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Chemistry (A-level) 

Equilibria (Chapter 7) 

 Water is able to act as acid (proton-donor, H+) or base (proton-acceptor), where in 
equilibrium: 

 

 Where simplifying gives: 

 

 The equilibrium expression given by: 

 

 Due to the low extend of ionisation, the concentrations of the ions are negligible, 
hence we regard the concentration of water as constant, thus: 

 

 Kw is the ionic product of water; value at 298 K: 1.00   10-14 mol2 dm-6; is defined 
as the equilibrium constant for the ionisation of water 

 Hydrogen ion concentration of pure water can then be found; for each molecule of 
water that ionises, one H+ ion and one OH- ion are produced: 

 

 Rewriting the equilibrium expression: 

 

 Rearranging: 

 

 pH is defined as the negative logarithm to the base 10 of the hydrogen ion concentration, 
written as: 
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 Monobasic acids contain only one replaceable hydrogen atom per molecule 

 Strong monobasic acids, e.g. HCl, completely ionises in solution  
 The concentration of hydrogen ions in solution is approximately the same as the 

concentration of the acid (assumption that the concentration of H+ ions arising from 
the ionisation of water molecules is negligible compared with those arising from the 
acid) 

 Calculating the H+ of a solution of strong base (ionises completely in solution) given by: 

       

 Hence pH can be obtained: 

   

 Acid dissociation constant, Ka: the equilibrium constant for a weak acid, given by: 

 

 The value of Ka indicates the extend of dissociation of the acid: 
 High value (e.g. 40 mol dm-3), equilibrium lies to the right, acid almost 

completely ionised  
 Low value (e.g. 1.0   10-4 mol dm-3), equilibrium lies to the left, acid only 

slightly ionised and exist mainly as HA molecules 

 pKa: the values of Ka expressed as a logarithm to base 10, given by: 

 

 To compare the strengths of low Ka acids 

 Calculating Ka and pH for a weak acid: 
 Given the general equation: 

 

 Hence: 

 

 Rewriting the equilibrium expression: 
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 Assumptions: 
 Ignore the concentration of hydrogen ions produced by the ionisation of the 

water molecules in the solution, as the ionic product of water (1.00 × 10–14 
mol2 dm–6) is negligible compared with the values for most weak acids 

 Assume that the ionisation of the weak acid is negligible, hence the 
concentration of undissociated HA molecules present is approximately the 
same as that of the original acid. 

    

 

 

 

 An acid-base indicator is a dye or mixture of dyes that changes colour over a specific pH 
range; many indicators can be considered as weak acids in which the acid (HIn) and 
conjugate base (In-) have different colours: 

 

 Adding an acid to this indicator solution shifts the position of equilibrium to the left 
 Adding an alkali shifts the position of equilibrium to the right  
 The colour of the indicator during a titration depends on the concentration of H+ 

ions present. 

 

 

 



4 | P a g e       h t t p s : / / w w w . c i e n o t e s . c o m /  

 Titration of strong acids with strong bases (e.g. 0.100 mol dm-3 NaOH titrated with 0.100 
mol dm-3 HCl in the presence of bromothymol blue indicator): 

 

 A sharp fall between pH 10.5 and pH 3.5; in this region tiny additions of H+ ions 
result in a rapid change in pH 

 A midpoint of steep at pH 7, corresponds to the end-point of the titration 
 Bromothymol blue indicator changed from blue to yellow over the range 7.6 to 6.0 

where the slope is steepest 
 Due to the sharp change in pH, other indicators can be used which change within 

this region (e.g. phenolphthalein – pH range 8.2 to 10.0): 

    

 Titration of strong acids with weak bases (e.g. 0.100 mol dm-3 aqueous ammonia titrated 
with 0.100 mol dm-3 nitric acid): 
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 A sharp fall between pH 7.5 and pH 3.5 
 Midpoint of the steep slope at about pH 5 
 Indicators chosen should be within the sharp fall 

 Titration of weak acids with strong bases (e.g. 0.100 mol dm-3 aqueous NaOH titrated with 
0.100 mol dm-3 benzoic acid): 

    

 A sharp fall between pH 11 and pH 7.5 
 Midpoint of steep slope at about pH 9 

 Titration of weak acids with weak bases (e.g. 0.100 mol dm-3 aqueous ammonia titrated 
with 0.100 mol dm-3 aqueous benzoic acid): 

    

 No sharp fall 
 No acid-base indicator is suitable to determine the end-point of the reaction 

 A buffer solution is a solution which the pH does not change significantly when small 
amounts of acids or alkalis are added 

 A mixture of a weak acid and one of its salts (e.g. aqueous mixture of ethanoic acid 
and sodium ethanoate, buffers between pH values of 4 and 7): 

 

 To increase the concentration of ethanoate ion, the sodium ethanoate is used: 
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 Hence the buffer solution contains high concentrations of both CH3COOH and 
CH3COO-: 

 

 Addition of H+ ions shift the equilibrium position to the left, as more H+ ions combine with 
CH3COO-; the large reserve supply of CH3COO- and CH3COOH ensure that concentration 
does not change significantly; hence the pH does not change significantly 

 Addition of OH- ions combine with H+ ions to form water; reducing the H+ concentration; 
equilibrium position shifts to the right; CH3COOH molecules ionise to form more H+ and 
CH3COO- until the equilibrium is re-established; -; the large reserve supply of CH3COO- and 

CH3COOH ensure that concentration does not change significantly; hence the pH does not 
change significantly 

 Another example would be aqueous ammonia and ammonium chloride: 

     and         

 Calculate the pH of a buffer solution: 

    

    or      

 In humans, the pH of blood is kept between 7.35 and 7.45 by several buffers, such as 
hydrogencarbonate ions (HCO3

-); due to aerobic respiration, CO2 is produced which 
combines with water, producing hydrogen ions: 

 

 If H+ ion increases, equilibrium position shifts to the left, which reduces the 
concentration of the H+ ions in the blood and keeps the pH constant 
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 If H+ ion decreases, equilibrium position shifts to the right, increasing  the 
concentration of H+ and keeps  a constant pH 

 Solubility product, Ksp, is the product of the concentrations of each ion in a saturated 
solution of a sparingly soluble salt at 298 K, raised to the power of their relative 
concentrations 

 E.g. Fe2S3 the equilibrium expression given by: 

 

 Solubility product only applies to ionic compounds which are slightly soluble 
 Units: 

 

    

 The common ion effect is the reduction in the solubility of a dissolved salt achieved by 
adding a solution of a compound salt which has an ion in common with the dissolved salt, 
often results to ppt 

 Q > Ksp: no ppt & Q > Ksp: ppt & Q = Ksp: saturated 
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 E.g.AgCl(aq): 

 

 The addition of the common ion, Cl-, causes the increase in concentration of 
[Cl-]; hence [Ag+] [Cl-]  is greater than the Ksp, silver chloride ppt will form 

 

 Partition coefficient, Kpc, is the equilibrium constant which relates the concentration of a 
solute partitioned between two immiscible solvents at a particular temperature  
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 Worked example: 

 

 


