Chemistry 122
Chapter Acids and Bases 
13

An operational definition is based on simple laboratory tests that lead to observed properties. These properties are used to decide whether a compound is an acid or a base. 
 

Observable properties of acids:
1. The word acid comes from the Latin word acere, which means sour. All acids taste sour examples: vinegar and lemon juice.
2. Acids cause weak organic acids (dyes) to change color; acids make a blue vegetable dye called litmus to turn into red litmus.
3. Acids destroy properties of bases; neutralization is the name for this type of reaction.
4. Acids are electrolytes (a substance which in solution conducts current). Acids can be strong or weak electrolytes.
5. Acids chemically react with active metals to evolve hydrogen gas H2(g). The active metals include the alkali metals (Group I, Li to Rb), the alkaline earth metals (Group II, Be to Ra), as well as zinc and aluminum. Example: Zn(s) + 2 HCl(aq) → ZnCl2(aq) + H2(g) 
6. Acids react with carbonates (and bicarbonates) to give carbon dioxide gas as shown by: 
HCl(aq) + NaCO3(s) → CO2(g) + H2O(l) + NaCl(aq) 
7. Dissolving the oxide of a nonmetal produces acids, 
Example: SO3(g) + H2O(l) → H2SO4(aq). (The SO3 is an acid anhydride (without water)).
 

Observable properties of bases:
1. Bases taste bitter; mustard tastes bitter, soap has a bitter taste.

2. Bases cause weak organic acids (dyes) to change color; bases make a red vegetable dye called litmus to turn into blue litmus.
3. Bases destroy acid properties
4. Bases are electrolytes and can be strong or weak electrolytes.
5. Bases feel slippery. This is because bases dissolve fatty acids and oils from your skin and reduces the friction between your fingers as you rub them together. The base is making soap out of your oils. NaOH was used to produce lye soap.
6. Bases are formed when the oxide of metals are dissolved in water; 
CaO(s) + H2O(l) → Ca(OH)2(aq)  (CaO is a base anhydride)
 

The chemist tries to explain why acids and bases exhibit these properties. Svante Arrhenius, from Sweden, did his PhD studies on dissociation and ionization of substances in solution. Initially his ideas were not accepted but over the years his ideas gained wide acceptance. In 1903 Arrhenius received the Nobel Prize in Chemistry. 
Arrhenius defined an acid as a substance that delivers the hydrogen ions (H+) to an aqueous solution; the substance has an ionizable hydrogen:

HA → H+ + A- ← Non Metal anion
 

Arrhenius defined a base as a substance that delivers hydroxide ion (OH-) to an aqueous solution; the substance contains the OH- ion.

XOH → X+ + OH- 
                           ↑ Metal cation
Arrhenius’ definition views the general acid - base neutralization reaction as:
HA(aq) + XOH (aq) → H2O(l) + XA (aq)
 

As a total ionic equation:
H+(aq) + A-(aq) + X+(aq) + OH-(aq) → H2O(l) + X+(aq) + A-(aq)
 

As a net Ionic Equation:
H+(aq) + OH-(aq) → H2O (l)
The Arrhenius definition of an acid requires the substance to contain ionizable hydrogen. Acids contain different numbers of ionizable hydrogen. HNO3 has one ionizable hydrogen and is called a monoprotic acid. HCl is monoprotic as well. If the acid has more than one ionizable hydrogen, as in H2SO4 then the hydrogen are released one at a time as shown below.
H2SO4 → H+(aq) + HSO41-(aq)                  (ionizes again)
HSO41- → H+(aq) + SO42-(aq)                       H2SO4 is diprotic because it releases two H+ (protons).
 

Note that acids break down one H+ ion at a time. Each time the acid breaks down, the acid itself becomes more and more weak, which means that more energy is required to break apart the ions (higher activation energy). The more energy that is required the lower the degree of ionization.
 

