Chapter 9- ACIDS, BASES, and SALTS

Chapter Outline
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· Brønsted-Lowry’s Definitions of Acids and Bases

· Brønsted-Lowry’s Concept of Acid-Conjugate Base Pairs

· Naming Binary and Oxo-Acids

· Is Water an Acid or a Base?

· The pH Scale

· Calculations of pH of solutions of strong acids and strong bases.

· Relative Strength of Acids and Bases

· Analyzing Acids and Bases

· Acid-Base Titration and Calculations Involving Titration Data

· Hydrolysis Reactions of Salts

· Buffer Solutions

Before the 20th Century, acids, bases and salts are characterized by properties such as taste and their ability to change the color of litmus (an organic dye). Acids taste sour, bases taste bitter, and salts are salty. Acids turn blue litmus to red, while bases turn red litmus to blue. 

Arrhenius Definitions:

· Acids are substances that dissociate in water to produce hydrogen ions (H+).

· Bases are substances that dissociate to produce hydroxide ions (OH-). 

Examples:


HCl is an acid: 
HCl(aq)  (  H+(aq)  +  Cl-(aq);



NaOH is a base: 
NaOH(aq)  (  Na+(aq)  + OH-(aq); ( NaOH is a base.

Brønsted-Lowry Definitions:

· Acids are substances that donate/lose a proton in chemical reactions;

· Bases are substances that accept/gain a proton in chemical reactions.

Examples of Bronsted-Lowry acid-base reactions:


 H:A   +   B:    ( (    B:H+    +    A-
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Acid2            base1

(conjugate acid-base pairs are HA-A- and B:H+-B:) 
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(Conjugate acid-base pairs: HCl-Cl-  and  H3O+-H2O)


NH4+(aq)   +  OH-(aq)   ( (    H2O    +    NH3(aq)        
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(conjugate acid-base pairs:  H2O-OH-  and  NH4+-NH3)

Exercise-1: Identify all Brønsted acids, bases, and their acid-conjugate base pairs:

a.
HC2H3O2(aq)  +  H2O  ((  H3O+(aq)  +  C2H3O2-(aq);

b.
CH3NH2(aq)  +  H2O   ((  CH3NH3+(aq)  +  OH-(aq);

c.
H2SO4(aq) + H2O  ((  H3O+(aq)  +  HSO4-(aq);

d.
H2PO4-(aq)  + H2O  ((  H3O+(aq)  +  HPO42-(aq);

_________________________________________________________________________

Naming Acids 

There are TWO types of acids: 

· Binary acids (acids that do not contain oxygen atom); 

· Oxo-acids (those containing oxygen atoms in their formula)

The names of binary acids start with hydro-, followed by the first syllable of the anion's name, and end with -ic: 

HF -  hydrofluoric acid;
HCl - hydrochloric acid;
HBr - hydrobromic acid;

HI  - hydroiodic acid;

H2S - hydrosulfuric acid;
HCN - hydrocyanic acid;

The names of oxyacids are derived from the name of oxy-anion the acids contain.  For an  anion whose name ends with -ate, the acid’s name starts with the first syllable of the anion and ends with –ic.  If the anion’s name ends with -ite, the name of acid starts with the first syllable of the anion's name and ends with -ous.

Anions
Anion’s Names
Acids
Names of Acids___

NO3-
nitrate ion
HNO3
nitric acid

NO2-
nitrite ion
HNO2
nitrous acid

SO42-
sulfate ion
H2SO4
sulfuric acid

SO32-
sulfite ion
H2SO3
sulfurous acid

PO43-
phosphate ion
H3PO4
phosphoric acid

C2H3O2-
acetate ion
HC2H3O2 
acetic acid

ClO-
hypochlorite
HClO
hypochlorous acid

ClO2-
chlorite
HClO2
chlorous acid

ClO3-
chlorate
HClO3
chloric acid

ClO4-
perchlorate
HClO4
perchloric acid

____________________________________________________

Note that, the ionizable hydrogen in oxo-acids is bonded to the oxygen in the molecule.

