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1. What is a buffer solution?
A buffer solution is an aqueous solution consisting of a mixture of a weak acid and its conjugate base or a weak base and its conjugate acid. It has the property that the pH of the solution changes very little when a small amount of acid or base is added to it. Buffer solutions are used as a means of keeping pH at a nearly constant value in a wide variety of chemical applications. Buffers can be divided in two main groups: 

1.) An acidic buffer solution is simply one which has a pH less than 7. Acidic buffer solutions are commonly made from a weak acid and one of its salts - often a sodium salt. 
2.) An alkaline buffer solution has a pH greater than 7. Alkaline buffer solutions are commonly made from a weak base and one of its salts. A frequently used example is a mixture of ammonia solution and ammonium chloride solution (NH4OH/NH4Cl). 
2. How do buffer solutions work?
A buffer solution has to contain things which will remove any hydrogen ions or hydroxide ions that you might add to it - otherwise the pH will change. Acidic and alkaline buffer solutions achieve this in different ways.

1.) Acidic buffer solutions
We'll take a mixture of ethanoic acid and sodium ethanoate as typical. Ethanoic acid is a weak acid, and the position of this equilibrium will be well to the left:
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Adding sodium ethanoate to this adds lots of extra ethanoate ions. According to Le Chatelier's Principle, that will tip the position of the equilibrium even further to the left.
Adding an acid to this buffer solution
The buffer solution must remove most of the new hydrogen ions otherwise the pH would drop markedly.

Hydrogen ions combine with the ethanoate ions to make ethanoic acid. Although the reaction is reversible, since the ethanoic acid is a weak acid, most of the new hydrogen ions are removed in this way.
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Since most of the new hydrogen ions are removed, the pH won't change very much - but because of the equilibria involved, it will fall a little bit.
Adding an alkali to this buffer solution
Alkaline solutions contain hydroxide ions and the buffer solution removes most of these.

This time the situation is a bit more complicated because there are two processes which can remove hydroxide ions.
• Removal by reacting with ethanoic acid
The most likely acidic substance which a hydroxide ion is going to collide with is an ethanoic acid molecule. They will react to form ethanoate ions and water.
CH3COOH(aq)  + OH- 


CH3COO-(aq)  + H2O(aq)

Because most of the new hydroxide ions are removed, the pH doesn't increase very much.

•Removal of the hydroxide ions by reacting with hydrogen ions
Remember that there are some hydrogen ions present from the ionisation of the ethanoic acid.
CH3COOH(aq)  + OH- 



CH3COO-(aq)  + H+(aq)

Hydroxide ions can combine with these to make water. As soon as this happens, the equilibrium tips to replace them. This keeps on happening until most of the hydroxide ions are removed.[image: image3.png]



2.) Alkaline buffer solutions
We'll take a mixture of ammonia and ammonium chloride solutions as typical.

Ammonia is a weak base, and the position of this equilibrium will be well to the left:
NH3(aq)  + H2O(l)


NH4+(aq)  + OH-(aq)

Adding ammonium chloride to this adds lots of extra ammonium ions. According to Le Chatelier's Principle, that will tip the position of the equilibrium even further to the left.

The solution will therefore contain these important things:

· lots of unreacted ammonia;

· lots of ammonium ions from the ammonium chloride;

· enough hydroxide ions to make the solution alkaline.

Other things (like water and chloride ions) which are present aren't important to the argument.

Adding an acid to this buffer solution
There are two processes which can remove the hydrogen ions that you are adding.

•Removal by reacting with ammonia
The most likely basic substance which a hydrogen ion is going to collide with is an ammonia molecule. They will react to form ammonium ions.
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NH3(aq)  + H+(aq)                
 NH4+(aq)
Most, but not all, of the hydrogen ions will be removed. The ammonium ion is weakly acidic, and so some of the hydrogen ions will be released again.
•Removal of the hydrogen ions by reacting with hydroxide ions
Remember that there are some hydroxide ions present from the reaction between the ammonia and the water.
NH3(aq)   + H2O(aq)                      

NH4+(aq)   +  OH-(aq)
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Adding an alkali to this buffer solution
The hydroxide ions from the alkali are removed by a simple reaction with ammonium ions.

NH4+(aq)  + OH-(aq)               NH3(aq) + H2O(l)


Because the ammonia formed is a weak base, it can react with the water - and so the reaction is slightly reversible. That means that, again, most (but not all) of the the hydroxide ions are removed from the solution.
3. Calculating the pH of Buffered Solutions 
 
Buffers must be chosen for the appropriate pH range that they are called on to control. The pH range of a buffered solution is given by the Henderson- Hasselbalch equation. For the purpose of the derivation, we will imagine a buffer composed of an acid, HA, and its conjugate base, A-. We know that the acid dissociation constant pKa of the acid is given by this expression: 
HA+H2O↔A- +H3O+
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The equation can be rearranged as follows: 
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Taking the -lg of this expression and rearranging the terms to make each one positive gives the Henderson-Hasselbalch equation: 


where A-denotes the salt of the corresponding acid HA

In analogy to the above equations, the following equation is valid:

B+H2O↔HB++OH-
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where HB  denotes the salt of the corresponding base B-.

A buffer problem can be fairly simple to solve, provided you don't get confused by all the other chemistry you know. For example, let's calculate the pH of a solution that is 0.1 M acetic acid and 0.1 M sodium acetate, both before and after enough 0.01 mol of HCl  is dissolved (Ka(CH3COOH)=1.75.10-5).  Before the acid is added, we can use the Henderson-Hasselbalch equation to calculate the pH. 
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and
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then
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To calculate the pH after the acid is added, we assume that the acid reacts with the base in solution and that the reaction has a 100% yield. Then
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As it can be seen from the above calculation, if the reaction takes place without usage of buffer solution, the pH of the solultion as a whole will be changed from 7 to 2 when an acid is added. If we present a buffer solution in  the chemical reaction, then the change in the pH of the solution when an acid is added will be only 0.09 units (4.76-4.67) 

Couple of important conclusion can be made based upon the Henderson-Hasselbalch equation:

1. It is necessary to know the pKa and pKb of the acid or base if we want to prepare a buffer solution with certain pH. Also a suitable ration between the salt concentration and acid concentration or base concentration  

2.  Dilution of solution is equal to changes in the concentration of [HA] or [B] as well as changes in the concentration of its salt [HB] or [A-]. pH does not  undergo any changes. 
4. Buffer capacity
Buffer capacity is a quantitative measure of the resistance of a buffer solution to pH change on addition of hydroxide ions. It can be defined as follows.
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where ∆Cbase  and ∆Cacid  are  the concentration of the strong base or strong acid and ∆pH is the resulting change in pH. 
The mathematical sign minus in front of the second part of the equatation is due to the fact that adding an acid will lead to decrease in the pH-value.
5. Applications
Their resistance to changes in pH makes buffer solutions very useful for chemical manufacturing and essential for many biochemical processes. The ideal buffer for a particular pH has a pKa equal (or close) to that pH, since such a solution has maximum buffer capacity.
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