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Buffer Solutions (A Year 2 Blog for the week commencing the 29th of March 2020) 
 

If you are going on to read some sort of Medicine for your Degree, then PLEASE do take the 
trouble to study this note (and also the one on Henderson-Hasselbalch equations) very 
thoroughly. You can easily kill one of your patients if you do not understand the function 
of/the workings of/and the necessity for buffers. 
 
 
• A “buffer” is a device for absorbing shocks (either mechanical as in a railway buffer, or 

chemical as in the buffer solutions that we will discuss in this note). 
 
• Let us start this note with the simple statement that buffer solutions are made up of a 

mixture of either  
- a WEAK Acid plus a fully dissociated (Strong) salt of that Weak Acid, or  
- a WEAK Base plus a fully dissociated (Strong) salt of that Weak Base 

 and where the cations in the salts of the Acids are usually either Sodium or Potassium, and 
the anions in the salts of the Bases are often Chlorides. WEAK Acids or Bases are needed 
because reversible reactions that are in dynamic equilibrium (and preferably where the 
position of equilibrium is very far to the left) are an essential requirement for buffer 
solutions (and Strong Acids/Bases go to completion and thus cannot create buffer 
solutions because they are not reversible). 

  
•  Having stated the composition of a buffer solution, we can now discuss the much more 

interesting topic of what function a buffer solution serves. 
 
•  As I have stated elsewhere, I know next to nothing about Biology, but let me ask you a 

simple question viz. “what would happen if you were not wearing your safety goggles in 
the lab and one day some Acid or some Alkali accidentally splashed into your eye?”. The 
answer is that the consequences are so awful that they do not bear thinking about  –  but 
without going into the gory details, you will be blinded (so please always make sure that 
you wear safety goggles when conducting experiments in your lab).  

 
• However, luckily, biological evolutionary forces have prepared your eye to a small extent 

for such an eventuality, and the fluid coating your eyeball will automatically react in such 
a way as to neutralise a small influx of Acid or Alkali (and it does not matter which one it 
is, because the fluid is capable of neutralising small amounts of either Acids or Alkalis) 
and thus it will attempt to minimise the nasty consequences of the accident. 

 
• Before we get into the details of the composition of buffer solutions, let us look at the 

mathematics of what happens to the pH of a solution when a Strong Acid is added to it, 
and then when a Strong Base is added to it.  

 
• Let us say that we were to add 0.1 moles of HCl (aq) to 1 litre (i.e. 1 cubic decimetre) of 

pure Water whose temperature is 25˚C/298K. We know that the pH of pure Water at 298K 
is 7 (cf. footnote1) and since for arithmetic purposes we can assume that virtually all the 
HCl will dissociate into H+ and Cl– ions, then since -log10 (0.1) =  1, we now know that the 
addition of just 0.1 moles of HCl to 1 litre of pure Water will alter the pH of the Water 

 
1 This is so because -log10 [H+ ions] in pure Water at 25˚C = -log10 (1 x 10–7) = 7. 
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from 7 to a pH of 1 (almost to the bottom of the Acid/Base scale)! However, just in case 
you have forgotten that logs deal in exponential numbers, let me state what happens in 
powers of 10  viz. the concentration of H+ ions in the 1 litre of Water  has risen from 1 x 
10–7 to 1 x 10–1  and that is an increase of 106 or a one MILLION-fold increase! That is a 
huge increase in the concentration of H+ ions in the Water following an addition of a 
relatively small amount of Acid! 

•  Actually, a similar thing will happen to the pH of the Water if we add 0.1 moles of a 
Strong Base such as NaOH to the 1 litre of pure Water. Could you please do the arithmetic 
whilst remembering two things viz. 

i) you are first going to calculate the pOH of the Water after the addition of 0.1 moles of 
OH– ions, and then 

ii) since Kw = 14 = pH + pOH once you have calculated the pOH after adding 0.1 moles of 
NaOH (and the pOH should now = 1), then you can work out that the pH of the solution = 
14 – 1 = 13 (almost at the top of the Acid/Base scale)! 

 
•  In other words a dramatic change will occur in the pH of the pure Water when even a 

relatively small amount of either a Strong Acid or a Strong Base is added to pure Water, 
and such a change could have catastrophic consequences in an eye/in the blood of an 
animal. I have used the example of an animal to portray the undesirable consequences of a 
very large change in the pH value of a solution, but such a change would have equally 
undesirable consequences for an industrial process. What then can we do to prevent such 
large (and sudden) changes in the pH values of solutions  –  and the answer is that buffer 
solutions reduce large/unexpected/and sudden changes in solutions where such changes 
are undesirable. Let us see how they do so. 

