
Acids and Bases



Acids, Bases, and Conjugate Acid–Base Pairs

One of the most useful theories of acids and bases, particularly for describing the reactions of acids and bases 

in aqueous solutions, is the Brønsted–Lowry theory. In 1923, J. N. Brønsted and T. M. Lowry in Great Britain 

independently proposed that an acid is a proton donor and a base is a proton acceptor. Let’s use the Brønsted–

Lowry theory to describe the ionization of CH3COOH in aqueous solution.

In reaction, CH3COOH acts as an acid. It gives up a proton, H+ , which is taken up by H2O. Thus, H2O acts as a base. In

the reverse reaction, the hydronium ion, H3O+ acts as an acid and CH3COO- acts as a base.



When CH3COOH loses a proton, it is converted into CH3COO- . Notice that the formulas of these two species differ by a

single proton, H+ . Species that differ by a single proton (H+ ) constitute a conjugate acid–base pair. Within this pair, the

species with the added H+ is the acid, and the species without the H+ is the base. Thus, for reaction (16.1), we can

identify two conjugate acid–base pairs.



It will be helpful to summarize some key aspects of the Brønsted–Lowry theory.

1. An acid contains at least one ionizable H atom, and a base contains an atom with a lone pair of electrons onto 

which a proton can bind. For this reason, an acid may be represented in the Brønsted–Lowry theory by the

general formula HA, H2A, H3A, etc., depending on the number of ionizable H atoms, and a base is represented by 

:B. There are substances that contain both an ionizable H atom and an atom with a lone pair of electrons. Such 

substances may behave as either an acid or a base, depending on the situation, and are said to be amphiprotic.

2. For a conjugate acid–base pair, the molecular formulas for the acid and base differ by a single proton (H+). 

Therefore, to identify the species in a solution that constitute a conjugate acid–base pair, we need only identify 

those species that have molecular formulas that differ by one H+ ion. Once such a pair has been identified, the 

species with the added H is the acid, and the species without the H+ is the base. For example, H2O and OH- are a 

conjugate acid–base pair because their formulas differ by one H . In this pair, H2O is the acid and OH is the base. 

Similarly, because the formulas of NH+
4 and NH3 differ by one H+ , these two species constitute a conjugate acid–

base pair, with NH+
4 as the acid and NH3 as the base.



3. When added to water, acids protonate water molecules to form hydronium (H3O+ ) ions and bases deprotonate

water molecules to form hydroxide (OH- ) ions. The ability of the Brønsted–Lowry theory to account for the presence

these ions in solution arises from its recognition of the role played by the solvent and makes it a more general and

useful theory than the Arrhenius theory.









Self-Ionization of Water and the pH Scale

H2O molecule can act as either an acid or a base it is amphiprotic. It should come as no surprise that amongst themselves

water molecules can produce H3O+ and OH- ions via the following self-ionization reaction or autoionization reaction:



The Ion Product of Water

In the study of acid-base reactions, the hydrogen ion concentration is key; its value indicates the acidity or basicity of the

solution. Because only a very small fraction of water molecules are ionized, the concentration of water remains virtually

unchanged. Therefore, the equilibrium constant for the autoionization of water, according to Equation (15.1), is





Since reaction reaches equilibrium not only in pure water but in all aqueous solutions, we arrive at the

following conclusion.







The self-ionization of water is an important reaction, from a conceptual point of view, because it reveals an important

relationship between [H3O ] and [OH- ] that applies to all aqueous solutions. From a practical standpoint, the reaction

is not of much concern to us except when dealing with extremely dilute solutions.

In fact, the self-ionization of water is partially suppressed by the addition of acid or base to water.

This statement is easily justified by applying Le Châtelier’s principle to reaction (16.3). When an acid is added to water,

H2O molecules are protonated and [H3O+ ] increases. The increase in [H3O+ ] causes net change to the left in reaction

(16.3), and, thus, the self-ionization of water is partially suppressed. Similarly, the addition of a base to water increases

[OH- ], causes net change to the left, and partially suppresses the self-ionization of water.



pH and pOH

Because the concentrations of H and OH ions in

aqueous solutions are frequently very small numbers

and therefore inconvenient to work with, Soren

Sorensen† in 1909 proposed a more practical measure

called pH. The pH of a solution is defined as the

negative logarithm of the hydrogen ion concentration

(in mol/L).













Acidic, Basic, and Neutral Solutions

In pure water, the concentrations of H3O+ and OH- are equal. However, when an acid or a base is added to water, the

H3O+ and OH- ions are no longer present in equal amounts. By comparing the values of [H3O+ ] and [OH-], we can

classify a solution as acidic, basic, or neutral (Table 16.1).



The classification can also be made, at , by focusing on either [H3O+] or the pH. The relationships

between [H3O ], [OH ], pH, and pOH, for acidic, basic, and neutral solutions, are illustrated in Figure

16-4. The pH values of a number of materials—some acidic and others basic—are depicted in Figure

16-5.