Strong and Weak Acids

Strong acid – one that ionizes completely in aqueous solution;  

Examples of Strong Acids:  HClO4, HCl, H2SO4, HNO3, HBr, and HI 

Weak acid – one that do not ionize completely in aqueous solution;

Examples of weak acids:  HC2H3O2, HF, HNO2, HClO, HClO2, H2SO3, H2CO3, and H3PO4.

Strong bases also ionize completely when dissolved in water.

Examples:  NaOH, KOH, and Ba(OH)2
Weak bases do not ionize completely when dissolved in water.

Examples:  NH3 (or NH4OH), NH2OH, Mg(OH)2, and all hydroxides and oxides that are only slightly soluble in water. 

What determines acid strength?

     Consider the following reversible process when an acid is dissolved in water:


HA(aq)  +  H2O  ((  H3O+(aq) +  A-(aq)
In the forward reaction, acid HA donates a proton to water molecule to form hydronium ion, H3O+, and the conjugate base A-. Water acts as a Bronsted-Lowry’s base.

· The acid strength is measured in terms of their degree of ionization (or dissociation) in water. If an acid ionizes completely, it is considered a strong acid.  

· A strong acid has a weak conjugate base - the conjugate base loses its proton to water quite readily. It is less willing to compete for a proton with water. The stronger the acid, the weaker is its conjugate base.

· The equilibrium for strong acid shifts far to the right. The acid ionization constants, Ka, for strong acids are very large.

A weak acid does not readily gives up its proton to water. Its conjugate base is a stronger base than water. The weaker the acid, the stronger is its conjugate. The ionization equilibrium for weak acids shifts far to the left. 

· Strong acids have weak conjugate bases and weak acids have strong conjugate bases.

    
Cl-, Br-, I-, ClO4-, HSO4-, and NO3-  are weak conjugate bases;


C2H3O2-, F-, CN-, NO2-, HSO3-, SO32-, H2PO4-, HPO42-, PO43- are strong conjugate bases;

An aqueous solution of strong acid contains only hydronium ions, H3O+, and its conjugate bases.  For example, in HCl(aq) solution there are only H3O+ and Cl- ions, but no HCl molecules. While an aqueous solution of weak acid, such as acetic acid, contains mainly the undissociated molecules, HC2H3O2, with a small fraction (~1%) of H3O+ and C2H3O- ions.

Exercise-2:

1.
Select all acids that have strong conjugate bases?


(a) HNO3
(b) H3PO4
(c) HClO
(d) HBr
(e) H2S

2.
Select all acids that have weak conjugate bases?


(a) HF

(b) HClO4
(c) HI

(d) HCN
(e) H2SO4

________________________________________________________________________

Is Water as an Acid and a Base?


Water may acts as an acid or a base. It is an amphoteric substance – one that can act as an acid or a base.

Ionization of water:   2H2O (( H3O+(aq)  +  OH-(aq);

The equilibrium constant expression is,  K = [H3O+][OH-]






       [H2O]2

k[H2O]2 = Kw =  [H3O+][OH-] = 1.0 x 10-14  at 25oC

Kw is called ion-product constant for water.

In pure water, the molar concentration, [H3O+] = [OH-] = √(1.0 x 10-14) = 1.0 x 10-7 M.

(For simplicity we will use the concentration symbol [H+] for [H3O+]) 

If  [H+] = [OH-] = 1.0 x 10-7 M  => the solution is said to be neutral;

If  [H+] > 1.0 x 10-7 M,  [OH-] < 1.0 x 10-7 M,  => solution is acidic ([H+] > [OH-])

If  [H+] < 1.0 x 10-7 M,  [OH-] > 1.0 x 10-7 M,  => solution is basic  ([H+] < [OH-])

The pH Scale  


The pH scale is used to measure the acidity (or basicity) of a solution, especially when the hydrogen ion concentration is very low.  


pH = - log[H+].  
Likewise,  pOH = - log[OH-]

In neutral solutions,  [H+] = 1.0 x 10-7 M,  (  pH = - log(1.0 x 10-7) = 7.00;

Neutral solutions also contains  [OH-] = 1.0 x 10-7 M, ( pOH = - log(1.0 x 10-7) = 7.00

In acidic solutions,  [H+] > 1.0 x 10-7 M, and  pH < 7.00;

while in basic solutions, [H+]  < 1.0 x 10-7 M, and  pH > 7.00.

