.00 M in both weak acid or base and 1.00 M in its salt will have a greater buffering capacity than a buffer in which both are 0.100, etc.


H. The derivation of the Henderson-Hasselbalch equation

Consider a system with a weak acid, HA, and a salt of that weak acid, NaA.

HA (aq) ((( H+ (aq) + A ( (aq)

We will create solutions that are concentrated enough so that 
[image: image49.wmf]a
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 >> 100.

We will assume that [H+]o ( 0.

We will be using a weak acid so we can assume that

[HA] >> [H+]

and therefore that 

[HA]equilibrium = [HA]original
We will be using solutions that are concentrated enough that we can assume that 

[A (]salt >> [A (]acid




and therefore that 

[A (]equilibrium = [A (]salt

Ka = 
[image: image50.wmf][HA]
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Ka = 
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Ka ( [HA]original = [H+][A(]salt

[H+] = 
[image: image52.wmf]salt

original
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[HA]
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( log [H+] = ( log Ka ( log 
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( log [H+] = ( log Ka + log 
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pH = pKa + log
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salt
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Here is the actual Henderson-Hasselbalch equation. 

(
pH = pKa + log 
[image: image56.wmf][HA]

]

A

[

-



I. Calculations involving buffers



1. Calculating the pH of the initial buffer solution.




Calculate the pH of a buffer solution containing 1.0 M 

HC2H3O2 and 1.0 M NaC2H3O2 when Ka for HC2H3O2 is 

1.8 x 10 (5. 

This is a concentrated enough solution of both acid and salt that we can make the assumptions which let us use the Henderson-Hasselbalch equation.



pH = pKa + log 
[image: image57.wmf][HA]
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pH = 4.745 + log 
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pH = 4.74



2. Calculating the pH of a buffer solution after the addition of 

                            acid or base to that solution.

A buffer was made by dissolving 0.100 mol NaC2H3O2 in 1.00 L of a 0.100 M HC2H3O2 solution.  The pH of this buffer was initially 4.74.  Calculate both the new pH and the change in pH after the addition of 0.020 mol of HCl. You may ignore any volume changes. The Ka for HC2H3O2 is 1.8 x 10 (5.  Compare this pH change to the pH change following the addition of the same amount of HCl to 1.00 L of a 1.8 x 10 (5 M HCl solution. Again you may ignore any volume changes.

  
[HC2H3O2]original = 0.100 from original acid

  
[C2H3O2(]original = 0.100 from salt dissolved

  
[H+]original = 0.020 from strong acid added
The HCl, since it is a strong acid, will react completely with the C2H3O2(, since it is a base (the conjugate base of HC2H3O2)

   

              C2H3O2(  + H+ ( HC2H3O2 




It will be helpful to set up a reaction table.

	
	C2H3O2(
M  
	H+
M
	HC2H3O2
M

	before rxn
	0.100
	0.020
	0.100

	change
	( 0.020
	( 0.020
	+ 0.020

	after rxn
	0.080
	(0.000 
	0.120


This is still a far from dilute solution of both acid and salt.

As a result, we may still assume that

[HA] >> [H+]

and therefore that 

[HA]equilibrium = [HA]original






(after the reaction)





We may also assume that 

[A (]salt >> [A (]acid

and therefore that

[A (]equilibrium = [A (]original

(after the reaction)

Therefore we can use the Henderson-Hasselbalch equation.

pH = pKa + log 
[image: image59.wmf][HA]
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pH = 4.745 + log 
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pH = 4.745 + (( 0.176)

pH = 4.569
pH = 4.57

What is the change in pH after the addition of 0.020 mol of HCl?

(pH = pHfinal ( pHinitial

(pH = 4.57 ( 4.74 = ( 0.17

Compare this pH change to the pH change following the addition of the same amount of HCl to 1.00 L of a 

1.8 x 10 (5 M HCl solution. 

The pH of the original 1.8 x 10 (8 M HCl is:

This is the same as the pH of the initial buffer solution.




pH = ( log [H+] 

                  = ( log (1.8 x 10 (5) = 4.74
Adding 0.020 mol of HCl will make the new concentration 

(0.020 + 1.8 x 10 (5) M.

pH = ( log [H+] 

      = ( log (0.020018) = 1.70

(pH = 1.70 ( 4.74 = ( 3.04

This change is almost 18x larger and shows the value of buffers.




