NEUB CHE 101 Lecture 6: Acids and Bases
Naming Acids
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In some cases two different names seem to be assigned to the same chemical formula.
HCl hydrogen chloride
HCl hydrochloric acid
The name assigned to the compound depends on its physical state. In the gaseous or pure liquid state,
HCl is a molecular compound called hydrogen chloride. When it is dissolved in water, the molecules
break up into H+ and Cl- ions; in this state, the substance is called hydrochloric acid.
Oxoacids are acids that contain hydrogen, oxygen, and another element (the central element). The
formulas of oxoacids are usually written with the H first, followed by the central element and then O.
We use the following five common acids as our references in naming oxoacids:
H2CO3 carbonic acid
HClO3 chloric acid
HNO3 nitric acid
H3PO4 phosphoric acid
H2SO4 sulfuric acid
Often two or more oxoacids have the same central atom but a different number of O atoms. Starting
with our reference oxoacids whose names all end with “-ic,” we use the following rules to name these
compounds.
1. Addition of one O atom to the “-ic” acid: The acid is called “per . . . -ic” acid. Thus, adding an
O atom to HClO3 changes chloric acid to perchloric acid, HClO4.
2. Removal of one O atom from the “-ic” acid: The acid is called “-ous” acid. Thus, nitric acid,
HNO3, becomes nitrous acid, HNO2.
3. Removal of two O atoms from the “-ic” acid: The acid is called “hypo . . . -ous” acid. Thus, when
HBrO3 is converted to HBrO, the acid is called hypobromous acid.
The rules for naming oxoanions, anions of oxoacids, are as follows:
1. When all the H ions are removed from the “-ic” acid, the anion’s name ends with “-ate.” For
example, the anion CO32- derived from H2CO3 is called carbonate.
2. When all the H ions are removed from the “-ous” acid, the anion’s name ends with “-ite.”
Thus, the anion ClO2- derived from HClO2 is called chlorite.
3. The names of anions in which one or more but not all the hydrogen ions have been removed
must indicate the number of H ions present. For example, consider the anions derived from
phosphoric acid:
H3PO4 phosphoric acid
H2PO4- dihydrogen phosphate
HPO42- hydrogen phosphate
PO43- phosphate
Note that we usually omit the prefx “mono-” when there is only one H in the anion.
The chart in the next page summarizes the nomenclature for the oxoacids and oxoanions, and Table
below gives the names of the oxoacids and oxoanions that contain chlorine.
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An acid can be described as a substance that yields hydrogen ions (H+) when dissolved in water. (H+ is
equivalent to one proton and is often referred to that way.) Formulas for acids contain one or more
hydrogen atoms as well as an anionic group. Anions whose names end in “-ide” form acids with a
“hydro-” prefix and an “-ic” ending, as shown in Table below.
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Naming Bases
A base can be described as a substance that yields hydroxide ions (OH-) when dissolved in water. Some
examples are
NaOH sodium hydroxide
KOH potassium hydroxide
Ba(OH)2 barium hydroxide
Ammonia (NH3), a molecular compound in the gaseous or pure liquid state, is also classified as a
common base. At first glance this may seem to be an exception to the definition of a base. But note
that as long as a substance yields hydroxide ions when dissolved in water, it need not contain
hydroxide ions in its structure to be considered a base. In fact, when ammonia dissolves in water, NH3
reacts partially with water to yield NH41 and OH2 ions. Thus, it is properly classified as a base.
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Hydrates are compounds that have a specific number of water molecules attached to them. For
example, in its normal state, each unit of copper(II) sulfate has five water molecules associated with
it. The systematic name for this compound is copper(II) sulfate pentahydrate, and its formula is written
as CuSO4.5H2O. The water molecules can be driven off by heating. When this occurs, the resulting
compound is CuSO4, which is sometimes called anhydrous copper(II) sulfate; “anhydrous” means that
the compound no longer has water molecules associated with it. Some other hydrates are
BaCl2.2H2O barium chloride dihydrate
LiCl.H2O lithium chloride monohydrate
MgSO4.7H2O magnesium sulfate heptahydrate
Sr(NO3)2.4H2O strontium nitrate tetrahydrate
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Hydrates
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Theories of Acids and Bases
There are three common theories related to acids and bases. Namely
1. Arrhenius Theory
2. Brønsted–Lowry Theory
3. Lewis Theory
The main concepts of these theories are as follows
Arrhenius Theory
We can state the Arrhenius concept of an acid as follows: An acid is a substance that, when dissolved
in water, increases the concentration of hydronium ion, 𝑯𝟑 𝑶+ (aq). For simplicity, chemists
frequently use the notation 𝐻 + (aq) for the 𝐻3 𝑂+ (aq) ion and call it the hydrogen ion. Remember,
however, that the aqueous hydrogen ion is not a bare proton in water, but a proton chemically bonded
to water—that is, 𝐻3 𝑂+ (aq). The 𝐻3 𝑂+ (aq) ion is itself associated through hydrogen bonding with a
variable number of water molecules. One such species is shown in Figure 1. A base, in the Arrhenius
concept, is a substance that, when dissolved in water, increases the concentration of hydroxide ion,
𝑶𝑯− (aq).