Another example of successive ionization:
H3PO4(aq) → H+(aq) + H2PO41-(aq)
H2PO41-(aq) → H+(aq) + HPO42-(aq)
HPO42-(aq) → H+(aq) + PO43-(aq)
Phosphoric acid is a triprotic acid.
 

The Arrhenius definition shows the importance of water. The water molecule is polar molecule with a bent structure. The electronegativity difference (3.5 - 2.1 = 1.4) means the electron cloud shifts toward the oxygen atom; the bonding electrons spend most of their time with oxygen. The oxygen atom has 2 non-bonding (lone) pairs of electrons. The δ- pole of the oxygen atom and the lone pairs of electrons lead to the formation of hydrogen bonding. If the hydrogen bond becomes strong enough an activated complex forms; a coordinate covalent bond can be formed between the hydrogen of one molecule and the oxygen atom of another molecule. The hydrogen is transferred from one water molecule to another water molecule; this process is called self-ionization. The H+ can be represented as H3O+, H5O2+ or H7O3+, depending on the level of solvation.
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H2O → H+(aq) + OH-(aq) The hydrogen ion from one water molecule bonds with another water molecule.
H+(aq) + OH-(aq) → H2O The hydrogen ion reacts with the hydroxide ion to produce a water molecule.
These reversible reactions attain equilibrium:
H2O ↔ H+(aq) + OH-(aq)  This equation describes the self-ionization of water molecules. At SATP the [H+] = [OH-] = 10-7M. Water is neutral has neither acid nor base properties. A solution is neutral if it has [H+]= 10-7 at SATP because [hydronium] and [hydroxide] are equal.
An increase temperature favors the forward reaction, the [H3O+] and [OH-] will increase. The pH will decrease (all equilibrium constants are temperature-dependent).
 

The equilibrium can be described by the following constant:
Keq = [H+][ OH-]
             [H2O(l)]

[H2O(l)] is a constant 1000g/L = 55.5mole/L so
Keq[H2O] = [H+][ OH-]
Kw = [H+][ OH-] is the ion-product constant for water.
Kw = [H+][ OH-] = 10-7 x 10-7 (at 25ºC)
Kw = 10-14 at SATP
LeChatelier’s Principle applies to this equilibrium: H2O ↔ H+(aq) + OH-(aq) 
[H+] : [OH-] =  1 : 1 ratio in water; but what happens if HCl(g) dissolves in the water?
HCl(g) + H2O(l) → H3O+(aq) + Cl-(aq)
 

        Increasing        Decreasing
H2O ↔ H3O+(aq) + OH-(aq)
[H+] > [OH-] = acidic
 

What happens when sodium hydroxide dissolves? NaOH(s) + H2O → Na+(aq) + OH-(aq)
 

           Decreasing   Increasing
H2O ↔ H3O+(aq) + OH-(aq)
 [H+] < [OH-] = basic (alkaline solution)
 

If [H+] > 10-7 then [OH-] < 10-7 solution is acidic

If [H+] < 10-7 then [OH-] > 10-7 solution is basic

If [H+] = 10-7 then [OH-] = 10-7 solution is neutral (SATP)

 

If we know one of [H+] or [OH-], we can calculate the other using Kw = 10-14.

If [H+] = 10-5 acidic [OH-] = 10-9 

If [H+] = 10-8 basic  [OH-] = 10-6
If [H+] = 10-7 then [OH-] = 10-7 neutral (SATP)

 

The [H+] is important in the study of acid-base chemistry. pH is the widely used scale which indicates the [H+]. pH was introduced by a Danish scientist Sorensen. pH = -log[H+]  or pH =        1        .
                                     
log[H+]
Given pH the [H+] can be calculated by using [H+] = 10 - pH
A logarithm is defined as the power to which ten must be raised to get a number. A logarithm is shorthand for big or small numbers. 
Examples:
log10 = log(101) = 1
log100 = log(102) = 2

log1000 = log(103) = 3 
 

pH = -log[H+]

For a neutral solution 

pH = -log [10-7]
pH = - [-7]
pH = 7     A solution that has a pH of 7 is neutral (at SATP).
An acidic solution the [H+] > 10-7 so pH < -log(10-7) therefore pH < 7

For a basic solution the pH > 7 because [H+] < 10-7.