Thus,  
pH = 7  ( a neutral solution;  


pH < 7 ( an acidic solution, and  


pH > 7 ( a basic solution

(Note:  Kw = [H+][OH-] = 1.0 x 10-14; ( pKw = - log(Kw) = - log(1.0 x 10-14) = 14.00

But,  pKw = pH + pOH = 14.00;  (  pOH = 14.00 - pH,  and  pH = 14.00 - pOH;

When  pH = 7 ( pOH = 7;  pH < 7 ( pOH > 7, and  pH > 7  ( pOH < 7;

Thus,  pH < 7 ( [H+] > [OH-];  and  pH > 7 (  [OH-] > [H+] 

Examples:  When  [H+] = 1.0 x 10-4 M,  pH = - log(1.0 x 10-4) = 4.00;


When  [OH-] = 1.0 x 10-4 M, [H+] = 1.0 x 10-14    = 1.0 x 10-10 M; pH = 10.00







 1.0 x 10-4 M
Alternatively, [OH-] =  1.0 x 10-4 M (  pOH = -log[OH-] = -log(1.0 x 10-4 M) = 4.00;


( pH = 14.00 – 4.00 = 10.00

Quick Reference for [H+] and pH 

—————————————————————————————————————


[H+], M
 pH



[H+], M

 pH

       ————————————
       
       ——————————————

1.0 x 10-1
1.00



1.0 x 10-8

 8.00


1.0 x 10-2
2.00



1.0 x 10-9

 9.00


1.0 x 10-3
3.00



1.0 x 10-10

10.00


1.0 x 10-4
4.00



1.0 x 10-11

11.00


1.0 x 10-5
5.00



1.0 x 10-12

12.00


1.0 x 10-6
6.00



1.0 x 10-13

13.00


1.0 x 10-7
7.00



1.0 x 10-14

14.00

——————————————————————————————————————

Acis and The Hydrogen Ion Concentration:


For strong monoprotic acids (those containing one ionizable hydrogen atom), such as HCl, HNO3, and HClO4, [H+] = [HX]0 (initial acid concentration)

For example, a solution of 0.10 M HCl has [H+] = 0.10 M, and the pH of solution is 1.00

Since weak acids dissociate only partially, the [H+] << [HX]0 (initial acid concentration). 

For example, a solution of 0.10 M HF has [H+] << 0.10 M and pH > 1.00

Strong bases also dissociate completely and produce a high concentration of OH-. For strong bases such as NaOH and KOH, which contain one equivalence of OH- per mole, the OH- concentration is the same as the initial base concentration. For example, a 0.10 M NaOH solution contains [OH-] = 0.10 M. The pH of this solution is 14.00.

A strong base such as Ba(OH)2, which contains two equivalence of OH- per mole, the OH- concentration is equal to twice the initial base concentration. That is, a 0.10 M Ba(OH)2 solution has [OH-] = 0.20 M and the pH of 0.10 M Ba(OH)2 is 14.70

In weak bases the [OH-] is much less than the initial concentration of the base dissociate only partially. For example, a 0.10 M NH3 solution has [OH-] << 0.10 M. The pH of 0.10 M NH3 solution < 14.00

Exercise-3:

1.
Calculate [H+] and [OH-] in the following solutions, and determine the pH and pOH, respectively, of each solution. State whether the solution is neutral, acidic or basic.


(a)  2.0 x 10-4 M HCl




(b)  2.0 x 10-5 M NaOH



(c)  2.5 x 10-4  M Ba(OH)2
2.
What is the concentration [H+] in a solution with pH = 4.75.

