18.3 pH curves
Learning objectives 
• Sketch titration curves (pH curves) for titrations involving any combination of strong and weak acids and bases 
• Explain the important features of titration curves 
• Understand how to work out pKa or pKb values from a titration curve 
• Explain how an acid–base indicator works 
• Understand what is meant by the pH range of an indicator 
    • Select a suitable indicator for a titration
Understandings:
● The characteristics of the pH curves produced by the different combinations of strong and weak acid and bases.
● An acid–base indicator is a weak acid or a weak base where the components of the conjugate acid–base pair have different colours.


Acid–base titrations
Even when equivalent numbers of moles of acid and alkali have been added, the pH is not necessarily 7. 
This is why different indicators, which change color at different pH values, are required for different titrations – for instance, phenolphthalein changes color around pH 9 and is usually used for weak acid–strong base titrations.
The pH can be monitored during titration using a pH meter or a pH probe attached to a data logger.

Strong acid–strong base titration
The titration curve (pH curve) for adding 0.100 mol dm−3 sodium hydroxide solution to 25.0 cm3 of 0.100 mol dm−3 hydrochloric acid is shown in Figure 8.17. 
The reaction that occurs is: 
HCl(aq) + NaOH(aq) → NaCl(aq) + H2O(l) 
Why is the initial pH 1.0? 
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                           A strong acid–strong base titration curve
Question 
i. Describe the pH curve for strong acid-strong base titration above. What is the equivalence point? 












ii. If, instead of adding 0.100 mol dm−3 NaOH to 25 cm3 of 0.100 mol dm−3 HCl, we add 0.200 mol dm−3 NaOH what would be the titration curve? Describe the curve. 













iii. Draw the curve for adding 0.100 mol dm−3 HCl to 25 cm3 of 0.100 mol dm−3 NaOH










                Weak acid–strong base

Let us consider adding 0.100 mol dm−3 NaOH to 25 cm3 of 0.100 mol dm−3 CH3COOH (ethanoic acid) (Ka = 1.74 × 10−5). The titration curve is shown.
[image: ]
                              A titration curve for adding 0.100 mol dm−3 NaOH to 25 cm3 of 0.100 mol dm−3 CH3COOH.

iv. Describe the pH curve for strong acid-strong base titration above. Discuss the equivalence point and the change of pH at equivalence point? 








In the Figure below, the weak acid–strong base titration curve is compared with a strong acid–strong base titration curve.
[image: ]

Note that the strength of the acid does not affect the volume of base required to reach the equivalence point for a titration. 
The volume of base required to reach the equivalence point depends only on the original volume of acid used, the concentration of the acid, and the concentration of the base.

Important differences
For a weak acid-strong base titration: 
• The initial pH is higher. The weak acid is only partially dissociated. 
• The initial part of the curve, up to a volume of about 24 cm3 NaOH added, is steeper. Because the weak acid is only partially dissociated, the concentration of H+ ions in the solution is lower, and adding a certain volume of NaOH has a greater relative effect on the pH than for a strong acid, in which the concentration of H+ ions is higher. 
• The steep part of the curve is more in the alkaline region. 
• The pH at the equivalence point is higher than 7.
         





  Determination of pKa from a titration curve

In the above example of the titration of 0.100 mol dm−3 ethanoic acid with 0.100 mol dm−3 NaOH, 25.0 cm3 of NaOH is required to reach the equivalence point. 

When 12.5 cm3 of NaOH has been added, half of the CH3COOH has been converted to CH3COONa, and therefore the concentrations of CH3COOH and CH3COONa are equal. This is the half-equivalence point.
 Note: [CH3COONa(aq)] is equal to [CH3COO−(aq)], as the ionic salt is fully dissociated in the solution. 

Show that the pKa value of the acid equals the pH at the half-equivalence point. 

[image: ]




Strong acid–weak base titrations

Let us consider adding 0.100 mol dm−3 NH3(aq) to 25 cm3 0.100 mol dm−3 HCl(aq)). The pH at the equivalence point for a strong acid– weak base titration is lower than 7. Use the equation to explain this.  NH3(aq) + HCl(aq) → NH4Cl(aq)
[image: ]




Titration curve for adding a weak base to a strong acid.
[image: ]

At the half–equivalence point of this titration, 12.5 cm3 of HCl has been added. The equilibrium that exists in this solution is: 
                                   NH3(aq) + H2O(l) NH4+(aq) + OH−(aq)
The expression for Kb is:
                                       Kb= 
                                            [image: ]
Derive the expression for the pKb for the weak base and find its value for the titration above.
When 12.5 cm3 of HCl has been added, half of the NH3 will have been converted into NH4+, and so the concentration of NH3 will be equal to the concentration of NH4+.





Weak acid–weak base
An example of titration of a weak acid and a weak base is the addition of 0.100 mol dm−3 NH3(aq) to 25.0 cm3 of 0.100 mol dm−3 CH3COOH.
There is no very steep (almost vertical) part in this titration curve. 
The pH at the equivalence point may be lower than 7 or higher than 7, depending on the relative strength of the acid and the base.
                    [image: ]
                                             A weak acid–weak base titration curve.