Example:
[H+] = 5 x 10-3
pH = -log [5 x 10-3]
pH =  -log [0.005]
pH = - (-2.3) = 2.3
 

pH and pOH

Chemist sometimes use pOH to describe acid and base solutions. pOH is defined in a way which is similar to pH: 

pOH = - log [OH-]   or [OH-] = 10 - pOH
Kw = [H+] x [OH-] = 1 x 10-14 (at 25ºC)

pKw= pH + pOH
14= pH + pOH

 

Example:
If pH = (2.3) what is the [OH-]?
pH + pOH = 14
pOH = 14 – pH
pOH = 14 – 2.3
pOH = 11.7
pOH = -log [OH-]
[OH-] = inverse log -11.7  or  (10 - 11.7)
[OH-] = 2.0 x 10-12
 

The Arrhenius definition is narrow because it limits the definition to aqueous solutions and only one kind of base (substance must contain the OH- ion). The basic solution of NH3, ammonia, could not be explained when using the Arrhenius definition of a base. To broaden the definition two chemists Bronsted and Lowry proposed a new definition that stressed the role of the hydrogen ion.
 

Bronsted- Lowry
 

Acid is a substance that contains ionizable hydrogen H+ that it loses; an acid is seen as a proton donor.
 

Bases are defined as substances that are proton (H+) acceptors. This definition no longer restricted the base to a substance containing the OH-. The chemist could now explain why NH3 solutions are basic. The ammonia molecule accepts a proton from the water to form NH4+, the ammonium ion. The water stripped of a H+ forms the OH- ion, the [H+] decreases and the [OH-] increases. The polarity of the ammonia can be used to explain why the solution becomes basic.
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The hydrogen from water is attracted to the lone pair of electrons on the nitrogen atom and forms a coordinate covalent bond. The NH3 acts as a base and the water acts as an acid (proton donor). For the reverse reaction the NH4+ ion donates the proton, acts as an acid and the OH- accepts the proton, acts as a base. Note that the ammonia acting as a base creates an acid, the NH4+. The water acting as an acid creates a base, the OH- ion. The two substances, linked by the loss or gain of a proton, are called conjugate acid-base pairs. 
 

Base               Conjugate acid
   \                                    \
NH3(g) + H2O(l)   ↔   NH4+(aq) + OH-(aq)
                   /                                       /
               Acid                          Conjugate Base
 
NH3 first accepts a hydrogen ion (in the forward reaction) so it is classified as the base.
In the reverse reaction is gives up a hydrogen ion, which makes it the conjugate acid to the base in the forward reaction. The opposite occurs for the original acid. The water molecule is viewed as an acid because in the forward reaction it gives up a hydrogen ion.  In the reverse reaction the hydroxide ion receives a hydrogen ion, which makes it a base, this is why the water is viewed as an acid and the hydroxide molecule is viewed as it’s conjugate base.
 

HCl(aq) + H2O(l)   ↔   H3O+(aq) + Cl-(aq)
Acid         Base
Conjugate     Conjugate
    Acid           Base
Notice the different roles played by the water in the above examples. The water has acted as both an acid and a base, depending on what it is mixed with. Substances that can act as both an acid and a base are amphoteric (also called amphiproteric). 
 

The electrostatic forces of the dipolar molecules of water interact with other molecular dipoles as well as ionic forces. Strong forces of attraction to water molecules may cause polar molecules to be ripped apart into ions (ionization) or rip ions out of a crystal lattice (dissociation). Solutions with electrolytes contain ions that conduct an electric current. Solutions with large numbers of ions are strong electrolytes; the substance undergoes a high degree of ionization or dissociation. The equilibrium position lies in favor of the ionic form:
Strong acid:
HA(aq) + H2O(l) ↔ H3O+(aq) + A-(aq)
This equation represents the solution of a strong acid; the acid molecules undergo a high degree of ionization. The ionic form is favored when equilibrium is established.
 