Figure 1 The hydronium ion, H3O+ The species is shown here hydrogen-bonded to three water molecules. The positive
charge shown is actually distributed over the ion.

The special role of the hydronium ion (or hydrogen ion) and the hydroxide ion in aqueous solutions
arises from the following reaction:
𝐻2 𝑂(𝑙) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
The addition of acids and bases alters the concentrations of these ions in water.
In Arrhenius’s theory, a strong acid is a substance that completely ionizes in aqueous solution to give
H3O+(aq) and an anion. An example is perchloric acid, HClO4.
𝐻𝐶𝑙𝑂4 (𝑎𝑞) + 𝐻2 𝑂(𝑙) → 𝐻3 𝑂+ (𝑎𝑞) + 𝐶𝑙𝑂4− (𝑎𝑞)
Other examples of strong acids are H2SO4, HI, HBr, HCl, and HNO3. A strong base completely ionizes in
aqueous solution to give OH- and a cation. Sodium hydroxide is an example of a strong base.
𝐻2 𝑂

𝑁𝑎𝑂𝐻(𝑠) → 𝑁𝑎+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
The principal strong bases are the hydroxides of Group IA elements and Group IIA elements (except
Be). The table below shows a list of strong acids and bases.
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Brønsted–Lowry Theory
According to the Brønsted–Lowry concept, an acid is the species donating a proton in a proton-transfer
reaction. A base is the species accepting the proton in a proton-transfer reaction.
Consider, for example, the reaction of hydrochloric acid with ammonia. Writing it as an ionic equation,
we have

3

Table 1 Common strong Acids and Bases
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After canceling Cl-, we obtain the net ionic equation

In this reaction in aqueous solution, a proton, H+, is transferred from the H3O+ ion to the NH3 molecule,
giving H2O and NH4+. Here H3O+ is the proton donor, or acid, and NH3 is the proton acceptor, or base.
Note that in the Brønsted–Lowry concept, acids (and bases) can be ions as well as molecular
substances.
We can also apply the Brønsted–Lowry concept to the reaction of HCl and NH3 dissolved in benzene,
C6H6. In benzene, HCl and NH3 are not ionized. The equation is

Here the HCl molecule is the proton donor, or acid, and the NH3 molecule is the proton acceptor, or
base.
In any reversible acid–base reaction, both forward and reverse reactions involve proton transfers.
Consider the reaction of NH3 with H2O.
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In the first case, water reacts as an acid with the base NH3. In the second case, water reacts as a base
with the acid HC2H3O2.
We have now seen several ways in which the Brønsted–Lowry concept of acids and bases has greater
scope than the Arrhenius concept. In the Brønsted–Lowry concept:
1. A base is a species that accepts protons; OH- is only one example of a base.
2. Acids and bases can be ions as well as molecular substances.
3. Acid–base reactions are not restricted to aqueous solution.
4. Some species can act as either acids or bases, depending on what the other reactant is.
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In the forward reaction, NH3 accepts a proton from H2O. Thus, NH3 is a base and H2O is an acid. In the
reverse reaction, NH4+ donates a proton to OH-. NH4+ ion is the acid and OH- is the base.
Note that NH3 and NH4+ differ by a proton. That is, NH3 becomes the NH4+ ion by gaining a proton,
whereas the NH4+ ion becomes the NH3 molecule by losing a proton. The species NH4+ and NH3 are a
conjugate acid–base pair. A conjugate acid–base pair consists of two species in an acid–base reaction,
one acid and one base, that differ by the loss or gain of a proton. The acid in such a pair is called the
conjugate acid of the base, whereas the base is the conjugate base of the acid. Here NH4+ is the
conjugate acid of NH3, and NH3 is the conjugate base of NH4+.
The Brønsted–Lowry concept defines a species as an acid or a base according to its function in the
acid–base, or proton-transfer, reaction. Some species can act as either an acid or a base. An
amphiprotic species is a species that can act as either an acid or a base (it can lose or gain a proton),
depending on the other reactant. For example, HCO3- acts as an acid in the presence of OH- but as a
base in the presence of HF. Anions with ionizable hydrogens, such as HCO3-, and certain solvents, such
as water, are amphiprotic.
The amphiprotic characteristic of water is important in the acid–base properties of aqueous solutions.
Consider, for example, the reactions of water with the base NH3 and with the acid HC2H3O2 (acetic
acid).
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Lewis Theory
According to this concept, a Lewis acid is a species that can form a covalent bond by accepting an
electron pair from another species; a Lewis base is a species that can form a covalent bond by donating
an electron pair to another species. The Lewis and the Brønsted–Lowry concepts are simply different
ways of looking at certain chemical reactions. Such different views are often helpful in devising new
reactions.
Consider again the neutralization of NH3 by HCl in aqueous solution, mentioned earlier. It consists of
the reaction of a proton from H3O+ with NH3:

Here the arrow shows the proton accepting an electron pair from NH3 and an H-N bond being formed.
The proton is an electron-pair acceptor, so it is a Lewis acid. Ammonia, NH3, which has a lone pair of
electrons, is an electron-pair donor and therefore a Lewis base.
Now let us look at the reaction of Na2O with SO3. It involves the reaction of the oxide ion, O2-, from
the ionic solid, Na2O, with SO3.

