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Chapter 4 Instructional Goals 

In this chapter you will learn how to: 

 Identify acids and bases and describe their 

characteristics 

 Write equations for acid–base reactions 

 Classify an acid or base as strong or weak 

 Define the ion–product of water and use it 

to calculate H
+
 and OH

─
 concentration 

 Calculate pH 

 Draw the products of common acid–base 

reactions 

 Use a titration to determine the 

concentration of an acid or a base 

 Describe the fundamental features of a 

buffer 

 Understand the importance of buffers in 

maintaining pH in 
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4. Acid and Base Chemistry 

4.1 Introduction 

Acids and bases are common solutions that exist everywhere. Almost every 

liquid that we encounter in our daily lives consists of acidic and basic properties, with 

the exception of water. They have completely different properties and are able to 

neutralize to form H2O, which will be discussed later in a subsection.  

4.1.1 Arrhenius Acid / Base   

The earliest definition of acids and bases was suggested by Swedish chemist Svante 

Arrhenius 

• An acid contains a hydrogen atom and dissolves in water to form a hydrogen ion, H
+
. 

• A base contains hydroxide and dissolves in water to form –OH. 

By this definition, hydrogen chloride (HCl) is an acid because it forms aqueous 

H
+
 and Cl

– 
when it dissolves in water. Sodium hydroxide (NaOH) is a base because it 

contains
 –

OH and forms solvated Na
+
 and

 –
OH ions when it dissolves in water. 

 

4.1.2 Bronsted–Lowry Acid / Base  

In the Bronsted–Lowry definition, acids and bases are classified according to 

whether they can donate or accept a proton—a positively charged hydrogen ion, H+. 

• A Bronsted–Lowry Acid is a proton donor. 

• A Bronsted–Lowry base is a proton acceptor. 

Consider what happens when HCl is dissolved in water. 

 

• HCl is a Bronsted–Lowry acid because it donates a proton to the solvent water. 

• H2O is a Bronsted–Lowry base because it accepts a proton from HCl. 

A Bronsted–Lowry acid must contain a hydrogen atom. HCl is a Bronsted–Lowry 

acid because it donates a proton (H
+
) to water when it dissolves, forming the 

hydronium ion (H3O
+
) and chloride (Cl

–
). 
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Fig. 4.1: Examples of Bronsted–Lowry Acids in Food Products 

a. Acetic acid is the sour-tasting component of vinegar. The air oxidation of ethanol to acetic acid is 

the process that makes “bad” wine taste sour. 

b. Citric acid imparts a sour taste to oranges, lemons, and other citrus fruits. 

c. Carbonated beverages contain carbonic acid, H2CO3. 
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Bronsted–Lowry Bases 

A Bronsted–Lowry base is a proton acceptor and as such, it must be able to form a 

bond to a proton. Because a proton has no electrons, a base must contain a lone pair 

of electrons that can be donated to form a new bond. Thus, ammonia (NH3) is a 

Bronsted–Lowry base because it contains a nitrogen atom with a lone pair of 

electrons. When NH3 is dissolved in water, its N atom accepts a proton from H2O, 

forming an ammonium cation (NH4
+
) and hydroxide (

–
OH). 
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Fig. 4.2 Examples of Bronsted–Lowry Bases in Consumer Products 

a. Calcium carbonate (CaCO3), a base, is the active ingredient in the antacid Rolaids. 

b. Windex and other household cleaners contain ammonia (NH3) dissolved in water, forming NH4
+
 

cations and 
–
OH anions. 

c. Drain cleaners contain pellets of solid sodium hydroxide (NaOH), which form Na+ cations and 
–
OH 

anions when mixed with water. 

4.2 The Reaction of a Bronsted–Lowry Acid with a Bronsted–Lowry Base 

When a Bronsted–Lowry acid reacts with a Bronsted–Lowry base, a proton is 

transferred from the acid to the base. The Bronsted–Lowry acid donates a proton 

to the Bronsted–Lowry base, which accepts it. 