 
• Right at the beginning of this Chapter I said that that buffer solutions are made up of a 

mixture of either  
i) a WEAK Acid plus a fully dissociated (Strong) salt of that Weak Acid, or  
ii) a WEAK Base plus a fully dissociated (Strong) salt of that Weak Base 
 where the metal cations (M+) in the salts of the Acids are usually either Sodium or 

Potassium and the anions in the salts of the Bases are often Chlorides  –  and now we are 
ready to see how buffer solutions perform their “buffering” function. 

 
 
 
 
A) A Weak ACID plus a fully dissociated salt of the Acid 
 
•  We have noted previously that almost all Organic Acids are Weak Acids (i.e. they 

dissociate hardly any of their dissociable protons before they reach a position of dynamic 
equilibrium), and it is thus very common for an Organic Acid to be used as the Weak Acid 
in a buffer solution e.g. CH3COOH, Ethanoic Acid is commonly used as the Weak Acid, 
and it can be seen that here the ethanoic anion CH3COO– is the conjugate Base of the 
Acid. 

 
• Sodium or Potassium is the commonly used metal cation for the Strong salt of the Acid, 

therefore the Strong salt here would be either Na+CH3COO–    or  K+CH3COO–   , and each 
one would dissociate almost completely into CH3COO– and Na+ , or CH3COO– and K+. 
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• The buffer solution would thus contain  
 both   CH3COOH (aq)            H+ (aq)     +   CH3COO– (aq) 
 and    CH3COO–Na+ (aq)       ––>    Na+ (aq)    +   CH3COO– (aq) 
 and it can be seen that the solution contains hardly any protons/hydrogen ions, but instead 

contains a very large amount of CH3COO– spectator anions and Na+ spectator cations 
from the dissociated Strong salt. 

 
 
 
 
 
 
 
 
Ai) Adding a small amount of a Strong Acid to the acidic buffer solution 
 [Where the H+ is neutralised by the large amount of CH3COO– (aq), and the position of 

dynamic equilibrium moves to the left.] 
 
• When a small amount2 of a Strong Acid (such as HCl) is added to a buffer solution, there 

will be a sudden injection of H+ ions into the buffer solution above, and they will react 
with the large amount of CH3COO– ions (that have been created by the dissociation of the 
Strong salt) to form CH3COOH(aq). The position of dynamic equilibrium of the Weak 
Acid will then move to the left  –  and the protons will have been neutralised and thus 
cannot do the harm that they would otherwise have done.  

 
• The function of a buffer is to prevent a sudden large change in the pH of the solution, 

therefore the calculations that you perform are always likely to be about the pH of the 
buffer and the changes in the pH of the buffer. In order to do calculations on the pH of 
buffer solutions before and after the addition of an Acid, you will need to know the 
concentrations of H+ (aq) before and after the addition of the Acid, and to do so you will 
need to use the Ka of the reversible equation that is in dynamic equilibrium  –  and when 
doing this you must be aware that the concentration of CH3COOH (aq) increases after the 
addition of an Acid, and the concentration of CH3COO– (aq) then diminishes by the same 
magnitude. You will remember that the Ka for a reversible reaction that is in dynamic 
equilibrium at a given temperature is given by 

 
  Ka   =   the product of the concentrations of the Products to their stoichiometric ratios 
      the product of the concentrations of the Reactants to their stoichiometric ratios 
 
 and [H+ (aq)] can be derived from this relationship,  and then pH = -log10[H+ (aq)]. All this 

will become a lot clearer when we have actually done one or two such calculations. 
 
 
• Please remember that the buffer solution contains  
 both   CH3COOH (aq)            H+ (aq)     +   CH3COO– (aq) 
 and    CH3COO–Na+ (aq)       ––>    Na+ (aq)    +   CH3COO– (aq) 

 
2 A buffer solution cannot cope with a sudden injection of a large amount of a Strong Acid!  
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 and it can be seen that the solution contains hardly any protons/hydrogen ions, but instead 
contains a very large amount of CH3COO– spectator anions and Na+ spectator cations 
from the dissociated Strong salt. 

 
 
Aii) Adding a small amount of a Strong Base to the acidic buffer solution 
 [Where the OH– is neutralised by the H+ (aq) to form H2O (l), and the dynamic 

equilibrium moves to the right.] 
 
• When a small amount of a Strong Base (such as NaOH) is added to a buffer solution there 

will be a sudden injection of OH– ions into the buffer solution, and they will react with the 
H+ ions to form harmless Water molecules, and as the H+ ions are used up, more and more 
H+ ions will be dissociated from the CH3COOH until all the newly introduced OH– ions 
have reacted with H+ ions and then the CH3COOH will stop dissociating H+ ions and once 
again dynamic equilibrium will have been reached. The newly introduced harmful OH– 
ions are thus neutralised and a sudden sharp rise in the pH of the host buffer will be 
prevented and thus the newly introduced OH– ions cannot do the harm that they would 
otherwise have done.  