Solutions with small numbers of ions are weak electrolytes; the substance undergoes a low degree of ionization or dissociation. The equilibrium position lies in favor of the molecular form:
Weak acid:
HA(aq) + H2O(l) ↔ H3O+(aq) + A-(aq)
This equation represents the solution of a weak acid; the acid molecules undergo a low degree of ionization. The molecular form is favored when equilibrium is established.
 

The equation for a strong base:
B(aq) + H2O(l) ↔ BH+(aq) + OH-(aq)
Strong bases dissociate completely. The equilibrium position lies in favor of the dissociated form.
 

The equation for a weak base:
B(aq) + H2O(l) ↔ BH+(aq) + OH-(aq)
Weak bases have a low degree of dissociation. The equilibrium position lies in favor of the associated form.
 

Strong acid:
HCl(g) + H2O(l) ↔ H+(aq) + Cl- (aq)
 

Weak acid:
CH3COOH(aq) + H2O(l) ↔ H+(aq) + CH3COO-(aq)
This equilibrium can be described by using equilibrium constant:
Keq=   [H+] [CH3COO-]   .
          [CH3COOH] [H2O(l)]
[H2O] is a constant, so collect the constants
(Keq)[H2O(l)] = [H+] [CH3COO-]


   [CH3COOH]
 (Keq) [H2O] is represented Ka (ionization constant for an acid) 
 

Ka = [H+] [CH3COO-]    =   1.8 x 10-5

[CH3COOH]
Ka < 1 weak acid

 

Ka= [H+] [Cl-]

[HCl]
Ka > 1 strong acid

 

The general formula to show the ionization of a weak acid: HA(aq) ↔ H+(aq) + A-(aq)   (A- is the conjugate base)
The general Ka expression: Ka = [H+] [A-]
                                                       [HA]
 

Weak base:
NH4OH(aq)              ↔      NH4+(aq)+ OH-(aq)
NH4OH is a complex structure for (NH3(aq) + H2O(l))
Not a good conductor, favors the molecular form.
 

Kb=   [NH4+] [OH-]     =    1.8 x 10-5
            [NH4OH]
Kb < 1 Weak base
 

Strong base:
NaOH(aq) + H2O(l) ↔ Na+(aq) + OH-(aq)
Favors the dissociated form.
Kb > 1 Strong base
 

The general formula to show the ionization of a weak base: B(aq) + H2O ↔ BH+(aq) + OH-(aq)   (BH+ is the conjugate acid)
The general Kb expression: Kb = [BH+] [OH-]       (the H2O is not included – constant)
                                                       [B]
 

Example: 1
a) What is the pH of an ethanoic acid solution with a concentration of 0.100M? 
b) What is the percent ionization of this acetic (ethanoic) acid solution?
a)
Ka CH3COOH = 1.82 x 10-5 
[H+] = x
[CH3COOH]i = 0.100M
 

CH3COOH(aq) ↔ H+(aq) + CH3COO -(aq)
 

Ka = [H+]e [CH3COO-]e               [H+]e= [CH3COO-]e 1:1 ratio

[CH3COOH]e
                                                           [H+]e = x  =   [CH3COOH]R            ([CH3COOH]R – ionized)
Ka =              x2e                                 [CH3COOH]e = [CH3COOH]i - [H+]e = 0.100M
         [CH3COOH]e                             Because it is a very weak acid [CH3COOH]R = 0
 

x2 = Ka x [CH3COOH]e
x2 = 1.82 x 10-5 x 0.100
x2 = 1.82 x 10-6
[H+] = x = 0.00135M
pH = -log[H+]
pH = -log[0.00135]
pH = 2.87
 

b) What is the degree of ionization for ethanoic (acetic) acid?
% ionization =         [H+]       x 100 =  0.00135   x 100 = 1.35%  (very low degree of ionization)
                       [CH3COOH]                  0.100
 

If the degree of ionization is large enough (5% or greater) the equilibrium concentration is not the same as the initial concentration; the quadratic equation must be used to solve the problem.
[CH3COOH]e = [CH3COOH]i - [CH3COOH]R
[CH3COOH]r = [H+]
[CH3COOH]e = [CH3COOH]i - [H+]
[CH3COOH]e = [CH3COOH]i - x
x2 = Ka ([CH3COOH]i – x)
x2 +Kax - Ka([CH3COOH]i) = 0
This results in a quadratic equation, which you then must solve.
 