                         18.4 Indicators
Acid-base titrations are carried out to establish the equivalent amounts of acid and base that react with each other, and hence the concentration of the acid or the alkali. 
These indicators are themselves weak acids or weak bases in which the undissociated and dissociated forms have different colours.
If we consider an indicator HIn that is a weak acid, it exists in equilibrium in solution as follows:
                       HIn(aq) [image: ] H+(aq) + In–(aq)
                       colour A                          colour B 
By applying Le Chatelier’s principle, we can predict how this equilibrium will respond to a change in the pH of the medium.


pH range of an indicator; Indicators change colour when the pH is equal to their pKa
The change in colour of methyl orange, known as its change point or endpoint, happens in the range of pH 3.1–4.4. 
How does the pH at which color changes relate to pKa of the indicator?

We can answer this by considering the equilibrium expression for the above reaction.
The acid dissociation constant is defined as follows:  Ka =









The pH range of an indicator is the pH values between which the indicator has intermediate colours because comparable amounts of the un-ionized and ionized forms are present.

The pH ranges of various indicators are in Table 22 in the IB data booklet.
Where possible, an indicator should be chosen so that the equivalence point of the titration occurs within the pH range of the indicator.

Weak base indicator 
For an indicator that is a weak base, the pH range will be (14 − pKb) ± 1 and so an indicator will be suitable for a titration if 14 − pKb is close to the pH at the equivalence point of the titration.

Questions 
Discuss how suitable bromothymol blue is for a titration curve below. 
                                 [image: ]
                                                    The colour changes of bromothymol blue during a strong acid–strong base titration.


Questions 

1. What happens in the above titration if, we do the same titration with an indicator that changes colour from red to yellow and has a pH range of 1.2–2.8



















           The curve below shows weak acid- strong base titration and various indicators range

                                   [image: ]
                                                            The ranges of various indicators superimposed on a weak acid–strong base titration curve.

2. Identify the most suitable indicators for this titration and suitability of bromothymol blue. 






3. Comment on how suitable is an indicator in the weak acid- weak base titration? 





18.5 Salt hydrolysis
Learning objectives 
• Work out whether a solution of salt will have a pH of lower than, equal to, or higher than 7 
• Understand that the pH of a solution of a salt depends on the charge (and size) of the cation

A salt will be formed when an acid reacts with a base: 
           acid + base → salt + water
When a solid salt is dissolved in water, the resulting solution may be acidic, basic, or neutral, depending on the particular salt dissolving.
Salt of a weak acid and a strong base (pH > 7)

Consider the salt sodium ethanoate (CH3COO−Na+), formed when NaOH reacts with ethanoic acid (CH3COOH): 
            CH3COOH(aq) + NaOH(aq) → CH3COONa(aq) + H2O(l) 

If some solid sodium ethanoate is dissolved in water, the pH of the solution will be greater than 7. By use of chemical equations, explain this.

        CH3COO−(aq) + H2O(l)       CH3COOH(aq) + OH−(aq) 
This process is called salt hydrolysis – the salt has reacted with water. 

The other ion from CH3COONa present in this solution, the Na+ ion. 
Why doesn’t Na+ affects the pH of the solution?  



Salt of a strong acid and a weak base (pH < 7)

Consider ammonium chloride (NH4Cl). This is the salt of a strong acid (HCl) and a weak base (NH3): 

By use of chemical equations, explain the PH of the solution. 



Salt of a strong acid and a strong base (pH = 7)
Consider sodium chloride, NaCl. Explain the pH of the salt at 25 °C).

Salt of a weak acid and a weak base (pH = ?)
Consider ammonium ethanoate CH3COO−NH4+. This is the salt of the weak acid (CH3COOH) and the weak base (NH3(aq)). It is not possible to predict whether the solution is acidic or alkaline without looking at the pKa values.

When ammonium ethanoate is dissolved in water, CH3COO− acts as a base and NH4+ acts as an acid:
CH3COO−(aq) + H2O(l) [image: ] CH3COOH(aq) + OH−(aq)            pKb = 9.24 
     NH4+ (aq) [image: ] NH3(aq) + H+(aq)                                               pKa = 9.25
Predict the PH of the mixture.
Question
1. Predict with a reason the pH for a solution of ethylammonium ethanoate (C2H5NH3+CH3COO−) given the following information:

CH3COO−(aq) + H2O(l) [image: ] CH3COOH(aq) + OH−(aq)            pKb = 9.24 
    C2H5NH3+(aq) [image: ]C2H5NH2(aq) + H+(aq)                                  pKa = 10.73






Acidity due to positive ions in solution
Let us consider a solution of iron (III) chloride. A 0.100 mol dm−3 solution of iron (III) will have a pH of less than 2. Use an equation to explain why this salt has such a low pH. What property of the salt explains the polarization of the water molecule? Explain. Why does Fe2+ ion will cause less polarization of water molecules? 
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 The polarisation of one of the water ligands in [Fe(H2O)6]3+.