3.
What is the concentration [OH-] in a solution with pH = 10.50 

_________________________________________________________________________

Preparing Dilute Acid Solutions 


Most common acids, such as HCl(aq), HNO3, H2SO4, and HC2H3O2 are procured as concentrated solutions. For examples, HCl(aq) comes in 12 M, HNO3 in 16 M, H2SO4 in 18 M, and HC2H3O2 in 17.5 M. Lower acid concentrations are prepared by dilution of concentrated acid solutions. For example, to prepare 1.00 L solution of 1.5 M HCl from the concentrated (12 M) HCl, we would need to know how much of the concentrated acid must be diluted. This is done by calculating the number of moles of HCl needed in the final (dilute) solution as follows:

      Mole HCl in final solution = 1.00 L solution x (1.5 mol/L solution)  = 1.5 mole HCl

We can then calculate the volume of concentrated acid that contains the same mole of HCl, such as,


? L of conc. HCl x (12 mol/L solution)  = 1.5 mole HCl


? L of conc. HCl = 1.5 mole HCl x (L HCl/12 mol HCl) = 0.125 L = 125 mL.

That is, 125 mL of 12 M HCl is needed to make 1.00 L of 1.5 M HCl solution. We can prepare this solution in a 1.00-L volumetric flask as follows: 

· The volumetric flask is first filled with de-ionized water to about a-third full, 

· 125 mL of conc. HCl is carefully measured and transferred quantitatively into the flask, 

· after initial mixing, more de-ionized is added until the water meniscus comes to the 1.00-L mark on the neck of the flask. 

· The solution is thoroughly mixed by inverting the stoppered flask several times.

(A simple equation that can be used in dilution method is, M1V1 = M2V2; where subscript-1 implies initial solution and subscript-2 implies final solution.)

Exercise-4:

1.
Describe how you would prepare 500. mL of 0.45 M NaOH solution from 6.0 M NaOH.

2.
How many milliliters of 15 M NH3 are needed to prepare 2.00 L of 3.0 M aqueous ammonia solution?

3.
If 75.0 mL of 6 M HCl(aq) is diluted with de-ionized water to make 1.5 L solution, what is the concentration of the dilute acid?

——————————————————————————————————————

Volumetric Analyses by Acid-Base Titration


Volumetric analysis is a method of determining the concentration of one solution by titration using another solution which concentration and the reaction stoichiometry are known. Titration is a technique of carrying out a reaction involving solutions such that their exact volumes are known. One of the solutions (usually the acid) of known volume is placed in an Erlenmeyer flask or beaker and the base solution is added from a buret until the end-point is reached. The titration requires the use of a suitable acid-base indicator, which is added to the acid solution in the flask (or beaker). An acid-base indicator is an organic substance that exhibits a different colors in acidic and basic solution. 

The end-point of titration is indicated by a change in the indicator color. If the volume and concentration of the acid are known, its number of moles can be calculated.  From the reaction stoichiometry (from the balanced equation), the number of moles of the base and its concentration can be determined.

Calculations of Molar Concentration from Acid-base Titration.

When an acid such as HCl(aq) is titrated with aqueous NaOH, the following reaction occurs:



HCl(aq)  +  NaOH(aq)  (  NaCl(aq) + H2O;

The stoichiometric ratio of HCl to NaOH is 1 mole HCl to 1 mole NaOH. In titration, the volume and concentration of the standard solution (acid or base) are known, but only the volume of the other solution (acid or base) whose concentration to be determined is known. The above stoichiometry enables us to calculate the unknown concentration. 

Example-1: suppose that 25.00 mL of 0.2250 M HCl(aq) is required to neutralize 27.45 mL of aqueous NaOH solution whose concentration is not known. The mole of each reactant and the concentration of NaOH can be calculated as follows:

     No. of mol of HCl reacted =  25.0 mL x (1 L/1000 mL) x (0.2250 mol/L) = 0.005625 mol.