An example of the use of the quadratic equation.
1. The value of Ka for phosphoric acid, H3PO4(aq), is 7.0 x 10-3 at 25(C.

a) Calculate the [H3O+] in a 0.10 M solution of H3PO4.

b) Calculate the percent ionization of the H3PO4
 

H3PO4 ↔ H+(aq) + H2PO4-(aq)

 

Ka= [H+] [H2PO4-]         [H+] = [H2PO4-] = x          [H3PO4]e = [H3PO4]i - x

          [H3PO4]

 

Ka=    x2     . 

        0.10 – x

 

7.0 x 10-3 =    x2     .
                     0.10 – x

 

x2 = -7.0 x 10-3x + 7.0 x 10-4
 

x2 + 7.0 x 10-3 x – 7.0 x 10-4 =0

                 _______

x = -b±   √ b2  – 4ac 

            2a

                             ____________________________

x = -7.0 x 10-3 ± √ (7.0 x 10-3)2 – 4 x 1 x – 7.0 x 10-4
                             2 x 1

                             _____________________

x = -7.0 x 10-3 ± √ 4.9 x 10-5 – -2.8 x 10-3
                            2


__________

x = -7.0 x 10-3 ± √ 2.85 x 10-3
                    2

 

x = -7.0 x 10-3 ±  5.34 x 10-2
                      2

 

 x =  4.64 x 10-2
          2

 

 x = 2.32 x 10-2 = [H+]

pH = - log[2.32x10-2] = 1.63

 

% ionization = 2.32x10-2  x 100 = 23.2%

                           0.10

Example 2

What is the pH of a 0.100 M solution of ammonia? Kb = 1.8 x 10-5 
 

NH4OH(aq)  ↔  NH4+(aq)+ OH-(aq)
NH4OH is a complex structure for (NH3(aq) + H2O(l))
[OH-] = x = [NH4+] Ratio = 1:1
[NH4OH]i = 0.100M    [NH4OH]R = [OH-] Ratio = 1:1
[NH4OH]e = [NH4OH]i - [OH-]e = 0.100M    (Because it is a very weak base [NH4OH]R = 0  very low degree of ionization)
 

Kb=   [NH4+] [OH-]     =    1.8 x 10-5
            [NH4OH]
 

Kb=       x2     =    1.8 x 10-5
          0.100  
 

x2 = 1.8 x 10-5 x 0.100
x2 = 1.8 x 10-6
x = 1.34 x10-3 = [OH-]
 

pOH = - log[1.34 x10-3] = 2.87
pH + pOH = 14
pH = 14 – 2.87 =11.1
 

b) What is the degree of ionization ammonia?
% ionization =         [OH-]       x 100 =  0.00134   x 100 = 1.34%  (very low degree of ionization)
                            [NH4OH]                  0.100
If the degree of ionization is large enough (5% or greater) the equilibrium concentration is not the same as the initial concentration; the quadratic equation must be used to solve the problem.
 

Ka and Kb for conjugate acid base pair

 

Ionization of the weak acid
CH3COOH ↔ CH3COO- + H+      To find Ka 
 

Ka = [CH3COO- ] [H+ ] 
                [CH3COOH]

 

The conjugate base of the weak acid
CH3COO- + H2O ↔ CH3COOH + OH-      To find Kb
 

Kb =   [CH3COOH] [OH-]     

               [CH3COO-]     

 

Ka x Kb =[CH3COO- ] [H+ ] x    [CH3COOH] [OH-]    = [H+] x [OH-] = Kw
                     CH3COOH                  [CH3COO-]

 

For conjugate acid – base pairs:

Kw = Ka x Kb = 10-14
 

pKw = pKa + pKb

 

What this means is that, if we know one value for a given conjugate acid base pair, then we can calculate the other value for the other member of the pair. 