Ionization of Acids and Bases in Water

Figure 16-6 illustrates two ways of showing that ionization has occurred in a solution of acid. One is by the color of an acid–base indicator; the

other, the response of a pH meter.

The pink color of the solution in Figure 16-7 tells us the pH of the HCl solution is less than 1.2. The pH meter registers a value of 1.20,

indicating that [H3O ]=10 -1.20 M=0.063 M in the HCl solution. The yellow color of the solution in Figure 16-7 indicates that the pH of 0.1 M

CH3COOH (acetic acid) is 2.8 or greater. The pH meter registers 2.80, and thus [H3O ]=10 -2.80 M=0.0016 M.



Notice that the ionization of HCl generates a higher [H3O+] than does the ionization of CH3COOH, even though the initial molarity of

CH3COOH (0.1 M) is greater than that of HCl (0.06 to 0.07 M). From this, we conclude that the ionization of HCl occurs to a greater extent

than does the ionization of CH3COOH, an indication that HCl is a much stronger acid than CH3COOH. This conclusion is reflected in the

placements of HCl and CH3COOH in Table 16.2 which ranks a number of acids and bases in order of increasing acid or base strengths. This

ordering is established by experiment.



The strength of an acid or a base is quantified by the value of the equilibrium constant for the reaction describing its ionization in water. 

As discussed earlier, a monoprotic Brønsted–Lowry acid may be represented by the general formula HA. Therefore, the ionization of an 

acid may be represented generally by the following equation.





The value of Ka or Kb gives an indication of the strength of an acid or a base. The following points are worth
remembering

1. A strong acid or base has a large ionization constant: Ka or Kb is much greater than 1. Therefore, we expect that the corresponding

ionization reaction goes almost to completion. In most situations, we can safely assume that a strong acid or strong base is completely

ionized in solution. Fortunately, there are relatively few common strong acids and strong bases

Notice that the listing in Table 16.3 does not include Ka or Kb values; these values are not needed. The

main point is that the ionization constants are large enough to ensure that the acids and bases in Table

16.3 are almost completely ionized in aqueous solution.

Memorizing the list in Table 16.3 can be extremely helpful. For example, if the situation we are dealing

with involves a strong acid or base, we can safely assume the strong acid or base will react to

completion. On the other hand, if the situation we are considering involves an acid and a base

that are not listed in Table 16.3, we can safely assume that the acid and base are weak and react to a

limited extent only.



The strong acids listed in Table 16.3 are molecular compounds whereas the strong bases are soluble ionic compounds called hydroxides.

Molecular compounds ionize in water: Neutral HA molecules produce H3O+ and A- ions by reacting with water (equation 16.9). On the

other hand, soluble ionic hydroxides dissociate in water: Positive and negative ions (for example, Na and OH ), which are already present

in the solid structure, enter the solution as free ions.



2. A weak acid or base has a small ionization constant: Ka or Kb is much less than 1. For a weak acid or base, the corresponding ionization

reaction occurs to a limited extent, with a significant fraction of the acid or base not ionized. To determine the equilibrium composition of a

solution of a weak acid or weak base, we need to solve an equilibrium problem, typically by using an ICE table and the value of the

appropriate ionization constant, Ka or K b. Ionization constants of some weak acids and weak bases are provided in Table 16.4.



Notice that several of the weak acids listed in Table 16.4 contain the group as part of the molecule. This grouping of

atoms is called a carboxyl group and is a common feature of many organic acids, including such biologically important

acids as lactic acid and all the amino acids, including glycine. Organic acids are also called carboxylic acids. The H atom of

the carboxyl group is removed as a proton when a carboxylic acid reacts with a base.

The weak bases listed in Table 16.4 all contain an N atom. Not all weak bases contain an N atom, yet so many of them do

that it worth noting the following points. For these weak bases, it is the N atom that is protonated when the base reacts

with a Brønsted–Lowry acid. The protonation of the N atom is illustrated below for the ionization of CH3NH2 in water.

















Strong Acids and Strong Bases





















The key to solving these equilibrium problems is to be able to imagine what is going on. Here are some

questions to ask yourself.

• Which are the principal species in solution?

• What are the chemical reactions that produce them?

• Can some reactions (for example, the self-ionization of water) be ignored?

• Can you make any assumptions that allow you to simplify the equilibrium calculations?

• What is a reasonable answer to the problem? For instance, should the final solution be acidic or basic









Polyprotic Acids

All the acids listed in Table 16.4 are weak monoprotic acids, meaning that their molecules have only one ionizable H
atom, even though several of these acids contain more than one H atom. But some acids have more than one ionizable
H atom per molecule. These are polyprotic acids. Table 16.5 lists ionization constants for several polyprotic acids.

















The Relationship Between the Ionization Constants of Acids and Their Conjugate Bases
