Here SO3 accepts the electron pair from the O2- ion. At the same time, an electron pair from the S=O
bond moves to the O atom. Thus, O2- is the Lewis base and SO3 is the Lewis acid.
The Lewis concept embraces many reactions that we might not think of as acid–base reactions. The
reaction of boron trifluoride with ammonia is an example.
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In this reaction, the NH3 molecule donates the lone pair of electrons on the nitrogen atom to the boron
atom of BF3. Boron trifluoride accepts the electron pair and so is a Lewis acid. Ammonia donates the
electron pair and so is a Lewis base. The electron pair originally on the nitrogen atom is now shared
between the nitrogen and boron atoms, forming a B–N bond.
The formation of complex ions can also be looked at as Lewis acid–base reactions. Complex ions are
formed when a metal ion bonds to electron pairs from molecules such as H2O or NH3 or from anions
such as
. An example of a complex ion is Al(H2O)63+. Hydrated ions like Al(H2O)63+ are present in
compounds (hydrates) and in aqueous solution. The formation of a hydrated metal ion, such as
Al(H2O)63+, involves a Lewis acid–base reaction.
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Strengths of Acids and Bases
The table below lists some acids and bases according to their relative strengths.
Table 2 Relative Strengths of Acids and Bases

By comparing reactions between different pairs of bases, you can arrive at a relative order for base
strengths, just as for acids. A definite relationship exists between acid and base strengths. When you
say an acid loses its proton readily, you can also say that its conjugate base does not hold the proton
very tightly. The strongest acids have the weakest conjugate bases, and the strongest bases have
the weakest conjugate acids. This means that a list of conjugate bases of the acids in Table 2 will be
in order of increasing base strength. The weakest bases will be at the top of the table and the strongest
at the bottom.
For example,
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The more polarized the bond is in this direction, the more easily the proton is removed and the greater
the acid strength.
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Two factors are important in determining relative acid strengths. One is the polarity of the bond to
which the H atom is attached. The H atom should have a positive partial charge:
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The second factor determining acid strength is the strength of the bond—that is, how tightly the
proton is held. This, in turn, depends on the size of atom X. The larger atom X, the weaker the bond
and the greater the acid strength.
Consider a series of binary acids, HX, formed from a given column of elements of the periodic table.
The acids would be compounds of these elements with hydrogen, such as the binary acids of the Group
VIIA elements: HF, HCl, HBr, and HI. As you go down the column of elements, each time adding a shell
of electrons to the atom, the radius increases markedly. For this reason, the size of atom X is the
dominant factor in determining the acid strength. In going down a column of elements of the periodic
table, the size of atom X increases, the HOX bond strength decreases, and the strength of the binary
acid increases. You predict the following order of acid strength:
HF<HCl<HBr<HI
As you go across a row of elements of the periodic table, the atomic radius decreases slowly. For this
reason, the relative strengths of the binary acids of these elements are less dependent on the size of
atom X. Now the polarity of the H-X bond becomes the dominant factor in determining acid strength.
Going across a row of elements of the periodic table, the electronegativity increases, the H-X bond
polarity increases, and the acid strength increases. For example, the binary acids of the last two
elements of the second period are H2O and HF. The acid strengths are
H2O<HF