 

Example:

The Ka for HA = 1.5 x 10-5, calculate the Kb for the conjugate base.

Ka x Kb = 10-14 

Kb = 10-14 

         Ka 

Kb (for A- -the conjugate base) 

Kb =       10-14           = 6.67 x 10-10 

         1.5 x 10 -5 

This type of calculation is important in doing hydrolysis and buffer calculations (to be covered later). 

 

Lewis Definition

The final word in Acid-base definitions is given by Lewis; a chemist who studied the electron structure in atoms and molecules. A Lewis acid is a substance that can accept a pair of electrons to form a coordinate covalent bond. A Lewis base is a substance that can donate a pair of electrons to form a coordinate covalent bond. This definition broadened the study of acids and bases to include more compounds.
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The traditional acid base reaction:
H+      +     OH-    →    H2O
Lewis       Lewis
Acid         Base
Neutralization Reactions 

When a solution containing H+ (a strong acid) is mixed with a solution containing an equal number of OH- (a strong base) the properties of both the acid and base are destroyed (have been neutralized). The mixture results in the formation of a salt and water.  The general equation for neutralization:

Acid + Base → Salt + water

 

This is a double replacement reaction with the H+ and OH- ions as the reactive species and the other ions are spectator ions. The products are a salt, which is an ionic compound and HOH (water) a molecular species formed from ions. 

 

Write a balanced chemical equation for the following:

HNO3 + KOH → 

HCl + Mg(OH)2 → 

H2SO4 + NaOH → 

 

A balanced chemical equation represents the chemical reaction and the coefficients show the mole ratio for the reaction. 

 

1. How many moles of HNO3 are needed to neutralize 0.86 moles of KOH?

2. How many moles of HCl are needed to neutralize 3.5 moles of Mg(OH)2 ?

 

Acid base reactions usually occur in solution. When you add the same number of moles of acid and base, the solution is neutral if the acid and base are both monoprotic, diprotic or triprotic. Because acids and bases differ in their protic character, it is better to say that neutralization occurs when moles of H+ equals moles of OH-. Moles of H+ = MH+ x VH+ and moles OH- = MOH- x VOH-. 

For neutralization:

Moles H+ = moles OH-
MH+ x VH+ = MOH- x VOH-

 

3. If it takes 87 mL of an HCl solution to neutralize 0.67 moles of Mg(OH)2 what is the concentration of the HCl solution?

4. If it takes 58 mL of an H2SO4 solution to neutralize 0.34 moles of NaOH what is the concentration of the H2SO4 solution?

 

The molarity of a solution is usually stated in moles of substance per litre of solution. The chemist as a consequence needed to define a mole of H+ or mole of OH-. The term the chemist uses for these is equivalent. An equivalent of acid is the amount of acid needed to produce 1 mole of H+ and an equivalent of base is the amount of base needed to produce 1 mole of OH-. The concentration of acid or base solutions can be given in equivalents per litre. Neutralization occurs when the number of equivalents of acid (moles of H+) equals the number of equivalents of base (moles of OH-).

A new form of concentration is used for acid and base solutions. The chemists use Normality:

Normality = equivalents of acid (or base)
                             Litre of solution (V)

N = Equiv (acid or base)
                     V (L)

Equiv (acid) = NA x VA 

Equiv (base) = NB x VB 

Neutralization means

Equiv (acid) = Equiv (base)
NA x VA = NB x VB​

moles of H+= moles of OH- 

 

Calculating the Normality of a solution 

To calculate the normality of a solution you must calculate the number of equivalents. A simple way to do this is to calculate the number of moles and then convert to equivalents by using the number of equivalents per mole (mono, di or tri- protic).

