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Chapter 14

Principles of Neutralization 
Titrations

Standard Solutions

 The standard reagents used in acid/base 
titrations are ALWAYS strong acids or bases: 
HCl, HClO4, H2SO4, NaOH and KOH.

 Standard acids are prepared by diluting of 
concentrated acids.

 HNO3 is not used as a standard acid.
 Weak acids and bases are NEVER used as 

standard reagents—they react incompletely 
with analytes.

Acid-Base Indicators
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Add a few drops of the phenolphthalein indicator to  
a acidic solution (pH = 1):
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The ratio shows that the predominant form of the 
indicator is HIn, resulting in an acid color solution.

(acid color) (base color)
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Color Change 
and molecular 

model of 
phenolphthalein

In acid

In base

Colorless

Red

As OH- is added to this solution, [H+] 

decreases and the equilibrium shift to 

right, changing HIn to In-. A color change 

from colorless or slightly red to reddish purple 
will occur.

For most indicators, about 1/10 of the initial 

form must be converted to the other form 

before a new color is apparent.

HIn(aq) H+(aq)+In-(aq)
(acid color) (base color)

Indicator pH Range: pKa ± 1
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Titration Errors with Acid-Base 
Indicators

 Systematic (determinate) Errors: Difference 
between the color change of indicator and the 
equivalence point.
--blank titration correction

 Personal (Indeterminate) Errors: Uncertainty 
of color change (±0.5 to ±1 pH; best ±0.1 pH), 
Insensitivity of eyes to color change. 
Colorless  Red/Red  colorless?
--use reference color solution
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Titrations and pH Curves

 The equivalence point is defined by 
stoichiometry, not by the pH.

 The pH value at equivalence point is 
affected by the acid strength or base 
strength.

 The strength of a weak acid or weak base 
have significantly effect on the shape of 
pH curves. 

Determine the Equivalence 
Point of an Acid-Base Titration

 Use a pH meter to monitor the pH and 
then plot a titration curve.

 Use an acid-base indicator, which marks 
the endpoint of a titration by changing 
color.

Titration of Strong Acids and 
Strong Bases

 HCl + NaOH  NaCl + H2O

HCl  H+ + Cl-

NaOH  Na+ + OH-

H2O  H+ + OH-

 In HCl: [H+] = cHCl + [OH-] ≈ cHCl

 In NaOH: [OH-] = cNaOH + [H+ ] ≈ cNaOH

 Equivalent point: pH = 7 
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Titrating a Strong Acid with a 
Strong Base

 Ex. 14-1 Generate the hypothetical titration 
curve for the titration of 50 mL of 0.0500 M 
HCl with 0.1000 M NaOH.

 How many mL of 0.1000 M NaOH are 
needed to complete the reaction? (to reach 
the equivalent point?

(C1V1)HCl = (C2V2)NaOH

V2 = (0.0500x50)/0.1000 = 25 mL, pH = 7.0
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What is the solution pH after addition of 40.00 
and 50.00 mL of 0.1000 M NaOH into 50 mL of 
0.05000 M HCl?   

When 40.00 mL of NaOH added:
[OH-] = (0.1000x40.00 – 0.05000x50)/(40 + 50) = 0.0166 M
pOH = -log[OH-] = 1.78, pH = 14 – pOH = 12.22 

When 50.00 mL of NaOH added:
[OH-] = (0.1000x50.00 – 0.05000x50)/(50 + 50) = 0.025 M
pOH = -log[OH-] = 1.60, pH = 14 – pOH = 12. 40
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Vol of NaOH pH

0.00 1.30

10.00 1.60

20.00 2.15

24.00 2.87

24.90 3.87

25.00 7.00

25.10 10.12

26.00 11.12

30.00 11.80

40.00 12.22

50.00 12.40

HCl-NaOH Titration Curve
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Using Charge-Balance Equation to 
Construct Titration Curve
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For HCl titrated with NaOH

CBE: [H O ] + [Na ] = [OH ] + [Cl ]

V V
Where  [Na ] = ;   [Cl ] = 

V  + V V  + V

[H O ] = [OH ] + [Cl ] - [Na ]
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Excel demonstrations 
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NaOH HCl NaOH HCl NaOH HCl

CBE: [H O ] + [Na ] = [OH ] + [Cl ]

(1) Before quivalence point, [OH ]  [Cl ], so

[H O ]  [Cl ] - [Na ]

V V V V
[H O ] = 

V  + V V  + V V  + V

(2) At the eq
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NaOH HCl NaOH HCl

uivalence point, [Cl ] = [Na ], [H O ] = [OH ] 

[H O ] =  

(3) Beyond the equivalence point, [H O ] [Na ]

[OH ]  [Na ] - [Cl ]

V V V  - V
[OH ] = 

V  + V V  + V
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NaOH HClV  + V

]

From charge-balance equation to simplified calculation
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0.0500 M HCl-0.1000 M NaOH

0.000500 M HCl-0.001000 M NaOH

Titration a Strong Base (NaOH) 
with a Strong Acid (HCl)

0.05 00 M NaOH – 0.1000 M HCl

0.00500 M NaOH-0.0100 M HCl

Titrations of Weak Acid with 
Strong Bases

In weak acid - strong base titrations (or
weak base - strong acid) the pH before 
and at the equivalence point depends 
on the acid (base) concentrations and 
Ka (Kb).

ΔpH/ Δvol at the equivalence points of 
weak acid (base) – strong base (acid) 
are smaller than for strong acid – strong 
base titrations.
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Plot the titration curve for the titration of 50 mL of 0.10 mol/L acetic acid 
with 0.10 mol/L NaOH.              Ka = 1.75 x 10-5, pKa = 4.76

a) Before the titration starts the weak acid will partially dissociate and 

the equilibrium CH3COOH + H2O ⇋ CH3COO- + H3O
+

establishes itself in the flask.     Ka = [H3O+] [CH3COO-] /[CH3COOH]

But the number of moles of protons produced = to the number of moles of 
conjugate base produced.   