3. Making a buffer solution of a specified pH




a. Procedure





(1) Choose a weak acid or weak base whose pKa is 

                 close to the desired pH. 


NOTE:  Since we are working with pH we 

  will work with Ka’s even for bases.


(2) Choose the volume of solution that needs to be 

     made.



(a) It is often convenient to make a volume 

                 of 1.000 L.

This simplifies calculations.

It also insures that you have made enough buffer.

(b) Too much is not a problem since buffers 

     can be stored.





(3) Choose concentrations that give an appropriate 

      buffering capacity.


(a) The number of moles of the weak 

      acid/base & its salt should be at least 

      10x the expected moles of acid or base 

       that may be added.

(b) 0.100 M is a good middle ground and 

     insures that the simplifying assumptions

    can be made.

(4) As a result, we may assume that 

      

[HA] >> [H+] 

     and that 

[A (]salt >> [A (]acid, 

                                  

     allowing us to use the Henderson-Hasselbalch 

     equation.

(5)  Calculate  
[image: image61.wmf][HA]
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NOTES:



If the desired pH is less than the pKa, 

then [HA] must be greater than [A (],  

and 
[image: image62.wmf][HA]
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 must be less than 1.

 
Since pH is < pKa…

then [HA] > [A (]…

and 
[image: image63.wmf][HA]
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 < 1.

If the desired pH is greater than the pKa, then [HA] must be less than 

[A (],  and 
[image: image64.wmf][HA]
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 must be greater than 1.


Since pH is > pKa…

then [HA] < [A (]…

and 
[image: image65.wmf][HA]
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 > 1. 

(6) Set [HA] to the appropriate value.

(7) Calculate [A (].

(8) Calculate the moles and then mass of HA and 

     A ( needed.




b. Examples





(1) How would you make 1.000 L of a buffer 

                                                      solution which has a pH of 5.00

Acetic acid/acetate is the system whose pKa is closest to the desired pH.


We will set the molarity of [HA] to 0.100 M


pH = pKa + log 
[image: image66.wmf][HA]
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5.00 = 4.75 + log 
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0.25 = log 
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 = 100.25   

Because pH is > pKa 
[image: image70.wmf][HA]

]

[A

-

 should be  > 1.






[image: image71.wmf][HA]
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 = 1.78

since [HA] = 0.100 M


[image: image72.wmf]0.100
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 = 1.78

[A (] = 0.178 M


Choose the sodium salt of A-, thus the 

formula for the salt will be:

NaC2H3O2

V(M = mol

(1.000 L)(0.178 M) = 0.178 mol 

	0.178 mol NaC2H3O2
	82.035 g NaC2H3O2

	
	1 mol NaC2H3O2


= 14.6 g NaC2H3O2 = 15 g NaC2H3O2
ANSWER: 
“Weigh 15 g of NaC2H3O2 and dissolve in enough 0.100 M HC2H3O2 to reach a final volume of 1.000 L.”





(2) How would you make 1.000 L of a buffer 

                                                      solution which has a pH of 7.40.

Dihydrogen phosphate/hydrogen phosphate is the system whose pKa is closest to the desired pH.

We will set the molarity of [HA] to 

0.100 M.


pH = pKa + log 
[image: image73.wmf][HA]
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7.40 = 7.21 + log 
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0.19 = log 
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 = 10 0.19    

Because pH is > pKa 
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 = 1.55
since [HA] = 0.100 M



[image: image79.wmf]0.100
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 = 1.55


[A (] = 0.155  M

Choose the sodium salt of A(, thus the formula for 

the salt will be:



Na2HPO4


V(M = mol


(1.000 L)(0.155 M) = 0.155 mol 

	0.155 mol Na2HPO4
	141.959 g Na2HPO4

	
	1 mol Na2HPO4


= 22.00 g Na2HPO4 = 22 g Na2HPO4
NaH2PO4
Since we chose the molarity of [HA] as 0.100 M.


V(M = mol


(1.000 L)(0.100 M) = 0.100 mol 

	0.100 mol NaH2PO4
	119.977 g NaH2PO4

	
	1 mol NaH2PO4


   = 11.9977 g NaH2PO4 = 12.0 g NaH2PO4
ANSWER:
“Weigh 22 g Na2HPO4 and 12.0 g NaH2PO4 and dissolve in enough distilled water to reach a final volume of 1.000 L.”