Example:

98.0g H2SO4 x  1 mole = 1mole x 2 equiv.   = 2 equiv.

                           98.0g                   1 mole

0.500 mole H2SO4 x 2 equiv. = 1.00 equiv = 1.00N.

            L                    1 mole                 L

 

By using normality all acid – base reactions are reduced to 1:1 ratio (1 mole H+ : 1 mole OH- = 1 mole H2O) 

 

Titration

Titration is an analytical process used to determine the concentration of an unknown acid or base solution. During the titration of an acid you measure the volume of a base of known concentration that is required to neutralize a known volume of an acid solution of unknown concentration. The base is added until you reach the equivalence point, equivalents of acid equals the equivalents of base; this is the point of neutralization. An acid – base indicator is used to alert us to the fact that we have reached the equivalence point. When the indicator changes colour we have finished the titration; reached the end point. We can use the data collected to determine the concentration of the acid solution.

Na x Va = equivalents of acid

Nb x Vb = equivalents of base

At the end point (which we take to be the equivalence point):

Moles of H+ = moles of OH- 

Na x Va = Nb x Vb 

 

The titration equation is used to calculate one of the variables as an unknown.

Na x Va = Nb x Vb

 

Practice

1. What is the normality of the following?

2.0 M hydrofluoric acid

0.18 M phosphoric acid

4.0 M potassium hydroxide

0.0020 calcium hydroxide 

 

More Practice

1. If it takes 45.0mL of a 1.0M NaOH solution to neutralize 57.5mL of HCl, what is the concentration of the HCl ?

2. If it takes 67.0mL of 0.500N H2SO4 to neutralize 15.0mL of Al(OH)3 what was the concentration of the Al(OH)3?

3. How much of a 0.275M HCl will be needed to neutralize 25.0mL of .154N NaOH?

 

Salt Hydrolysis

CH3COOH is a weak acid, which means the ionization equilibrium lies in favour of the molecular form. Very few hydrogen ions are released into the solution because the hydrogen remains in the molecular form. The ethanoic acid has a low degree of ionization (about 1%). When a salt of this weak acid is dissolved the ethanoate ion absorbs the H+ from the self-ionization of water.

H2O ↔ H+ + OH-   (Equilibrium is established through the self ionization of water.)

CH3COO- + H+ → CH3COOH    (CH3COO- (anion) join with the H+ from the water)

The [H+] decreases so more H2O ionize, the equilibrium shifts toward the products. The hydrogen ion concentration is decreasing (because they are being used up), the quantity of hydroxide ions [OH-] is increasing in comparison to the hydrogen ions. This means that the [H+] becomes less then the [OH-] which makes the solution basic. The pH of the salt solution is above 7. Salt hydrolysis occurs when the cation or anion of the dissociated salt accept a H+ or donates a H+ to water. These salts are formed when a weak acid reacts with a strong base or a strong acid reacts with a weak base.

Example 1:

NaOH(aq) + CH3COOH(aq) → NaCH3COO(aq) + H2O(l)

NaCH3COO(aq) → Na+ + CH3COO-   (favoured form)
H2O ↔ H+ + OH-
CH3COO- + H+ → CH3COOH

[OH-] > [H+] salt solution is basic

 

Example 2:

NH4OH(aq) + HCl(aq) → NH4Cl(aq) + H2O(l)

NH4Cl(aq) → NH4+(aq) + Cl-(aq)     (favoured form)
H2O ↔ H+ + OH-
NH4+(aq) + OH- → NH3(g) + H2O(l)      ( the OH- from the water is used in the reaction)

[H+] > [OH-] salt solution is acidic.
 

A salt solution is not always neutral even though it comes from the neutralization process. Salt solutions formed when a weak acid reacts with a strong base are basic. Salt solutions formed when a strong acid reacts with a weak base are acidic.