 
• When you come to do calculations on the pH of buffer solutions before and after the 

addition of a Base, you will need to know the concentrations of H+ (aq) before and after 
the addition of the Base, and to do so you will need to use the Ka of the reversible equation 
that is in dynamic equilibrium –  and when doing this you must be aware that the 
concentration of CH3COOH (aq) decreases after the addition of a Base. The volume of 
Water will increase, but the concentration of Water is fixed by its density at any given 
temperature, so you do not need to take this into consideration when calculating the pH at 
‘A’ Level.  

 
 
 
 
B) A Weak BASE plus a fully dissociated salt of the Base 
 
• When using a Base buffer, it is very common to use Ammonia3 (NH3) and its Organic 

derivatives (Methylamine/Ethlyamine/Diethylamine/Triethylamine/etc) as the Weak Base, 
and the corresponding Strong salts would be Ammonium Chloride, NH4Cl (and the 
Organic derivatives Methylammonium Chloride/Ethylammonium Chloride/and so on). Let 
us here use Ammonia (NH3) as the Weak Base and Ammonium Chloride NH4Cl as the 
Strong salt (as this is the traditional buffer solution at ‘A’ Level). 

 
 
• The reactions in the buffer solution would now be  
 NH3 (aq)   +   H2O (l)     NH4OH (aq)        NH4+ (aq)   +   OH– (aq)4  
                                                NH4Cl (aq)   ––>   NH4+ (aq)   +   Cl– (aq)  

 
3 I do hope that you can remember from your First Year work that the Nitrogen atom in Ammonia uses three electrons to 
make three sigma bonds with three H atoms and then has a lone/an unbonded pair of electrons left over which is capable of 
accepting a proton via a dative bond. (Can you remember what a “dative bond” is?) 
4 The release of the hydroxide ions makes the solution basic. 
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 and since NH3 (aq) is a Weak Base, the position of dynamic equilibrium of the first 
reaction will lie very far to the left and there will therefore be a large amount of NH3 (aq) 
in the buffer, and there will also be a large amount of both NH4+ (aq) and Cl– (aq) because 
the dissociation of Ammonium Chloride will go almost to completion. 

 
 
 
 
Bi) Adding a small amount of a Strong Acid to the Base buffer solution 
 [Where the H+ is neutralised by the OH– (aq) to form H2O (l), and the dynamic 

equilibrium moves to the right.] 
 
• When a small amount of a Strong Acid (such as HCl) is added to a buffer solution there 

will be a sudden injection of H+ ions into the buffer solution above and they will react with 
the OH– ions to form harmless Water molecules. As the existing OH– ions in the solution 
are used up, the NH4OH(aq) dissociates more and more of them until all the newly 
introduced H+ ions have been neutralised and then the NH4OH (aq) stops dissociating OH– 
ions and a position of dynamic equilibrium is once more achieved. Please note that the 
concentration of Ammonia in the solution has now been reduced and the concentration of 
NH4+ (aq) has been increased. You need to be aware of this when you come to do your pH 
calculations. 

 
• The buffer has neutralised the newly introduced protons, and this stops there being a 

sudden huge drop in the pH of the host buffer, and the protons thus cannot do the harm 
that they would otherwise have done. 

 
• Please remember that this buffer solution consists of  
 NH3 (aq)   +   H2O (l)     NH4OH (aq)        NH4+ (aq)   +   OH– (aq)5  
                                                NH4Cl (aq)   ––>   NH4+ (aq)    +   Cl– (aq)  
 
 
Bii) Adding a small amount of a Strong Base to the Base buffer solution 
  [Where the OH– reacts with the NH4+ (aq) to form NH4+OH (aq), and the reaction moves 

to the left.] 
 
 
• The reaction    NH3 (aq)   +   H2O (l)    NH4+ (aq)   +   OH– (aq)   is a reversible one, 

therefore when a small amount of a Strong Base (such as NaOH) is added to a buffer 
solution, the sudden injection of OH– ions into the buffer solution above will cause the 
OH– ions to react with the large amount of NH4+ (aq) ions that have been dissociated from 
the NH4Cl (aq) and the position of dynamic equilibrium will move to the left and the 
newly introduced OH– ions will be converted into Ammonia and Water. The harmful OH– 
ions are thus neutralised and a sudden sharp rise in the pH of the host buffer will be 
prevented and thus the newly introduced OH– ions cannot do the harm that they would 
otherwise have done. 