Since HCl and NaOH react in a 1:1 ratio, 


No. of mol of NaOH = No. of mol of HCl = 0.005625 mol;


Molarity of NaOH = (0.005625 mol/0.02745 L)  = 0.2049 M

Example-2: 20.0 mL H2SO4 of unknown concentration requires 32.0 mL of 0.205 M NaOH. Calculate the concentration of H2SO4 solution. The reaction between sulfuric acid and NaOH is



H2SO4(aq) +  2 NaOH(aq)  (  Na2SO4(aq) +  2 H2O

The stoichiometric ratio is 1 mole of H2SO4 to 2 moles of NaOH. In the above example,

Mol of NaOH reacted = 0.205 mol. NaOH  x 32.0 mL x    1 L___  = 0.00656 mol;




       1 L solution

       1000 mL

Mol of H2SO4  = Mol NaOH x (1 mol H2SO4/2 mol NaOH) 




= 0.00656 mol NaOH x (1 mol H2SO4/2 mol NaOH)  = 0.00328 mol

     Molarity of H2SO4 = 0.00328 mol H2SO4 = 0.164 M





0.0200 L

Exercise-5:

1.
In an acid-base titration, 25.0 mL of 0.204 M HCl(aq) requires 22.5 mL of NaOH(aq) to reach end-point. What is the concentration of NaOH(aq)?

2.
A 10.0-mL sample of a brand of vinegar is titrated with 0.225 M NaOH(aq) solution, which requires 36.0 mL of the base to reach end-point. What is the molar concentration of acetic acid in the vinegar? The reaction is




HC2H3O2(aq)  +  NaOH(aq)  (  NaC2H3O2(aq) + H2O

3.
A 20.00-mL solution of barium hydroxide, Ba(OH)2(aq), is found to require 28.40 mL of 0.1980 M HCl(aq) to neutralize the base. Write a balanced equation for the reaction of barium hydroxide with hydrochloric acid and calculate the molar concentration of the base.

___________________________________________________________________________ 

Salts and the Properties of Salt Solutions 


Salts are products of acid-based reactions. For example, NaCl is a product of the following acid base reaction:



HCl(aq)  +  NaOH(aq)  (  NaCl(aq)  +  H2O

In the chemical formula of a salt, the cation is contributed by the base, while the anion is contributed by the acid in the acid-base reaction. 

Four different types of salts:

· Salts of strong acid-strong base reactions (e.g. NaCl, KNO3, NaClO4, etc.)

· Salts of weak acid-strong base reactions (e.g. NaC2H3O3, K2CO3, KCN, NaCHO2, etc.)

· Salts of strong acid-weak base reactions (e.g. NH4Cl, NH4NO3, HONH3Cl, etc.)

· Salts of weak acid-weak base reactions (e.g. NH4C2H3O2, NH4CN,  NH4HS, etc.)

These different types of salts when dissolved in water will produce either acidic, basic, or neutral solutions. Salts derived from strong acid-strong base reaction will yield a neutral solution; for example, aqueous solutions of NaCl, KNO3, NaClO4, etc. are neutral.

Salts from weak acid-strong base reactions will form basic solutions; for example, aqueous solutions of NaC2H3O2, K2CO3, Na3PO4, etc. are basic. The basic nature of the salt solution is due to the hydrolysis reactions of the strong conjugate base of the weak acid. These strong conjugate bases can compete for the H+ ions in water. For example,


        NaC2H3O2(aq)  (  Na+(aq)  +  C2H3O2-(aq);  (dissociation of ionic compound)


C2H3O2-(aq)  +  H2O ((  HC2H3O2(aq)  +  OH-(aq)
The second reaction, called hydrolysis reaction, produces OH- ions and a basic solution.
Salts that are formed from strong acid-weak base reactions are acidic; for example, aqueous solutions of NH4Cl and NH4NO3 are acid. For example,



NH4Cl(aq)  (  NH4+(aq)  +  Cl-(aq) 


NH4+(aq)  + H2O  ((  NH3(aq) +  H3O+(aq)
The hydrolysis reaction of NH4+ produces H3O+, which makes the solution acidic. Finally, salts of weak acid-weak base reactions may be acid, basic, or neutral, depending on the relative strength of NH4+ as an acid and the respective anion as a base. For example, aqueous solution of ammonium acetate, NH4C2H3O2, is neutral, whereas aqueous solution of ammonium phosphate, (NH4)3PO4, is basic, and ammonium nitrite, NH4NO2 solution is slightly acidic.