 

Buffers

Buffers are solutions in which the pH remains relatively constant when small amounts of acid or base solutions are added. Buffer solutions contain either a weak acid and a salt of the weak acid or a weak base and a salt of the weak base.

 

CH3COOH → CH3COO- + H+   (weak acid)

CH3COO- + H+ → CH3COOH    (salt of weak acid)

 

If an acid is added to the buffer solution the additional H+ are removed by the anion from the salt (CH3COO-); the [H+] stays constant (pH remains constant). If a base is added to the buffer solution the additional OH- are removed by the reaction with the H+ from the weak acid. The H+ that react are replaced by more CH3COOH ionizing, the [H+] remains constant (pH remains constant).

 

NH4+(aq) + H2O(l) ↔ NH3(g) + H3O+(aq)  (salt of a weak base)

NH3(g) + H2O(l) ↔ NH4+(aq) + OH-(aq)    (weak base)

If an acid is added to the buffer solution the additional H+ are removed by the weak base; the [H+] stays constant (pH remains constant). If a base is added to the buffer solution the additional OH- are removed by the reaction with the H3O+ from the salt of the weak base. The H+ that react are replaced by more NH4+(aq) ionizing, the [H+] remains constant (pH remains constant).

 

PH indicators
Indicator: A weak organic acid or base that changes color when the pH of the solution changes. The weak acid (H+ donor) has 2 or more colours determined by the degree of ionization of the weak acid. 

                      Molecular           ionic

                              HIn ↔ H+ + In-
                      1st colour              2nd colour (anion)

 

Molecular form is one color:

Ionic Form (monoprotic) 2nd color
Ionic Form (diprotic) 3rd color
 

The colour change occurs over a pH range of approximately 2. The transition is a mixture of both colours. The indicator equilibrium can be described using an equilibrium constant:

Ka = [H+]e [In-]e ← anion (color 1)


[HIn]e    ← molecule (color 2)

When the transition colour is a 50/50 mixture of both colours half the indicator has been ionized and the other half has not; the concentrations are equal [HIn] = [In]. Since half of the particles have been ionized and the other half have not, these two equal quantities cancel out and leave the hydrogen ions. The quantity of hydrogen ions is equal to the Ka of the acid.

 

Ka = [H+] 

The pH of the solution at its turning point is called the pKln and is the pH at which half of the indicator is in its acid form and the other half in the form of its conjugate base.
Example:

Bromthymol Blue (Changes color when either protons are donated or accepted)

 

         Yellow                           Blue

             HBb + OH- ↔ H2O + Bb-
             HBb            ↔ H+ +  Bb-
 

When added to an acid a yellow color occurs; Acidic [H3O+] > [OH-] yellow molecular form.

When added to a base color changes to blue; Basic [H3O+] < [OH-] blue negative ions

The two above have a difference of only one proton

 

HMo   →     H+        +       Mo- 
(balance of methyl orange molecule) 

red         Colorless          yellow

The transition colour is orange (mixture of red and yellow)

Intermediate (transition) color can show strength of indicator acid or the pH of a solution.

 

KHMo = [H+] [Mo-] = 10-4

 [Hmo]

The pH when orange colour appears is 4.

Universal Indicator a combination of indicators; there are color changes at different levels of pH.

 

Indicators are used in titration solutions to signal the completion of the acid-base reaction.

Indicator 
Colour 
pKln 
pH range 


Acid 
Base 


Thymol Blue - 1st change 
red
yellow
1.5
1.2 - 2.8

Methyl Orange 
red
yellow
3.7
3.2 - 4.4

Bromocresol Green
yellow
blue
4.7
3.8 - 5.4

Methyl Red
yellow
red
5.1
4.8 - 6.0

Bromothymol Blue 
yellow
blue
7.0
6.0 - 7.6

Phenol Red 
yellow
red
7.9
6.8 - 8.4

Thymol Blue - 2nd change 
yellow
blue
8.9
8.0 - 9.6

Phenolphthalein 
colourless 
pink
9.4
8.2 - 10.0

 