 
• In this manner buffer solutions protect their hosts from the damaging effects of both 

Strong Acids and Bases! 
 

5 The release of the hydroxide ions makes the solution basic. 
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• Andy Allan of El Diamante School, Visalia Unified School District, California has 

produced some very helpful stuff (both on Chemistry and Biology) on 
http://www.sciencegeek.net/Chemistry/Powerpoints2.shtml  and the tables/graphs overleaf 
are his. 

 

      

 
 
 
 
• Let me remind you of what 1˚/2˚/3˚/and 4˚ Amines can look like (using “C2H5” as “R”). 
 

 
 
 
• Please do remember that a Buffer contains 
i) a WEAK Acid plus a fully dissociated (Strong) salt of that Weak Acid, or  
ii) a WEAK Base plus a fully dissociated (Strong) salt of that Weak Base. 
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• You might like to see the difference in the titration of a buffered and an unbuffered 
solution  –  and you will see that the change in pH  (in the left hand diagramme) is much 
more gradual. Titration involves completely and exactly neutralising a Base and an Acid 
(so, in each case, you have to go to the equivalence point), but the difference between a 
buffered and an buffered solution can be seen in the shape of the curve  –  look how flat 
the buffered curve is initially (whereas the pH in unbuffered curve starts by rising 
sharply). Here the NaOH is being dripped into (on the left) the buffered and (on the right) 
the unbuffered solutions. 

 

                                      
 
• The Chemistry PowerPoint slides on Mr Allan's website are very good, and the Biology 

ones may be equally useful to you.  
 
NB Please note how the pH of the buffered solution rises only very slowly as the Strong 

Alkali is added to it (whereas that of the unbuffered one rises sharply). 
 
•  Let us now do some examples of calculations involving buffer solutions, and could you 

please remember that since the function of a buffer is to prevent a sudden large change in 
the pH of the solution, then you will always be calculating the pH of the buffer and the 
changes in the pH of the buffer  –  and if you are not given information about the 
Hydrogen (H+) ion concentration but instead you are given information about the 
Hydroxide (OH–) ion concentration, then please remember that for a given aqueous 
solution at 298K, Kw = 14 =  pH + pOH, therefore if you first calculate the pOH then you 
can very easily work out the pH from that. 

 
• In everything that follows, please note that calculations for Ka make sense only for 

reversible reactions that are in a position of dynamic equilibrium. 
 
 
• When I was your age and I was doing my ‘A’ Levels (65 years ago), I would read 

something and think that I had understood it, but then when I came to try to answer the 
questions relating to that subject, I found that I had not understood the subject fully  –  and 
that is why I keep stressing the importance of doing lots of examples from your school’s 
chosen textbook, or from Jim Clark’s “Calculations in AS / A Level Chemistry” which is 
very good, but “Advanced Chemistry Calculations” by Lainchbury, Stephens and 
Thompson has the advantage for the ‘not-so-confident’ mathematician in that the authors 
give, not just the answers, but the workings to every single question that they set in the 
book. It really is an admirable book for the mathematical novice. 
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• OK, let us start doing some examples. 
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NB  (i) Strictly speaking Ka has no units, and (ii) you MUST ignore all units when 
calculating logs. 

 
 
 
 Example 1 
 
• Calculate the pH of a buffer solution that contains 0.500 mol dm–3 of Propanoic Acid, 

C2H5COOH, and 1.00 mol dm–3 of Sodium Propanoate, C2H5COONa. The Ka for 
propanoic Acid at 298K being  

 1.35 x 10–5.  
 
• In order to answer the question, let me give you some practical advice. 
 
A) First piece of advice 
 
 Ka   =   the product of the concentrations of the Products to their stoichiometric ratios 
      the product of the concentrations of the Reactants to their stoichiometric ratios 
 
 and Ka is applicable not to a reaction that goes to completion, but only to a reaction that 

moves to a position of dynamic equilibrium quite far to the left (i.e. it hardly dissociates at 
all before it reaches a position of dynamic equilibrium). 

 
• You MUST therefore start by writing out the reversible reaction that is involved. 
 
 Here that reaction is 
 
 C2H5COOH (aq)     H+ (aq)  +   C2H5COO– (aq)  ;   where Ka is given to be 1.35 x 10–5 at 

298K. 
  
• Therefore           Ka   =    [H+].[C2H5COO–] =    1.35 x 10–5         

        [C2H5COOH] (there is a reason why I have used different colours) 
 
and the question gave you the value of [C2H5COOH] as 0.500 mol dm–3. 
 