18.6 Buffer solutions
Learning objectives 
• Understand what is meant by a buffer solution and how both acidic and basic buffers can be made 
• Describe how a buffer solution works when small amounts of acid/base are added


The blue line on the graph in Figure below shows the result of adding 10 cm3 of 0.100 mol dm−3 hydrochloric acid in stages to 100 cm3 of water. 
The orange line shows the effect of adding the hydrochloric acid to 100 cm3 of a buffer solution formed by mixing 50 cm3 of 1.00 mol dm−3 ethanoic acid and 50 cm3 of 1.00 mol dm−3 sodium ethanoate. The pH of the water changes from 7.00 to 2.04 when 10 cm3 of hydrochloric acid are added – the pH of the buffer solution changes from 4.76 to 4.74. When 10 cm3 of 0.100 mol dm−3 sodium hydroxide are added to 100 cm3 of the ethanoic acid/sodium ethanoate buffer solution, the pH changes from 4.76 to 4.78.
The pH of the buffer solution remains virtually constant when an acid or a base is added.
A buffer is a solution that resists changes in pH when small amounts of acid or alkali are added.
pH
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The ‘small amount’ in this definition is important. If, for instance, 33.3 cm3 of 2.00 mol dm−3 hydrochloric acid is added to 100 cm3 of the ethanoic acid/sodium ethanoate buffer solution we have just considered, the pH will change by about 4.5 units! A buffer solution always contains an acid and a base. 

Buffers are important in many industrial processes and biological systems (for example, the blood – the pH of blood is about 7.4, and if it changes by about 0.5 in either direction you would die!). They are also used in products such as contact lens solutions, cosmetics and shampoos.
                   Acid buffer solutions

An acid buffer solution consists of a weak acid (e.g. ethanoic acid) and a salt of that weak acid (e.g. sodium ethanoate). The equilibrium in this solution is: 
CH3COOH(aq) [image: ] CH3COO−(aq) + H+(aq) 
If some hydrochloric acid is added to this solution, the added H+ reacts with the CH3COO− in the solution: 
CH3COO−(aq) + H+(aq) → CH3COOH(aq) 
If some sodium hydroxide is added to the solution, the added OH− reacts with the CH3COOH in the solution: 
             CH3COOH(aq) + OH−(aq) → CH3COO−(aq) + H2O(l)

Question
1. Using the expression for for Ka explain why the pH of the ethanoic acid- sodium ethanoate buffer changes so little.










                   Basic buffer solutions

A basic buffer solution consists of a weak base (e.g. ammonia) and a salt of that weak base (e.g. ammonium chloride). The equilibrium in this solution is: 
NH3(aq) + H2O(l) [image: ]NH4+(aq) + OH−(aq) 
If some hydrochloric acid is added to this solution, the added H+ reacts with the NH3 in the solution: 
NH3(aq) + H+(aq) → NH4+(aq) 
If some sodium hydroxide is added to the solution, the added OH− reacts with the NH4+ in the solution: 
NH4+(aq) + OH−(aq) → NH3(aq) + H2O(l) 
As above, if the concentrations of NH3 and NH4+ in the solution are both high, any small change in their concentrations has very little effect on the [NH4+(aq)] : [NH3(aq)] ratio in the Kb expression.

                                            Kb = 


Making buffer solutions by partial neutralisation of a weak acid/base

A buffer solution can be made by partial neutralisation of a weak acid with a strong base – for example by adding sodium hydroxide to ethanoic acid. The reaction that occurs is: 
       CH3COOH(aq) + NaOH(aq) → CH3COONa(aq) + H2O

When 10 cm3 of 0.100 mol dm−3 NaOH is added to 25 cm3 of 0.100 mol dm−3 CH3COOH, some of the ethanoic acid will be converted to sodium ethanoate, but there will still be some ethanoic acid left.

As long as the number of moles of sodium hydroxide added is fewer than the number of moles of ethanoic acid present in the original solution, the solution will contain both ethanoic acid and sodium ethanoate and act as a buffer.

The graph in Figure below shows the titration curve of a weak acid (ethanoic acid) with a strong base (NaOH). The shaded region in the figure represents the pH range over which this solution acts as buffer.
                       [image: ]

A buffer solution can be also be made by partial neutralisation of a weak base with a strong acid – for example when hydrochloric acid is added to ammonia solution. The reaction that occurs is: 
NH3(aq) + HCl(aq) → NH4Cl(aq)

As long as the number of moles of hydrochloric acid added is lower than the number of moles of ammonia in the solution, the solution will contain some NH3 and some NH4Cl and will act as a buffer. The titration curve for adding 0.100 mol dm−3 HCl to 25 cm3 of 0.100 mol dm−3 ammonia solution is shown in figure below.
                         [image: ]
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