Self-Ionization of Water and pH
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We call the equilibrium value of the ion product [H3O+][OH-] the ion-product constant for water, which
is written Kw. At 25°C, the value of Kw is 1.0 × 10−14 . Like any equilibrium constant, Kw varies with
temperature. At body temperature (37°C), Kw equals2.5 × 10−14 .
𝐾𝑊 = [H3 O+ ][OH − ] = 1.0 × 10−14 𝑎𝑡 25°𝐶
+
Because we often write H (aq) for H3O+(aq), the ion-product constant for water can be written 𝐾𝑊 =
[𝐻 + ][𝑂𝐻 − ].
Using Kw, we can calculate the concentrations of H3O+ and OH- ions in pure water. These ions are
produced in equal numbers in pure water, so their concentration is equal. Let 𝑥 = [𝐻3 𝑂+ ] = [𝑂𝐻 − ].
Then, substituting into the equation for the ion-product constant,
𝐾𝑊 = [H3 O+ ][OH− ]
At 25°C.
1.0 × 10−14 = 𝑥 2
Hence x equals 1.0 × 10−7 . Thus, the concentrations of 𝐻3 𝑂+ and 𝑂𝐻 − are both 1.0 × 10−7 M in
pure water.
If you add an acid or a base to water, the concentrations of H3O+ and OH- will no longer be equal. The
equilibrium-constant equation 𝐾𝑊 = [H3O+ ][OH − ] will still hold.
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Although pure water is often considered a nonelectrolyte (nonconductor of electricity), precise
measurements do show a very small conduction. This conduction results from self-ionization (or
autoionization), a reaction in which two like molecules react to give ions. In the case of water, a proton
from one H2O molecule is transferred to another H2O molecule, leaving behind an OH- ion and forming
a hydronium ion, H3O+(aq).
𝐻2 𝑂(𝑙) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
You can see the slight extent to which the self-ionization of water occurs by noting the small value of
its equilibrium constant Kc.
[𝐻3 𝑂+ ][𝑂𝐻 − ]
𝐾𝐶 =
[𝐻2 𝑂]2
Because the concentration of ions formed is very small, the concentration of H2O remains essentially
constant, about 56 M at 25°C. If you rearrange this equation, placing [H2O]2 with Kc, the ion product
[H3O+][OH-] equals a constant.
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Practice example 15.4 and exercise 15.5, 15.6 from Ebbing [Pg 638-639]
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Solutions of a strong Acid or Base
Consider an aqueous solution of a strong acid or base. Suppose you dissolve 0.10 mol HCl in 1.0 L of
aqueous solution, giving 0.10 M HCl. You would like to know the concentration of H3O+ ion in this
solution. In addition to the self-ionization of water, you have the reaction of HCl with water, which
also produces H3O+ ion. A strong acid such as hydrochloric acid, HCl(aq), essentially reacts completely
with water.
HCl(aq) + H2 O (l) → H3 O+ (aq) + Cl− (aq)
Because you started with 0.10 mol HCl in 1.0 L of solution, the reaction will produce 0.10 mol H3O+, so
the concentration of H3O+ ion from HCl is 0.10 M.
Now consider the concentration of H3O+ ion produced by the self-ionization of water. In pure water,
the concentration of H3O+ produced is 1.0 × 10−7M; in an acid solution, the contribution of H3O+ from
water will be even smaller. You can see this by applying Le Châtelier’s principle to the self-ionization
reaction. When you increase the concentration of H3O+ in water by adding an acid, the self-ionization
of water reverses until a new equilibrium is obtained.
𝐻2 𝑂(𝑙) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
Consequently, the concentration of H3O+ produced by the self-ionization of water (1.0 × 10−7 M) is
negligible in comparison with that produced from HCl (0.10 M). So, 0.10 M HCl has a concentration of
H3O+ ion equal to 0.10 M.
In a solution of a strong acid, you can normally ignore the self-ionization of water as a source of H3O+.
The H3O+ concentration is usually determined by the strong acid concentration. (This is not true when
the acid solution is extremely dilute, however. In a solution that is 1.0 × 10−7M HCl, the self-ionization
of water produces an amount of H3O+ comparable with that produced by HCl.)
Although you normally ignore the self-ionization of water in calculating the H3O+ concentration in a
solution of a strong acid, the self-ionization equilibrium still exists and is responsible for a small
concentration of OH- ion. You can use the ion-product constant for water to calculate this
concentration. As an example, calculate the concentration of OH- ion in 0.10 M HCl. You substitute
[H3O+] = 0.10 M into the equilibrium equation for Kw (for 25°C).
𝐾𝑊 = [H3 O+ ][OH− ]
1.0 × 10−14 = 0.1 × [𝑂𝐻 − ]
−
Solving for [𝑂𝐻 ],
1.0 × 10−14
[𝑂𝐻 − ] =
= 1.0 × 10−13
0.1
The OH- concentration is 1.0 × 10−13M.
Now consider a solution of a strong base, such as 0.010 M NaOH. What are the OH- and H3O+
concentrations in this solution? Because NaOH is a strong base, all of the NaOH is present in the
solution as ions. One mole of NaOH dissolves in water as one mole of Na+ and one mole of OH-.
Therefore, the concentration of OH- obtained from NaOH in 0.010 M NaOH solution is 0.010 M.
The concentration of OH- produced from the self-ionization of water in this solution (1.0 × 10−7 M) is
negligible and can be ignored. Therefore, the concentration of OH- ion in the solution is 0.010 M.
Hydronium ion, H3O+, is produced by the self-ionization of water. To obtain its concentration, you
substitute into the equilibrium equation for Kw (for 25C).
𝐾𝑊 = [H3O+ ][OH − ]
1.0 × 10−14 = [𝐻3 𝑂+ ] × 0.010
+
Solving for 𝐻3 𝑂 concentration,
1.0 × 10−14
[𝐻3 𝑂+ ] =
= 10.× 10−12
0.010
The H3O+ concentration is 10.× 10−12 M.
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The pH of a solution
Because the concentration of hydronium ion and hydroxide ions are very small, it is often convenient
to state the acidity in terms of pH, which is defined as the negative of the logarithm of the molar
hydronium-ion concentration:
𝑝𝐻 = − log[𝐻3 𝑂+ ]
We can also write
𝑝𝐻 = − log[𝐻 + ]
For a solution in which the hydronium-ion concentration is 1.0 × 10−3 M, the pH is
𝑝𝐻 = − log(1.0 × 10−3 ) = 3.00
A neutral solution, whose hydronium-ion concentration at 25C is 1.0 × 10−7M, has a pH of 7.00. For
an acidic solution, the hydronium-ion concentration is greater than 1.0 × 10−7 M, so the pH is less
than 7.00. Similarly, a basic solution has a pH greater than 7.00. Figure 2 shows a diagram of the pH
scale and lists pH values of some common solutions.
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You can find the pH of a solution of known hydroxide-ion concentration by first solving for the
hydronium-ion concentration. However, you can also find the pH simply from the pOH, a measure of
hydroxide-ion concentration similar to the pH:
𝑝𝑂𝐻 = − log[𝑂𝐻 − ]
Then, because 𝐾𝑊 = [H3 O+ ][OH − ] = 1.0 × 10−14 at 25°C, it can be shown that
𝑝𝐻 + 𝑝𝑂𝐻 = 14.00
this equation can be rearranged to obtain the pH from the value of pOH. For example, suppose you
wish to find the pH of an ammonia solution whose hydroxide ion concentration is 1.9 × 10−3 M. You
first calculate the pOH.
𝑝𝑂𝐻 = − log(1.9 × 10−3 ) = 2.72
Then the pH is
𝑝𝐻 = 14 − 2.72 = 11.28
The pH of a solution can be accurately measured by a pH meter. This instrument consists of specially
designed electrodes that are dipped into the solution. A voltage, which depends on the pH, is
generated between the electrodes and is read on a meter calibrated directly in pH.
Although less precise, acid–base indicators are often used to measure pH, because they usually change
color within a small pH range. The color change of an indicator involves establishment of an
equilibrium between an acid form and a base form that have different colors. If we denote the acid
form as HIn, then the base form is In- and the equilibrium is
𝐻𝐼𝑛(𝑎𝑞) + 𝐻2 ) (𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝐼𝑛− (𝑎𝑞)
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Figure 2 The pH scale Solutions having pH less than 7 are acidic; those having pH more than 7 are basic.
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Consider the case of phenolphthalein. The acid form is colorless and the base form is pink. When a
base is added to an acidic solution of phenolphthalein, OH- ion from the base reacts with H3O+ in the
solution. According to Le Châtelier’s principle, the equilibrium is shifted to the right (to replenish H3O+).
Thus, the colorless acid form of the indicator, HIn, is converted to the pink base form, In-. A solution
of phenolphthalein begins to turn pink at about pH 8.0. By pH 9.7, the color change is essentially
complete. Figure 3 shows the color changes for various acid–base indicators. (See also Figure 4.) Paper
strips impregnated with several indicators are often used to measure pH values. Such “pH paper” gives
a definite color for different pH ranges and can give the pH to the nearest integer value or better.