 
 
 
B)  Second piece of advice 
 
• C2H5COO– will come from BOTH the dissociation of the Acid AND from the dissolution 

of the  
 C2H5COONa; but, since the dissociation of the Acid hardly takes place at all before it 

reaches a position of dynamic equilibrium, then the dissociation of the Acid contributes 
hardly any C2H5COO–. Virtually the whole of it comes from the dissolving of the 
C2H5COONa in Water (because this is a reaction that goes to completion). 

 
• Therefore get the value of [C2H5COO–] from the dissolution of the C2H5COONa from 

what the question told you about the concentration of the C2H5COONa (i.e. [C2H5COONa] 
= 1.00 mol dm–3. 
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 (At University you would have to calculate the answer in more detail, but not at ‘A’ 
Level.) 

 
 
• NOW you are in a position to answer the question. 
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 Answer 
 
• pH  =  -log10 [H+] therefore we need to calculate the [H+] of the buffer solution. 
 
• C2H5COOH (aq)    H+ (aq)   +   C2H5COO– (aq),   and     
 C2H5COONa (aq)   ––> C2H5COO– (aq)   +   Na+ (aq) 
 and since propanoic Acid is a Weak Acid and hardly dissociates at all, we can (for the 

purposes of ‘A’ Level calculations) assume that all the propanoate ions come from the 
Sodium Propanoate, and thus 

  [C2H5COO– (aq)]  =  [Na+ (aq)]  ≈   [C2H5COONa (aq)]   . 
 
 
• The Ka for a reversible reaction that is in dynamic equilibrium at a given temperature is 

given by 
 
         Ka =          the product of the concentrations of the Products to their 

stoichiometric ratios 
             the product of the concentrations of the Reactants to their 

stoichiometric ratios 
 
 \    Ka    =   [H+ (aq)] [C2H5COO– (aq)]     ≈    [H+ (aq)] [C2H5COONa (aq)] 
            [C2H5COOH (aq)]   [C2H5COOH (aq)] 
 
NB  Please note that I am now using    [C2H5COONa (aq)]   for   [C2H5COO– (aq)] . 
 
 \ [H+ (aq)] ≈    Ka   x   [C2H5COOH (aq)]  
            [C2H5COONa (aq)] 
 
  =      (1.35 x 10–5) x (0.500 mol dm–3)   =   6.75 x 10–6 
                      (1.00 mol dm–3) 
 
 \ pH     =   -log10 [H+]    =     -log10 (6.75 x 10–6)    =   -5.17 
 
NB I have written in extra lines to explain the calculations, but you have no need to do so. 
 
 • As can be seen, the calculations involved are very easy provided that you remember that  
i) pH  =  -log10 [H+], and that  
ii) at ‘A’ Level it is justifiable to make certain assumptions about the concentrations of the 

products and the reactants  
iii) in this example there was no need to do an ICE table, and 
iv) for ‘A’ Level purposes one can ignore the [H+(aq)] due to the dissociation of the pure 

Water, and you can ignore the contribution to [C2H5COO– (aq)] from the dissociation of 
the Weak Acid. 

 
 
 
The 5% approximation assumption 
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• At ‘A’ Level, one of the assumptions that is made when doing these calculations is that 
when the reversible reaction in the buffer solution reaches dynamic equilibrium, then the 
amount of Weak Acid or Weak Base that has been dissociated is not more than 5% of the 
undissociated amount. The justification for this assumption is that the calculations for Ka 
and Kb are accurate to about only ±5% anyway, therefore no great inaccuracy is 
introduced by making such an assumption. 

 
 
Now could you do the next example without my help  –  but can you first think about 
what you would do if you were given pKa instead of Ka. 
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 Example 2 
 
• A buffer solution contained 0.500 mol dm–3 of a Weak Acid HA and 0.300 mol dm–3 of its 

Strong Sodium salt NaA (where the anion “A” is usually a Chloride or a Nitrate). 
Calculate  
i)  the pH if pKa at 298K = 4.82 
ii) the pH after adding 2.00 cm3 of 5.00 mol dm–3 HCl to 1,000 cm3 of the buffer 

solution, and 
iii)  the pH after adding 2.00 cm3 of 5.00 mol dm–3 of NaOH to 1,000 cm3 of the buffer. 
 

Please do try it for yourself before looking at my workings. 
 

 Answer 
(It will be assumed here that NaA (aq) dissociates to completion and   [A– (aq)]   ≈   [NaA 
(aq)]). 