ACID-BASE TITRATION CURVES


A. Acid-base titration



1. Definition of acid-base titration

The process of the gradual addition of a solution of 

accurately known concentration, called the standard solution (usually the base) to a solution of unknown concentration (usually the acid) until the neutralization reaction is just complete.

2. Equivalence point

Equivalence point is the point at which stoichiometrically equivalent quantities have been brought together.



3. End point

The end point is the point during a titration at which the indicator changes color, or where it changes color most noticeably. 




4. Indicators




a. Purpose

Indicators are used to give a way of determining when the equivalence point has been reached.




b. Nature of an indicator





(1) They are usually weak acids.





(2) The color of the indicator, which is ordinarily an 

     organic dye, depends on the pH of the solution 

     being titrated.





(3) The acid and its conjugate base must have 

                  different colors.

	
	HIn (aq)
	((
	H+ (aq)
	+ In (  (aq)

	phenolphthalein
	colorless
	
	
	pink

	bromcreosol green
	yellow
	
	
	blue

	methyl red
	red
	
	
	yellow



B. Three types of titration curves

1.  Titration of a strong acid by a strong base




a. The pH starts very low and rises slowly at first, then very

    rapidly as the equivalence point is reached, and then 

    more slowly.

b. At the equivalence point the pH of the solution is 7.00 

    since the salt of as strong acid and a strong base does not

    hydrolyze.



2. Titration of a weak acid by a strong base        



a. The pH starts very low and rises slowly at first, then very 

   rapidly as the equivalence point is reached, and then more 

   slowly.

b. At the equivalence point the pH of the solution is 7.00 

    since the salt of as strong acid and a strong base does not

     hydrolyze.



2. Titration of a weak acid by a strong base




a. The pH starts higher than with the strong acid and rises 

   slowly at first, then very rapidly as the equivalence point 

  is reached, and then more slowly.

b. At the equivalence point the pH of the solution is basic 

    since the salt of a strong base and a weak acid does 

    hydrolyze to form a basic solution.



3. Titration of a weak base by a strong acid 

Note: Since the commonly used weak base, ammonia, is volatile and difficult to standardize, it is common to add the strong acid to the ammonia solution.




a. The pH starts high, a weak base is still very basic, and 

   falls slowly at first, then very rapidly as the equivalence 

   point is  reached, and then more slowly.

b. At the equivalence point the pH of the solution is acidic 

    since the salt of a weak base and a strong acid does 

    hydrolyze to form an acidic solution. 


C. pH calculations and titrations



1. Procedure




a. Write a balanced neutralization reaction.




b. Calculate the moles of acid and the moles of base present 

                                        initially.

c. Assume that all strong acids and/or strong bases react 

    completely in perfect stoichiometric ratios.

d. Identify the ions that exist in solution after neutralization 

    and note those which will hydrolyze.

e. Set up an I.C.E. table for MOLES.

f. Calculate final volume and determine appropriate

   equilibrium molarities.

g. Look up the appropriate Ka or Kb value.

h. Write the Ka or Kb expression as required.

i. Assume that 

[HA] >> [H+] 

    and that

[A (] >> [H+] 

   or that 

[B] >> [OH (] 

   and that 

[BH +] >> [OH (]

j. Calculate [H+] and pH.



2. Examples involving the titration of a strong acid by a strong 

                            base.



       Given 25.00 mL of a 0.100 M HCl solution:




a. Calculate the pH after the addition of 10.00 mL of 

                                        0.100 M NaOH solution.



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





Acid:

	25.00 mL
	1 L
	0.100 M

	
	1000 mL
	







= 2.50 x 10 (3 mol HCl

Base: 

	10.00 mL
	1 L
	0.100 M

	
	1000 mL
	







= 1.00 x 10 (3 mol NaOH

	2.50 x 10 (3 mol HCl + 1.00 x 10 (3 mol NaOH

	produces

	1.00 x 10(3 mol NaCl

	leaving

	1.50 x 10(3 mol HCl unreacted


mol H+ = 1.50 x 10(3 mol

final volume = 3.500 x 10 (2 L

	[H+] =
	1.50 x 10(3 mol H+

	
	3.500 x 10 (2 L


         = 4.286 x 10(2 M

pH = 1.368




b. Calculate the pH at the equivalence point.  