Figure 3 Color changes of some acid–base indicators Acid–base indicators are dyes whose acid form has one color and
whose base form has another color. Thymol blue is a diprotic acid and has two different color changes (listed here in the
acidic range and the basic range).
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Practice Example 15.5, 15.6 and exercise 15.7, 15.8, 15.9, 15.10 from Ebbing [pg 640
onwards]
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Figure 4 Some acid–base indicators in solutions of different H3O concentrations.
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Solutions of a Weak Acid or Base
Acid-Ionization Equilibria
An acid reacts with water to produce hydronium ion (hydrogen ion) and the conjugate base ion. The
process is called acid ionization or acid dissociation. Consider an aqueous solution of the weak acid
acetic acid, HC2H3O2, the sour constituent of vinegar.
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When the acid is added to water, it reacts according to the equation
𝐻𝐶2 𝐻3 𝑂2 (𝑎𝑞) + 𝐻2 𝑂 (𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝐶2 𝐻3 𝑂2− (𝑎𝑞)
Because acetic acid is a weak electrolyte, the acid ionizes to a small extent in water (about 1% or less,
depending on the concentration of acid).
For a strong acid, which ionizes completely in solution, the concentrations of ions are determined by
the stoichiometry of the reaction from the initial concentration of acid. However, for a weak acid such
as acetic acid, the concentrations of ions in solution are determined from the acid-dissociation
constant (also called the acid- ionization constant), which is the equilibrium constant for the ionization
of a weak acid.
To find the acid-ionization constant, write HA for the general formula of a weak, monoprotic acid. The
acid-ionization equilibrium in aqueous solution is
𝐻𝐴(𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ + 𝐴− (𝑎𝑞)
The corresponding equilibrium constant is
[𝐻3 𝑂+ ][𝐴− ]
𝐾𝐶 =
[𝐻𝐴][𝐻2 𝑂]
Assuming that this is a dilute solution and that the reaction occurs to only a small extent, the
concentration of water will be nearly constant. Rearranging this equation gives
[𝐻3 𝑂+ ][𝐴− ]
𝐾𝑎 = [𝐻2 𝑂]𝐾𝐶 =
[𝐻𝐴]
Thus, Ka, the acid-ionization constant, equals the constant [𝐻2 𝑂]𝐾𝑐 .
[𝐻3 𝑂+ ][𝐴− ]
𝐾𝑎 =
[𝐻𝐴]
Experimental Determination of Ka
The ionization constant for a weak acid is usually determined experimentally by one of two methods.
In one method, the electrical conductivity or some colligative property of a solution of the acid is
measured to obtain its degree of ionization. The degree of ionization of a weak electrolyte is the
fraction of molecules that react with water to give ions. This may also be expressed as a percentage,
giving the percent ionization. In the other method, the pH of a solution of the weak acid is determined.
From the pH one finds the concentration of H3O+ ion and then the concentrations of other ions. The
example 16.1 shows how to calculate Ka from the pH of a solution of nicotinic acid. It also shows how
to calculate the degree of ionization and the percent ionization.
Table 3 lists acid-ionization constants for various weak acids. The weakest acids have the smallest
values of Ka.
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Table 3 Acid-Ionization Constants at 25°C