 
• pKa   =  4.82  =  -log10 (Ka), therefore log10 (Ka) = -4.82 , therefore   10–4.82  =  Ka   =   

1.514 x 10–5 . 
 
i) The Ka for a reversible reaction that is in dynamic equilibrium at a given temperature is 

given by 
 Ka   =   the product of the concentrations of the Products to their stoichiometric ratio 
            the product of the concentrations of the Reactants to their stoichiometric ratios 
 
 therefore for   HA (aq)    H+ (aq)   +   A– (aq) 
 
                             Ka    =    [H+ (aq)] x [A– (aq)]      and       

[H+ (aq)]  =   Ka  x  [HA (aq)] 
                 [HA (aq)]             [A– (aq)] 
 
 therefore if we assume that NaA dissociates almost completely, and  [A– (aq)]   ≈   [NaA 

(aq)] 
 
 then           [H+ (aq)]   =           1.514 x 10–5  x  0.500 

mol dm–3     =     2.523 x 10–5 
                          0.300 mol dm–3 
 
 therefore            pH     =    -log10 [H+ (aq)]    =     -log10 

(2.523 x 10–5)     ≈     4.60 at the outset 
 
ii) N = C.V, therefore 2.00 cm3 of 5.00 mol dm–3 HCl contain N = 5.00 mol dm–3 x  2.00 dm3 = 0.0100 mol 
                         1000 
 therefore 0.0100 mol of HCl (or 0.0100 mol of H+ ions) were added to the 1,000 cm3 of 

the buffer solution (at ‘A’ Level one can ignore the [H+(aq)] due to the dissociation of 
Water). 

 
• The buffer solution contains the following reactions  
 HA (aq)                H+ (aq)       +   A– (aq) at dynamic equilibrium, and 
 NaA (aq)   ––>   Na+ (aq)   +   A– (aq) which has gone to completion 
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 and when 0.0100 mol of HCl (and thus to all intents and purposes 0.0100 mol of H+ ions) 
is added to the buffer solution, these H+ ions will react with the A– (aq) to form HA (aq). 
The amount of HA (aq) will thus increase by 0.0100 mol to (0.500 + 0.0100 =) 0.510 mol 
in 1dm3, and the amount of A– (aq) will thus decrease by 0.0100 mol in 1,000 cm3 to (0.3 – 0.01 
=) 0.290 mol dm–3. (To two decimal places, the calculation is not affected by using 1,000 cm3 instead of 
1,002 cm3.) 

 
•                              Ka   = [H+ (aq)] x [A– (aq)]          and       [H+ (aq)]  =   Ka  x  [HA (aq)] 
     [HA (aq)]             [A– (aq)] 
 
 therefore     [H+ (aq)]   =  1.514 x 10–5  x  0.510 mol dm–3    =     2.6626 x 10–5 
                   0.290 mol dm–3 
 
 therefore             pH     =    -log10[H+ (aq)]     =     -log10(2.6626 x 10–5)     ≈     4.57 
 
NB Despite the addition of 0.0100 mol of a Strong Acid, the pH has dropped from 4.60 

to only 4.57! The buffer has performed its function as a buffer i.e. as a chemical 
shock absorber. 

• The buffer solution contains the following reactions  
 HA (aq)    H+ (aq)   +   A– (aq)  , and 
 NaA (aq)   ––>   Na+ (aq)   + A– (aq) 
 and when 0.0100 mol of NaOH (and thus to all intents and purposes 0.0100 mol of OH– 

ions) is added to the buffer solution, these OH– ions will react with the H+ (aq) to form 
Water molecules. The amount of HA (aq) will thus decrease by 0.0100 mol to 0.490 
mol dm–3, and the amount of A– ions will increase by 0.0100 mol to 0.310 mol dm–3. 

 
•   Ka   = [H+ (aq)] x [A– (aq)]      and       [H+ (aq)]  =   Ka  x  [HA (aq)] 
        [HA (aq)]              [A– (aq)] 
 
 therefore  [H+ (aq)]  =  1.514 x 10–5  x  0.490 mol dm–3    =     2.3931 x 10–5 
        0.310 mol dm–3 
 therefore  pH    =    -log10[H+ (aq)]     =     -log10(2.3931 x 10–5)     ≈     4.62 
 
 and again the buffer has successfully performed its buffering function! 
 
 
•  Now could you please go and do lots of examples from Jim Clark's excellent book ISBN 

0-582-41127-0, or from Lainchbury, Stephens and Thompson “Advanced Chemistry 
Calculations”.  

 
 
 
 
• To finish this note, let me also do a question from an exam paper for you (Q9, Edexcel 

2016, 6CH04_01_que_20160614). 
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Q9 stated 

 
 
Let me start by reminding you that Phosphoric Acid, H3PO4 is a triprotic Acid, and that the 
above substances originate from Phosphoric Acid. H2PO4– in Water dissociates a proton and 
forms HPO42–. We can therefore write   

Acid1       Base 2  Base 1  Acid 2   
H2PO4–        + H2O  HPO42–     + H3O 

 
and now I hope that you can easily answer Q9(a). I want you to write down the answer and 
then look up the answer on the Edexcel 2016 website.  
 