At equivalence only NaCl exists so the solution has a pH of 7.00.



2. Examples involving the titration of a weak acid by a strong base.

Given 25.00 mL of a 0.100 M HC2H3O2 solution:

a. Calculate the pH after the addition of 10.00 mL of 

    0.100 M NaOH solution.

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





Acid:

	25.00 mL
	1 L
	0.100 M

	
	1000 mL
	







= 2.50 x 10 (3 mol HC2H3O2
Base: 

	10.00 mL
	1 L
	0.100 M

	
	1000 mL
	







= 1.00 x 10(3 mol NaOH

	2.50 x 10(3 mol HC2H3O2 + 1.00 x 10(3 mol NaOH

	produces

	1.00 x 10(3 mol NaC2H3O2

	leaving

	1.50 x 10(3 mol HC2H3O2 unreacted.


	Ka =
	[C2H3O2(] [H3O+]

	
	[HC2H3O2]


I.C.E. Table

	
	HC2H3O2
mol 
	C2H3O2(
mol
	H3O+
mol

	initial
	1.50 x 10(3 mol
	1.00 x 10(3 mol
	0

	change
	( x
	+ x
	+ x

	equilibrium
	(1.50 x 10(3 ( x)     
	(1.00 x 10(3  + x)         
	x


Since 


“x” = moles 

and if we let 

“C” = new molarity




then
	C =
	x

	
	3.500 x 10(2 L


	[HC2H3O2]
	=
	1.50 x 10(3 mol  ( x   

	
	
	3.500 x 10(2 L


	
	=
	1.50 x 10(3 mol     
	(
	x

	
	
	3.500 x 10(2 L
	
	3.500 x 10(2 L


                     



 = (4.286 x 10(2 ( C) M

	[C2H3O2(]
	=
	1.00 x 10(3 mol  + x   

	
	
	3.500 x 10(2 L


	
	=
	1.00 x 10(3 mol     
	+
	x

	
	
	3.500 x 10(2 L
	
	3.500 x 10(2 L


                     = (2.857 x 10(2 + C) M

            [H+] = C M

	Ka =
	(2.857 x 10(2 + C)(C)

	
	(4.286 x 10(2 ( C)


We can assume that [H+] is small compared to both [HC2H3O2] and [C2H3O2(].

Since [H+] = C

	Ka (
	(2.857 x 10(2)(C)

	
	(4.286 x 10(2)


Ka for acetic acid = 1.8 x 10 (5
	1.8 x 10 (5 (
	(2.857 x 10(2)(C)

	
	(4.286 x 10(2)


1.8 x 10(5 = 0.66659 C

C = 2.70 x 10(5 = [H+]

pH = 4.57




b. Calculate the pH at the equivalence point.  





At the equivalence point:

     
The NaOH added has exactly consumed the

      
HC2H3O2 originally present

    
 mol NaOH added 

 
 = mol HC2H3O2 originally present

   
= mol NaC2H3O2 created






2.50 x 10(3 mol NaOH

creates

2.50 x 10(3 mol NaC2H3O2

	[NaC2H3O2] = 
	mol NaC2H3O2

	
	final volume in L


The problem then is to calculate the pH of a solution of 2.50 x 10(3 mol NaC2H3O2 dissolved in 50.00 mL.

	[NaC2H3O2] = 
	2.50 x 10(3 mol NaC2H3O2

	
	5.000 x 10(2 L


       = 5.00 x 10(2 M

Kb = 
[image: image80.wmf]a

w

K

K


	=
	1.0 x 10(14
	=
	5.55 x 10(10

	
	1.8 x 10(5
	
	


	Kb =
	[HC2H3O2][OH(]

	
	[C2H3O2(]


	5.55 x 10(10 =
	(x)(x)

	
	(0.500 x 10(2 ( x)


	5.55 x 10(10 =
	(x)(x)

	
	(0.500 x 10(2)


x2 = 2.775 x 10(11 

x = 5.268 x 10(6 = [OH (]

pOH = 5.278
pH = 14.00 ( 5.278 

      = 8.722
      = 8.72
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