Consider, for example, the reaction of the general acid H A with the general 

base B: In an acid–base reaction, one bond is broken and one bond is formed. 

The electron pair of the base B: forms a new bond to the proton of the acid, forming 

H B
+
. The acid H A loses a proton, leaving the electron pair in the H A bond on A, 

forming A:
–
. 

 

• The product formed by loss of a proton from an acid is called its conjugate base. 

• The product formed by gain of a proton by a base is called its conjugate acid. 

Thus, the conjugate base of the acid HA is A:
–
. The conjugate acid of the base B: is 

HB
+
. 

• Two species that differ by the presence of a proton are called a conjugate acid–

base pair. 
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The reaction of ammonia (NH3) with HCl is also a Bronsted–Lowry acid–base 

reaction. In this example, NH3 is the base since it gains a proton to form its conjugate 

acid, NH4
+
. HCl is the acid since it donates a proton, forming its conjugate base, Cl

–
. 

 

4.3 Acid and Base Strength 

Although all Bronsted–Lowry acids contain protons, some acids readily donate 

protons while others do not. Similarly, some Bronsted–Lowry bases accept a proton 

much more readily than others. How readily proton transfer occurs is determined by 

the strength of the acid and base. 

When a covalent acid dissolves in water, proton transfer forms H3O+ and an 

anion. The splitting apart of a covalent molecule (or an ionic compound) into 

individual ions is called dissociation. Acids differ in their tendency to donate a 

proton; that is, acids differ in the extent to which they dissociate in water. 

• A strong acid readily donates a proton. When a strong acid dissolves in water, 

essentially 100% of the acid dissociates into ions. 

• A weak acid less readily donates a proton. When a weak acid dissolves in water, 

only a small fraction of the acid dissociates into ions. 
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Fig. 4.3: dissociation of the strong and weak acid 

 

 

Bases also differ in their ability to accept a proton. 

• A strong base readily accepts a proton. When a strong base dissolves in water, 

100% of the base dissociates into ions. 

• A weak base less readily accepts a proton. When a weak base dissolves in water, 

only a small fraction of the base forms ions. 
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An inverse relationship exists between acid and base strength. 

• A strong acid readily donates a proton, forming a weak conjugate base. 

• A strong base readily accepts a proton, forming a weak conjugate acid. 

 

Fig. 4.4: A Strong and Weak Base Dissolved in Water 

4.4 Dissociation of Water 

In Section 4.1 we learned that water can behave as both a Bronsted–Lowry acid and a 

Bronsted–Lowry base. As a result, two molecules of water can react together in an 

acid–base reaction. 

 

 One molecule of H2O donates a proton (H
+
), forming its conjugate base 

–
OH. 

 One molecule of H2O accepts a proton, forming its conjugate acid H3O
+
. 

 In pure water, [H3O
+
] = [

–
OH] = 1.0 × 10

–7
 M. 
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Thus, the value of Kw applies to any aqueous solution, not just pure water. If we 

know the concentration of one ion, H3O
+
 or 

–
OH, we can find the concentration of the 

other by rearranging the expression for Kw.  

 

Pure water and any solution that has an equal concentration of H3O+ and –OH 

ions (1.0 × 10–7) is said to be neutral.  

Other solutions are classified as acidic or basic, depending on which ion is 

present in a higher concentration. 

• In an acidic solution, [H3O
+
] > [

–
OH]; thus, [H3O

+
] > 10

–7
 M. 

• In a basic solution, [
–
OH] > [H3O

+
]; thus, [

–
OH] > 10

–7
 M. 
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4.5 The pH Scale 

Knowing the pH value of a solution or fluid is very important for many 

chemical and analytical tasks and its measurement determines any follow up 

measurements. 

Taking a pH measurement often seems to be trivial, which is the reason why pH 

measurements are frequently not questioned.  But to make a useful pH measurement 

close attention must be paid to the measurement's details.  To make a proper pH 
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measurement and avoid errors you must first be familiar with the basics of pH 

measurement. 