Q9(b) then said,  

 
 
 
Answer 
 
pH  =  7.20   +   log10 [ (3.98 x 10–8) ÷ (3.89 x 10–7) ]  =   7.20   +   log10 (0.1023)  =  7.20  –  0.99 
       =  6.21 
 
That was a fairly simple question, as indeed it had to be because both parts of the question 
carried  just 1 mark each. Let us therefore do a slightly more complicated exam question, and 
this one is from the AQA 2016 exam paper (Chemistry 7405/3, Paper 3). 

<–– This is the Henderson-Hasselbalch equation. 
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Answer 
 

The question is a 6 mark question therefore you need to give at least 6 points to score the 
maximum number of marks, and the question asks you to compare the Acid strengths of 
Ethanoic Acid with Ethanedioic Acid  
 

 
 

therefore you need to 
- start by saying the strength of an Acid is determined by the amount of H+ species that it 

will dissociate in a given volume of solution (because that determines the concentration of 
protons in the solution), and  

and then you will need to  talk about the differential dissociation of protons between Ethanoic 
Acid and Ethanedioic Acid due to the fact that  
 
- Oxygen is the second most electronegative element in the Periodic Table, and there are 

four Oxygen atoms in the central part of the dioic Acid (vs only two in the monoprotic 
one), and this reduces the electron density of the “COOH” bits in the dioic acid 

- the fact that the delocalisation of electrons confers stability and this helps the dissociation 
of protons in the dioic acid  

- the ability of Alkyl groups to push electron density along the fourth bond in the Alkyl 
group, and this then increases the electron density in the “COOH” bit of the Ethanoic Acid 
and makes it less easy for a Proton to leave i.e. an increase in electron density on the –
COO– part of an Acid results in the H+ being held more tightly thus reducing the strength 
of an Acid (such as Ethanoic Acid) 

C

O

O H

C

O

C

OH

O

O

C

H

H

H

H

Ethanoic Acid Ethanedioic Acid
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- one is a monoprotic Acid while the other is a diprotic Acid which means that twice as 
many H+ species will be dissociated per molecule of the Acid 

- when one of the protons in the dioic Acid has been dissociated, then the electron density 
on the remaining species now has one more electron in it (the one that the proton left 
behind) and the species is slightly smaller therefore the electron density on it has 
increased. 

• As it happens, the pH of a 0.100 mol dm–3 solution of Ethanoic Acid is about 2.88, while 
the pH of 0.1 mol dm–3 solution of Ethanedioic Acid is about 2.60. (NB The lower the pH, 
the Stronger is the Acid, but there is no way of determining the relative strengths of these 
two acids purely by logic.) 

 
• Different data books give slightly different Ka values, but in the calculations below, I have 

used the Ka values given in the table on page 10. 
 
 
 
pH Calculation for 0.100 mol dm–3 Ethanoic Acid / Acetic Acid (Ka = 1.76 x 10–5)   
 
    CH3COOH   CH3COO–    +    H+ where  [H+]  =  [CH3COO–] 
therefore                Ka  =           [H+]2         =  1.76 x 10–5 
        [CH3COOH] 
therefore              [H+]2    = ( 1.76 x 10–5 ) . ( 0.1 )    where I  have ignored all the units 
therefore    [H+]    = √{( 1.76 x 10–5 ) . ( 0.1 )}    =   1.32665 x 10–3 
therefore              pH = 2.88 
 
       
pH Calculation for 0.100 mol dm–3 Ethanedioic Acid / Oxalic Acid (Ka = 6.1 x 10–5) 
(and please remember that this is a diprotic Acid) 
 
                     (COOH)2    (COO–)2   +   2H+ where  [H+]  =  [COO–] 
therefore                Ka  =           [H+]2         =  1.76 x 10–5 
        [COOH.COOH] 
therefore              [H+]2    = ( 6.4 x 10–5 ) . ( 0.1 )    where I  have ignored all the units 
therefore    [H+]    = √{( 6.4 x 10–5 ) . ( 0.1 )}    =   2.53 x 10–3 
therefore              pH = 2.60 
 
therefore Ethanedioic Acid is  a slightly Stronger Acid than Ethanoic Acid (because it is 
a diprotic Acid and releases more H+ ions). 
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Source: University of California, Santa Barbara 

Table of Acids with Ka and pKa Values*           CLAS 

Acid HA A- Ka pKa Acid Strength Conjugate Base 
Strength 

Hydroiodic HI I-

Hydrobromic HBr Br-

Perchloric HClO4 ClO4
-

Hydrochloric HCl Cl-

Chloric HClO3 ClO3
-

Sulfuric (1) H2SO4 HSO4
-

Nitric HNO3 NO3
-

Strong acids completely dissociate in aq solution  
(Ka > 1, pKa < 1). 
Conjugate bases of strong acids are ineffective bases. 