Ka = [H3O
+]2/[CH3COOH]    [H3O+]2 = Ka[CH3COOH]

[H3O
+]  = √{Ka[CH3COOH]} = √{1.75x10-5(0.1)} = 1.32x10-3 &  pH = 2.88 

b) As the titration starts, and up until just before the equivalence point,

the reaction:  CH3COOH + OH- → CH3COO- + H2O  takes place in the flask

and then the equilibrium      CH3COOH + H2O ⇋ CH3COO- + H3O
+

re-establishes itself in the flask.

Ka = [CH3COO-][H3O
+]/[CH3COOH] = 1.75 x 10-5.

[H3O
+] = [Ka][CH3COOH]/ [CH3COO-] &  pH.

Thus the solution will contain both acetic acid and its conjugate base acetate,

that is a buffer will have been created with 

{(Ma x Vo)/1000 – (Mb x Vt)/1000} moles of acetic acid and 

(Mb x Vt)/1000 moles of acetate 

both in (Vo + Vt) mL of solution.

Moles CH3COOH in (Vo + Vt) mL = {(Ma x Vo)/1000 – (Mb x Vt)/1000}

 [CH3COOH] = {(Ma x Vo)/1000 – (Mb x Vt)/1000 }/(Vo + Vt) x 1000

= { (Ma x Vo) – (Mb x Vt)}/(Vo + Vt) mol/L,  & similarly

[CH3COO-] = (Mb x Vt)/(Vo + Vt) mol/L.   

After the addition of Vt mL of base (Mb x Vt)/1000 moles of base have been 
added and will have reacted with the same number of moles of acid.

 moles acid remaining = {(Ma x Vo)/1000 – (Mb x Vt)/1000}  in (Vo + Vt) mL.

& moles of acetate produced = (Mb x Vt)/1000 also in (Vo + Vt) mL.

Initially Vo (50) mL of Ma (0.10M) molar acetic acid in the flask.
 initially moles acetic acid = (Ma x Vo)/1000 moles

[CH3COOH] = { (Ma x Vo) – (Mb x Vt)}/(Vo + Vt) mol/L 

[CH3COO-] = (Mb x Vt)/(Vo + Vt) mol/L. 

CH3COOH + H2O ⇋ CH3COO- + H3O+

[H3O
+] = Ka x [CH3COOH]/[CH3COO-] 

=    Ka{(MaVo) – (MbVt)}/(Vo + Vt)

(MbVt)/(Vo + Vt) 

=    Ka{MaVO– MbVt}/MbVt.

at Vt = 5 mL  [H3O
+] = 1.75x10-5(0.1x50 – 0.1x5)/(0.1x5)

= 1.575x10-4 mol/L.    pH = 3.80

Ka = [CH3COO-][H3O
+]/[CH3COOH]   &   Ka x [CH3COOH]/[CH3COO-] = [H3O

+]

Note 2.  When Vt = ½ Ve, the point of half neutralization 

½ MaVo = MbVt or    MaVo = 2MbVt  MaV - MbVt = MbVt

[H3O+] = Ka       and      pH = pKa

if Ma = Mb: 
[H3O+] = 

Ka(Vo - Vt)/Vt

Note 1.  In this titration the pH appears to be independent of the 
concentrations of the acid and base but this is only true because Ma = Mb.  

pH = pKa

at 0.5Ve
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pH at equivalence point (Vt = Ve)

pH after equivalence point calculated as for strong acid strong base titration.

(Why? Hint: Use Charge Balance Equation)

During the titration:      CH3COOH + OH- → CH3COO- + H2O 

at Ve all the acetic acid has been neutralized (definition of Ve)

to leave the conjugate base and the equilibrium 

CH3COO- + H2O ⇋ OH- + CH3COOH 

establishes itself in the flask.

Kh = Kb = [CH3COOH][OH-]/[CH3COO-] = Kw/(1.75 x 10-5) = 5.71 x 10-10.

[OH-]2 = [Kb][CH3COO-] &  [OH-] = √{5.71 x 10-10 x (0.1  2)} = 5.34 x 10-6

pOH = 5.27   pH = 14 – 5.27 = 8.73

Kb x Ka = Kw     &    pH + pOH = 14

0.1M Acetic acid titrated with 0.1M NaOH

0

2

4

6

8

10

12

14

0 10 20 30 40 50 60 70 80

ml base

p
H

Ve

pH at Ve

pH = pKa

at 0.5Ve

Acetic acid titrated with NaOH
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The effect of concentrations

The buffering region

Ka = [CH3COO-][H3O
+]/[CH3COOH]

=  [H3O+] x {[CH3COO-]/[CH3COOH]}

The maximum buffering capacity when 
[base] = [acid]

Choice of indicators:  
as for strong acid –

strong base titrations

The effect of acid strength - Ka
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Using Derivatives

To Locate Titration 
End points

End point is taken where 
the slope is greatest

V

pH

d

d

Or where the 2nd

derivative is zero

0
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Inflection
points
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• Using standard solutions

• Uses and properties of acid-base indicators

• Various types of acid-base titrations of strong and 
weak acids and bases

• The effect of reagent concentration on the shapes of 
titration curves

• Calculation and construction of titration curves

• Effect of equilibrium constants on the shapes of 
titration curves

• Using derivative plots to determine equivalence 
points

Chapter 14 Summary

Indicator pH range: pKa +/- 1

pKw = pH + pOH
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