The elementary questions are: 

 What defines the pH-value? 

 How do I measure the pH-value? 

 Where and why are pH measurements made? 

The concentrations of hydrogen ions and indirectly hydroxide ions are given by 

a pH number. pH is defined as the negative logarithm of the hydrogen ion 

concentration. The equation is: 

pH = - log [H
+
]  

similarly, pOH = - log [OH
-
]  

and p Kw = - log [Kw] . 

 

Logarithms of numbers that are multiples of ten are merely the exponents of the 

number including the sign. See the table on the left for a review. The method to find 

logs of numbers that are not multiples of ten are found by using a calculator. The 

method is not discussed here. 

Example: If an acid has an H
+
 concentration of 0.0001 M, find the pH. 

Solution: First convert the number to exponential notation, find the log, then solve 

the pH equation. 

H
+
 = 0.0001M = 10

-4
; log of 10

-4
 = -4; 

pH = - log [ H
+
] = - log (10

-4
) = - (-4) = +4 = pH 

The purpose of the negative sign in the log definition is to give a positive pH value.  

Example: If the base has an OH
-
 concentration of 0.001M, find the pH. 

 Solution: First find the pOH, (similar to finding the pH,) then subtract the pOH from 

14. 

OH
-
 = 0.001M = 10

-3
; 

pOH = -log [OH
-
] = -log (10

-3
) = +3 = pOH 
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pH = 14 - pOH; pH = 14 - 3 = 11 = pH  

The pH scale, (0 - 14), is the full set of pH numbers which indicate the 

concentration of H
+
 and OH

-
ions in water. The diagram on the left gives some 

relationships which summarizes much of the previous discussion.  

Whether a solution is acidic, neutral, or basic can now be defined in terms of its pH. 

 Acidic solution: pH < 7 [H3O+] > 1 × 10
–7

 

 Neutral solution: pH = 7 [H3O+] = 1 × 10
–7

 
 Basic solution: pH > 7 [H3O+] < 1 × 10

–7 

Note the relationship between [H3O+] and pH. 

• The lower the pH, the higher the concentration of H3O
+
. 

H
+
 ion concentration and pH relate inversely.  OH

-
 ion concentration and pH relate 

directly.  

4.6 How to measuring the pH of solution? 

The pH value can be measured using electrochemical measuring systems, litmus 

paper, or indicators and colorimeters.  The easiest way to take a pH measurement is to 

use litmus paper or a colorimeter.  The advantage of this type of pH measurement is 

that the pH range is well known and they are easy to apply.  Unfortupnately in many 

cases litmus paper and colorimeters are not accurate enough to make high quality pH 

measurements, because the pH value transition point depends on the user. 

 

Fig. 4.5: Measuring of pH 

 A pH meter is a small electronic device that measures pH when an electrode is 

dipped into a solution. 

 Paper strips called pH paper change color corresponding to a particular pH, when 

a drop of an aqueous solution is applied to them. 

 An acid–base indicator can be used to give an approximate pH. The indicator is a 

dye that changes color depending on the pH of the solution. 
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Fig. 4.6: The pH of Some Common Substances 

 

 

 

 

4.7  Focus on the human body: The pH of Body Fluids 

The human body contains fluids that vary in pH as shown in Figure 4.7. While 

saliva is slightly acidic, the gastric juice in the stomach has the lowest pH found in the 

body. The strongly acidic environment of the stomach aids in the digestion of food. It 

also kills many types of bacteria that might be inadvertently consumed along with 
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food and drink. When food leaves the stomach, it passes to the basic environment of 

the small intestines. Bases in the small intestines react with acid from the stomach. 

 

Fig. 4.7: Variation in pH Values in the Human Body 

The pH of some body fluids must occupy a very narrow range. For example, a healthy 

individual has a blood pH in the range of 7.35–7.45. Maintaining this pH is accomplished by 

a complex mechanism described in Section 8.9. The pH of other fluids can be more variable. 

Urine has a pH anywhere from 4.6–8.0, depending on an individual’s recent diet and exercise. 