Hydronium ion H3O+ H2O 1 0.0 
Iodic  HIO3 IO3

- 1.6 x 10-1 0.80 
Oxalic (1)  H2C2O4 HC2O4

- 5.9 x 10-2 1.23 
Sulfurous (1) H2SO3 HSO3

- 1.54 x 10-2 1.81 
Sulfuric (2) HSO4

- SO4
2- 1.2 x 10-2 1.92 

Chlorous HClO2 ClO2
- 1.1 x 10-2 1.96 

Phosphoric (1) H3PO4 H2PO4
- 7.52 x 10-3 2.12 

Arsenic (1) H3AsO4 H2AsO4
- 5.0 x 10-3 2.30 

Chloroacetic CH2ClCOOH CH2ClCOO- 1.4 x 10-3 2.85 
Citric (1) H3C6H5O7 H2C6H5O7

- 8.4 x 10-4 3.08 
Hydrofluoric HF F- 7.2 x 10-4 3.14 

Nitrous HNO2 NO2
- 4.0 x 10-4 3.39 

Formic HCOOH HCOO- 1.77 x 10-4 3.75 
Lactic HCH3H5O3 CH3H5O3

- 1.38 x 10-4 3.86 
Ascorbic (1) H2C6H6O6 HC6H6O6

- 7.9 x 10-5 4.10 
Benzoic C6H5COOH C6H5COO- 6.46 x 10-5 4.19 

Oxalic (2) HC2O4
- C2O4

2- 6.4 x 10-5 4.19 
Hydrazoic HN3 N3

- 1.9 x 10-5 4.72 
Citric (2) H2C6H5O7

- HC6H5O7
2- 1.8 x 10-5 4.74 

Acetic CH3COOH CH3COO- 1.76 x 10-5 4.75 
Propionic  CH3CH2COOH CH3CH2COO- 1.34 x 10-5 4.87 

Pyridinium ion C5H4NH+ C5H4N 5.6 x 10-6 5.25 
Citric (3) HC6H5O7

2- C6H5O7
3- 4.0 x 10-6 5.40 

Carbonic (1) H2CO3 HCO3
- 4.3 x 10-7 6.37 

Sulfurous (2) HSO4
- SO4

2- 1.02 x 10-7 6.91 
Arsenic (2) H2AsO4

- HAsO4
2- 8/9.3 x 10-8 7.10/7.03 

Hydrosulfuric H2S HS- 1.0 x 10-7/9.1 x 10-

8 7/7.04 

Phosphoric (2) H2PO4
- HPO4

2- 6.23 x 10-8 7.21 
Hypochlorous HClO ClO- 3.5/3.0 x 10-8 7.46/7.53 
Hypobromous HBrO BrO- 2 x 10-9 8.70 
Hydrocyanic HCN CN- 6.17 x 10-10 9.21 

Boric (1) H3BO3 H2BO3
- 5.8 x 10-10 9.23 

Ammonium ion NH4
+ NH3 5.6 x 10-10 9.25 

Phenol C6H5OH C6H5O- 1.6 x 10-10 9.80 
Carbonic (2) HCO3

- CO3
2- 4.8 x 10-11 10.32 

Hypoiodous  HIO IO- 2 x 10-11 10.70 

Arsenic (3) HAsO4
2- AsO4

3- 6.0 x 10-10/3.0 x 
10-12 9.22/11.53 

Hydrogen 
peroxide H2O2 HO2

- 2.4 x 10-12 11.62 

Ascorbic (2)  HC6H6O6
- C6H6O6

2- 1.6 x 10-12 11.80 
Phosphoric (3) HPO4

2- PO4
3- 4.8/2.2 x 10-13 12.32/12.66 

Water H2O OH- 1.0 x 10-14 14.0 

  

Group I metal hydroxides  (LiOH, NaOH, etc.) 

Group II metal hydroxides  (Mg(OH)2, Ba(OH)2, etc.) 

Strong bases completely dissociate in aq solution  
(Kb > 1, pKb < 1). 
Conjugate acids (cations) of strong bases are ineffective bases. 

* Compiled from Appendix 5 Chem 1A, B, C Lab Manual and Zumdahl 6th Ed. The pKa values for organic acids can be found in 
Appendix II of Bruice 5th Ed. 