Exercise-6:
1.
Predict whether each of the following salt solutions is expected to be neutral, acid, or basic:



(a) NH4ClO4, 

(b) NaF
(c) KI

(d) NH4NO3
 
(e) Na2CO3 

________________________________________________________________________


Buffer Solution

· A solution that is able to maintain its pH (with very little change) even when a little amount of strong acid or strong base is added to it.

Consider the following cases: 

When 0.01 mol of HCl is added to 1 L of pure water, [H+] increases from 10-7 to 10-2 M, and the pH changes from about 7 to 2, which implies that water is not a buffer.

When the same amount of HCl is added to a solution containing a mixture of 1 M acetic acid (HC2H3O2) and 1 M  sodium acetate (NaC2H3O2), the pH of the solution changes very little – the pH changes from 4.74 to about 4.66. Therefore, a solution that is composed of acetic acid and sodium acetate is a buffer solution.

Buffer solutions are made up of a mixture of weak acid and the salt that contains the conjugate base of the acid in fair amounts to provide a buffering capacity.  It can also be made from a mixture of weak base and the salt that has the conjugate acid to the weak base, such as a mixture of NH3 and NH4Cl in fair amount. 

Some examples of buffer solutions are: 


HC2H3O2-NaC2H3O2,
HCHO2-NaCHO2,  H2CO3-NaHCO3,  KH2PO4-K2HPO4,  

H2SO3-NaHSO3, and NH4Cl-NH3(aq).

Buffered solutions are vital to living organisms.  All metabolic reactions are controlled or accelerated by biological catalysts called enzymes, which function only within a narrow pH range. For example, it is important that our body fluid be maintained at a certain (narrow) pH range. Our blood is maintained at the pH range of 7.30 - 7.40.  A drop to below pH 7 or a rise to above pH 7.5 can be fatal.

What types of buffering reactions occur in a buffered solution?

Consider a buffered solution composed of KH2PO4 and K2HPO4. The species present in solution are primarily K+, H2PO4- and HPO42-. (K+ is a spectator ion and not involved in the buffering reaction.)

When a little strong acid is added to this solution, the H+ ions from the acid reacts with the base component of the buffer (in this case HPO42-):


H+(aq)  + HPO42-(aq)  ( H2PO4-(aq) ….(buffering reaction-1)

When a strong base, such as NaOH is added,  the OH- reacts with the acid component of the base (in this case H2PO4-):


OH-(aq)  +  HC2H3O2(aq)  ( H2O  +  C2H3O2-(aq)  ….(buffering reaction-2)

Reactions (1) and (2) are important buffering reactions that maintain the pH of the solution. Two buffer systems – the phosphate buffer, H2PO4--HPO42-, and carbonic acid-bicarbonate buffer, H2CO3-HCO3-, are important buffer systems that maintain the normal blood pH. The buffering reactions of bicarbonate buffer are:


H+(aq)  +  HCO3-(aq)  (  H2O + CO2(aq);


OH-(aq) +  CO2(aq) + H2O (  2 HCO3-(aq)

Summary of Characteristics of  buffer solutions:

1.
The solution contains a weak acid HX and its conjugate base X-, or a weak base B and its conjugate acid BH+, in fair amount;

2.
A buffer solution maintains its pH by absorbing excess H+ or OH- produced by a strong ac id or strong base, so that these ions do not accumulate.

3.
The buffering reactions involve the reaction of H+ with the conjugate base X- in the buffer or the reaction of OH- with the acid component (HX) of the buffer:

 


 H+(aq) + X-(aq) ( HX(aq);
OH-(aq) + HX(aq)  ( H2O + X-.


These two reactions prevent a significant increase in [H+] or [OH-] in the solution.

4.
The buffering capacity of a buffer solution implies the amount of H+ or OH- it can absorb without significantly changing its pH. Buffering capacity depends on the concentration of the weak acid and its conjugate base in the solution.

5.
The buffering range of a buffer solution depends on the pKa of the acid component of the buffer. A given buffer will buffer best in the pH range = pKa ± 1.
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