Figure 5 Variation of percent ionization of a weak acid with concentration On this curve for nicotinic acid, note that the
percent ionization is greatest for the most dilute solutions.
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Calculations with Ka
Once you know the value of Ka for an acid HA, you can calculate the equilibrium concentrations of
species HA, A-, and H3O- for solutions of different molarities. Here we illustrate the use of a simplifying
approximation that can often be used for weak acids. In the example 16.2, we will look at an
amplification of the first question posed in the chapter opening.
In Example 16.2, the degree of ionization of nicotinic acid (0.012) is relatively small in a 0.10 M
solution. That is, only 1.2% of the molecules ionize. It is the small value of the degree of ionization that
allows you to neglect x in the term 0.10-x and thereby simplify the calculation.
The degree of ionization of a weak acid depends on both Ka and the concentration of the acid solution.
For a given concentration, the larger the Ka, the greater is the degree of ionization. For a given value
of Ka, however, the more dilute the solution, the greater is the degree of ionization. Figure 5 shows
how the percent ionization (degree of ionization × 100) varies with the concentration of solution.
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Polyprotic Acids
In the preceding section, we dealt only with acids releasing one H3O+ ion or proton. Some acids,
however, have two or more such protons; these acids are called polyprotic acids. Sulfuric acid, for
example, can lose two protons in aqueous solution. One proton is lost completely to form H3O+ .
𝐻2 𝑆𝑂4 (𝑎𝑞) + 𝐻2 𝑂 (𝑙) → 𝐻3 𝑂+ (𝑎𝑞) + 𝐻𝑆𝑂4− (𝑎𝑞)
The Hydrogen sulphate ion, 𝐻𝑆𝑂4− , may then lose the other proton. In this case, an equilibrium exists.
𝐻𝑆𝑂4− (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝑆𝑂42− (𝑎𝑞)
For a weak diprotic acid like carbonic acid, H2CO3, there are two simultaneous equilibria to consider.
𝐻2 𝐶𝑂3 (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝐻𝐶𝑂3− (𝑎𝑞)
𝐻𝐶𝑂3− (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻3 𝑂+ (𝑎𝑞) + 𝐶𝑂32− (𝑎𝑞)
Carbonic acid is in equilibrium with the hydrogen carbonate ion, HCO3-, which is in turn in equilibrium
with the carbonate ion, CO32-. Each equilibrium has an associated acid-ionization constant. For the loss
of the first proton,
[𝐻3 𝑂+ ][𝐻𝐶𝑂3− ]
𝐾𝑎1 =
= 4.3 × 10−7
[𝐻2 𝐶𝑂3 ]
and for the loss of the second proton,
[𝐻3 𝑂+ ][𝐶𝑂32− ]
𝐾𝑎2 =
= 4.8 × 10−11
[𝐻𝐶𝑂3− ]
Note that Ka1 for carbonic acid is much larger than Ka2 (by a factor of about 1 × 104 ). This indicates
that carbonic acid loses the first proton more easily than the second one, because the first proton
separates from an ion of single negative charge, whereas the second proton separates from an ion of
double negative charge. This double negative charge strongly attracts the proton back to it.
In general, the second ionization constant, Ka2, of a polyprotic acid is much smaller than the first
ionization constant, Ka1. In the case of a triprotic acid, the third ionization constant, Ka3, is much
smaller than the second one, Ka2.
Calculating the concentrations of various species in a solution of a polyprotic acid might appear
complicated, because several equilibria occur at once. However, reasonable assumptions can be made
that simplify the calculation, as we show in the example 16.4.
Base-Ionization Equilibria
Equilibria involving weak bases are treated similarly to those for weak acids. Ammonia, for example,
ionizes in water as follows:
𝑁𝐻3 (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝑁𝐻4+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
The corresponding equilibrium constant is
[𝑁𝐻4+ ][𝑂𝐻 − ]
𝐾𝑐 =
[𝑁𝐻3 ][𝐻2 𝑂]
Because the concentration of H2O is nearly constant, you can rearrange this equation as you did for
acid ionization.
[𝑁𝐻4+ ][𝑂𝐻 − ]
𝐾𝑏 = [𝐻2 𝑂]𝐾𝐶 =
[𝑁𝐻3 ]
In general, a weak base B with the base ionization
𝐵(𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻𝐵+ (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
has a base-ionization constant, Kb (the equilibrium constant for the ionization of a weak base), equal
to
[𝑁𝐻4+ ][𝑂𝐻 − ]
𝐾𝑏 =
[𝑁𝐻3 ]
Table 4 lists ionization constants for some weak bases. All of these bases are similar to ammonia in
that they have an N atom with a lone pair of electrons that accepts an H+ ion from water. For example,
the base ionization of methylamine, CH3NH2, is
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Many drugs and plant substances such as caffeine are bases. Often a prescription or over-the-counter
drug is a salt of a base, because the salt is more soluble in water. These salts are analogous to the salts
of ammonia, such as NH4Cl. Other common bases are anions of weak acids. Examples are F- and C2H3O2(acetate ion).
Acid–Base Properties of Salt Solutions
A salt may be regarded as an ionic compound obtained by a neutralization reaction in aqueous
solution. The resulting salt solution may be neutral, but often it is acidic or basic. One of the successes
of the Brønsted–Lowry concept of acids and bases was in pointing out that some ions can act as acids
or bases. The acidity or basicity of a salt solution is explained in terms of the acidity or basicity of
individual ions in the solution.
Consider a solution of sodium cyanide, NaCN. A 0.1 M solution has a pH of 11.1 and is therefore fairly
basic. Sodium cyanide dissolves in water to give Na+ and CN- ions.
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𝐻2 𝑂