 

Fig. 4.8: Focus on the Human Body: Hydrochloric Acid in the Stomach 

Although HCl is a corrosive acid secreted in the stomach, a thick layer of mucous 

covering the stomach wall protects it from damage by the strong acid. The strong acid 

HCl is completely dissociated to H3O
+
 and Cl

–
. 
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4.8 Titration 

Sometimes it is necessary to know the exact concentration of acid or base in a 

solution. To determine the molarity of a solution, we carry out a titration. A titration 

uses a buret, a calibrated tube with a stopcock at the bottom that allows a solution of 

known molarity to be added in small quantities to a solution of unknown molarity. 

The procedure for determining the total acid concentration of a solution of HCl is 

illustrated in Figure 4.9. 

How does a titration tell us the concentration of an HCl solution? A titration is 

based on the acid–base reaction that occurs between the acid in the flask (HCl) and 

the base that is added (NaOH). 

 
Fig. 4.9: Titration of an Acid with a Base of Known Concentration 

Steps in determining the molarity of a solution of HCl: 

 Add a measured volume of HCl solution to a flask. Add an acid–base 

indicator, often phenolphthalein, which is colorless in acid but turns bright 

pink in base. 

 Fill a buret with an NaOH solution of known molarity and slowly add it to the 

HCl solution. 

 Add NaOH solution until the end point is reached, the point at which the 

indicator changes color. At the end point, the number of moles of NaOH 

added equals the number of moles of HCl in the flask. In other words, all of 

the HCl has reacted with NaOH and the solution is no longer acidic.  

 Read the volume of NaOH solution added from the buret.  

 Using the known volume and molarity of the NaOH solution and the known 

volume of HCl solution, the molarity of the HCl solution can be calculated. 

When the number of moles of base added equals the number of moles of acid in 

the flask, the acid is neutralized, forming a salt and water. 
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To determine an unknown molarity from titration data requires three operations. 

 

First, we determine the number of moles of base added using its known molarity 

and volume. Then we use coefficients in the balanced acid–base equation to tell us the 

number of moles of acid that react with the base. Finally, we determine the molarity 

of the acid from the calculated number of moles and the known volume of the acid. 

4.9 Buffers 

A buffer is a solution whose pH changes very little when acid or base is added. 

Most buffers are solutions composed of approximately equal amounts of a weak acid 

and the salt of its conjugate base. 

• The weak acid of the buffer reacts with added base, 
–
OH. 

• The conjugate base of the buffer reacts with added acid, H3O
+
. 

 

General Characteristics of a Buffer 

The effect of a buffer can be illustrated by comparing the pH change that occurs 

when a small amount of strong acid or strong base is added to water, with the pH 

change that occurs when the same amount of strong acid or strong base is added to a 

buffer, as shown in Figure 4.10. 

When 0.020 mol of HCl is added to 1.0 L of water, the pH changes from 7 to 1.7, and 

when 0.020 mol of NaOH is added to 1.0 L of water, the pH changes from 7 to 12.3. 

In this example addition of a small quantity of a strong acid or strong base to neutral 

water changes the pH by over 5 pH units. 

In contrast, a buffer prepared from 0.50 M acetic acid (CH3COOH) and 0.50 M 

sodium acetate (NaCH3COO) has a pH of 4.74. Addition of the same quantity of acid, 

0.020 mol HCl, changes the pH to 4.70, and addition of the same quantity of base, 
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0.020 mol of NaOH, changes the pH to 4.77. In this example, the change of pH in the 

presence of the buffer is no more than 0.04 pH units! 

Why is a buffer able to absorb acid or base with very little pH change? Let’s use as an 

example a buffer that contains equal concentrations of acetic acid (CH3COOH), and 

the sodium salt of its 

 The pH of pure water changes drastically when a small amount of strong acid 

or strong base is added. 

 The pH of a buffer changes very little when the same amount of strong acid or 

strong base is added. 

 

Fig. 4.10: The Effect of a Buffer on pH Change 