𝑁𝑎𝐶𝑁(𝑠) → 𝑁𝑎+ (𝑎𝑞) + 𝐶𝑁 − (𝑎𝑞)
+
Sodium ion, Na , is unreactive with water, but the cyanide ion, CN-, reacts to produce HCN and OH-.
𝐶𝑁 − (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝐻𝐶𝑁(𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞)
From the Brønsted–Lowry point of view, the CN- ion acts as a base, because it accepts a proton from
H2O. You can also see, however, that OH- ion is a product, so you expect the solution to have a basic
pH. This explains why solutions of NaCN are basic.
The reaction of the CN- ion with water is referred to as the hydrolysis of CN-. The hydrolysis of an ion
is the reaction of an ion with water to produce the conjugate acid and hydroxide ion or the conjugate
base and hydronium ion. The CN- ion hydrolyzes to give the conjugate acid and OH- ion. As another
example, consider the ammonium ion, NH4+, which hydrolyzes as follows:
𝑁𝐻4+ (𝑎𝑞) + 𝐻2 𝑂(𝑙) ⇌ 𝑁𝐻3 (𝑎𝑞) + 𝐻3 𝑂+ (𝑎𝑞)
The ammonium ion acts as an acid, donating a proton to H2O and forming NH3. Note that this equation
has the form of an acid ionization, so you could write the Ka expression for it. Similarly, the hydrolysis
reaction for the CN- ion has the form of a base ionization, so you could write the Kb expression for it
To predict whether a salt is acidic or basic, we can apply the following rules
1. A salt of a strong base and a strong acid. The salt has no hydrolysable ions and so gives a
neutral aqueous solution. An example is NaCl.
2. A salt of a strong base and a weak acid. The anion of the salt is the conjugate of the weak acid.
It hydrolyzes to give a basic solution. An example is NaCN.
3. A salt of a weak base and a strong acid. The cation of the salt is the conjugate of the weak
base. It hydrolyzes to give an acidic solution. An example is NH4Cl.
4. A salt of a weak base and a weak acid. Both ions hydrolyze. Whether the solution is acidic or
basic depends on the relative acid–base strengths of the two ions. To determine this, you need
to compare the Ka of the cation with the Kb of the anion. If the Ka is larger, the solution is
acidic. If the Kb is larger, the solution is basic. Consider solutions of ammonium formate,
NH4CHO2. These solutions are slightly acidic, because the Ka for NH4+ (= 5.6 × 10−10 ) is
somewhat larger than the Kb for formate ion, CHO2- (= 5.9 × 10−11).
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Common-Ion Effect
The common-ion effect is the shift in an ionic equilibrium caused by the addition of a solute that
provides an ion that takes part in the equilibrium. Consider a solution of acetic acid, HC2H3O2, in which
you have the following acid-ionization equilibrium:
HC2 H3 O2 (aq) + H2 O (l) ⇌ H3 O+ (aq) + C2 H3 O−
2 (aq)
Suppose you add HCl(aq) to this solution. What is the effect on the acid-ionization equilibrium?
Because HCl(aq) is a strong acid, it provides H3O+ ion, which is present on the right side of the equation
for acetic acid ionization. According to Le Châtelier’s principle, the equilibrium composition should
shift to the left.
The degree of ionization of acetic acid is decreased by the addition of a strong acid. This repression of
the ionization of acetic acid by HCl(aq) is an example of the common-ion effect.

Buffers
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Note that in the mixture there are abundance of CH3 COOH and CH3 COO− . The amount of H+ is
limited.
Buffer Action / Mechanism
1. When Acid (H+) is added
CH3 COOH(aq) ⇌ CH3 COO− (aq) + H + (aq)
+
The additional H is combined with CH3 COO− to form undissociated CH3 COOH. I.e. the equilibrium
shifts left so there is no change in the concentration of H+ and there is no change in pH.
2. When Base (OH-) is added
The additional OH- combines with H+ to form neutral water.
𝐻 + (𝑎𝑞) + 𝑂𝐻 − (𝑎𝑞) → 𝐻2 𝑂 (𝑙)
To compensate for the reduction in H+ concentration the equilibrium of the reaction
CH3 COOH(aq) ⇌ CH3 COO− (aq) + H + (aq)
Shifts right. As a result, the Concentration of H+ stays same so does pH.
The pH of a Buffer
The pH of a buffer solution can be found using the Henderson-Hasselbalch equation shown below.
[𝑐𝑜𝑛𝑗𝑢𝑔𝑎𝑡𝑒 𝑏𝑎𝑠𝑒]
[𝐴− ]
𝑝𝐻 = 𝑝𝐾𝑎 + log
= 𝑝𝐾𝑎 + log
[𝑎𝑐𝑖𝑑]
[𝐻𝐴]
Where 𝑝𝐾𝑎 = − log 𝐾𝑎
Note that the pH of a buffer is mainly dependent of the ratio of concentration of conjugate base to
concentration of acid. The above equation is know as Henderson–Hasselbalch equation.
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A buffer is a solution characterized by the ability to resist changes in pH when limited amounts of acid
or base are added to it.
A buffer can be made by either of the two ways
1. Mixing weak acid and its conjugate base
2. Mixing weak base and its conjugate acid
An example of a buffer is the buffer produced when Ethanoic acid (Also known as Acetic Acid,
CH3COOH) is mixed with Sodium ethanoate (CH3COONa).
In this mixture the acid is partially dissociated, whereas the salt is fully dissociated. The relevant
equations are
CH3 COOH(aq) ⇌ CH3 COO− (aq) + H + (aq)
CH3 COONa(aq) ⇌ CH3 COO− (aq) + Na+ (aq)
The mixture will produce a buffer with a pH less than 7.
All the ions available in the mixture is as follows.
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Acid Base Titration curves
An acid–base titration curve is a plot of the pH of a solution of acid (or base) against the volume of
added base (or acid). Such curves are used to gain insight into the titration process. We can use the
titration curve to choose an indicator that will show when the titration is complete.
Titration of a Strong Acid by a Strong Base
The following figure shows the titration curve for titration of a strong acid by a strong base.
The equivalence point is the point in a titration when a stoichiometric amount of reactant has been
added. At the equivalence point, the pH of this solution of NaOH and HCl is 7.0, because it contains a
salt, NaCl, that does not hydrolyze. However, the pH changes rapidly near the equivalence point, from
a pH of about 3 to a pH of about 11.

Figure 6 Curve for the titration of a strong acid by a strong base

Figure 7 Curve for the titration of a weak acid by a strong base
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To detect the equivalence point, you add an indicator that changes color within the pH range 3–11.
Phenolphthalein can be used, because it changes from colorless to pink in the pH range 8.2–10.0. Even
though this color change occurs on the basic side, only a fraction of a drop of base is required to
change the pH several units when the titration is near the equivalence point. The indicator bromcresol
green, whose color changes in the pH range 3.8–5.4, would also work. Because the pH change is so
large, many other indicators could be used
Titration of a Weak Acid by a Strong Base
The following figure shows the titration curve for titration of a weak acid by a strong base.
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Note that the pH range is shorter than that for the titration of a strong acid by a strong base. This
means that the choice of an indicator is more critical. Phenolphthalein would work; it changes color
in the range 8.2–10.0. Bromcresol green would not work because it changes color in the range 3.8–
5.4, which occurs before the titration curve rises steeply.
Note also that the equivalence point for the titration curve of nicotinic acid occurs on the basic side.
This happens because at the equivalence point the solution is that of the salt, sodium nicotinate, which
is basic from the hydrolysis of the nicotinate ion. The optimum choice of indicator would be one that
changes color over a range that includes the pH of the equivalence point.
Titration of a Weak Base by a Strong Acid
The following figure shows the titration curve for titration of a weak base by a strong acid.
In this case, the pH declines slowly at first, then falls abruptly from about pH 7 to pH 3. Methyl red,
which changes color from yellow at pH 6.0 to red at pH 4.8, is a possible indicator for this titration.
Note that phenolphthalein could not be used to find the equivalence point.

Figure 8 Curve for the titration of a weak base by a strong acid
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Figure 9 Curve for the titration of a weak base by a weak acid

The pH ranges of methyl orange and phenolphthalein have been shown in the graph. As there is no
prominent steep section to the curve, neither indicator is suitable. In fact, the end point of a titration
between weak base and weak acid cannot be determined using an acid-base indicator.
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Titration of a Weak Base by a Weak Acid
The following figure shows the titration curve for titration of a weak base by a weak acid.
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Practice Example 16.1, 16.2, 16.3, 16.4, 16.5, 16.9, 16.10 and 16.11 from Ebbing [pg 654 onwards]
There is no assignment from this lecture, so relax. To practice for exam, try similar problems from
exercise.

Reference books
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This lecture follows the book 2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th
edition.
The following Books are main textbooks that will be followed throughout the course
1. General Chemistry – The Essential Concepts, Raymond Chang and Jason Overby, 6th edition.
2. General Chemistry, Darrell D. Ebbing and Stephen D. Gammon, 9th edition.
If you find the above books difficult, your HSC chemistry books may be handy at times.
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Short Examples to be done in class
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