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CHAPTER EIGHTEEN 
 
 

 
 

Acid-Base Equilibria 

 

18.1 ACIDS AND BASES IN WATER 

o Most laboratory work with acids and bases involves water, which is a product 

in all reactions between strong acids and strong bases: 

 

the net ionic equation of this reaction shows, water is the product: 

 

 

Furthermore, whenever an acid dissociates in water, solvent molecules participate 

in the reaction: 

 

H3O
+: hydronium ion 

Because the proton is so small, its charge density is very high, so its attraction to 

water is especially strong. 

Figure 18.1 The hydrated proton. 

The charge of the H+ ion is highly concentrated because 

the ion is so small. In aqueous solution, it forms a covalent 

bond to a water molecule, yielding an H3O
+ ion that 

associates tightly with other H2O molecules. Here, the 

H7O3
+ ion is shown.  
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Release of H+ or OH- and the Arrhenius Acid-Base Definition 

The earliest and simplest definition of acids and bases: 

 An acid is a substance that has H in its formula and dissociates in water to 

yield H3O
+. 

 A base is a substance that has OH in its formula and dissociates in water to 

yield OH-. 

Examples of Arrhenius acids: HCI, HNO3 , and HCN,  

Examples of Arrhenius bases: NaOH, KOH, and Ba(OH)2. 

 

When an acid and a base react, they undergo neutralization.  

No matter which strong acid and base react, and no matter which salt forms, Ho
rxn 

is about -56 kJ per mole of water formed, because the actual reaction is always the 

same- a hydrogen ion and a hydroxide ion form water: 

 

 

Variation in Acid Strength: The Acid-Dissociation Constant (Ka) 

Acids and bases differ greatly in their strength in water. We generally classify 

them as either strong or weak 

 Strong acids dissociate completely into ions in water (Figure 18.2): 

 

Because the reaction is essentially complete (at equilibrium, Qc = Kc >> 1) , it is not 

very useful to express it as an equilibrium process. 

 

 Weak acids dissociate very slightly into ions in water (Figure 18.3): 

 

At equilibrium, the great majority of HA molecules are undissociated. Thus, [H3O
+] 

<< [HA]init. In other words, [HA]eq  [HA]init, so the value of Kc is very small.  
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Hydrocyanic acid is an example of a weak acid: 
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The Meaning of Ka  

The equilibrium expression for the dissociation of a general weak acid, 

HA, in water is: 

 

The acid-dissociation constant (or acid-ionization constant), Ka: 

 

 

Like any equilibrium constant, Ka is a number whose magnitude is temperature 

dependent and tells how far to the right the reaction has proceeded to reach 

equilibrium. 

Listed below are some benchmark Ka values for typical weak acids; 

  

A list of Ka values for some common acids appears in Appendix C. 

 

 

Classifying the Relative Strengths of Acids and Bases 

You can often classify acids and bases qualitatively as strong or weak just from their 

formulas: 
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 Strong acids. Two types of strong acids, with examples that you should 

memorize, are  

1. The hydrohalic acids HCI, HBr, and HI 

2. Oxoacids in which the number of O atoms exceeds the number of ionizable 

protons by two or more, such as HNO3, H2SO4, and HCIO4; for example, 

in H2SO4, 4 O's - 2 H's = 2. 

 

 Weak acids. There are many more weak acids than strong ones. Four types, 

with examples, are; 

1. The hydrohalic acid HF 

2. Acids in which H is not bonded to O or to a halogen, such as HCN and H2S 

3. Oxoacids in which the number of O atoms equals or exceeds by one the 

number of ionizable protons, such as HClO, HNO2, and H3PO4 

4. Carboxylic acids (general formula RCOOH , with the ionizable proton shown 

in red), such as CH3COOH and C6H5COOH 

 

 Strong bases. Water-soluble compounds containing O2- or OH- ions are 

strong bases. The cations are usually those of the most active metals:  

1. M2O or MOH, where M = Group I A(1) metal (Li, Na, K, Rb , Cs) 

2. MO or M(OH)2 , where M = Group 2A(2) metal (Ca, Sr, Ba) 

[MgO and Mg(OH)2 are only slightly soluble in water, but the soluble portion 

dissociates completely.] 

 

 Weak bases. Many compounds with an electron-rich nitrogen atom are weak 

bases (none are Arrhenius bases). The common structural feature is an N atom 

with a lone electron pair: 

1. Ammonia (NH3) 

2. Amines (general formula RNH2, R2NH, or R3N ), such as CH3CH2NH2, 

(CH3)2NH, and (C3H7)3N. 
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18.2 AUTOIONIZATION OF WATER AND THE pH SCALE 

 

Water itself dissociates into ions very slightly in an equilibrium process known 

as autoionization (or self-ionization): 
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The Equilibrium Nature of Autoionization: The lon-Product Constant for Water 

(Kw) 

Like any equilibrium process, the autoionization of water is described quantitatively 

by an equilibrium constant: 

 

Because the concentration of H2O is essentially constant, the term can be rewritten 

to obtain a new equilibrium constant, the ion-product constant for water, Kw: 

 

 

 

Pure water has a concentration of about 55.5M (1000 g.L-1/18.02 g.mol-1). Thus 

only 1 in 555 million water molecules dissociates reversibly into ions ! 

 

Autoionization of water has two major consequences for aqueous acid-base 

chemistry: 

1. A change in [H3O
+] causes an inverse change in [OH-], and vice versa: 

Higher [H3O
+] ===> lower [OH-] and Higher [OH-] ===> lower [H3O

+] 

2. Both ions are present in all aqueous systems. 

In an acidic solution   [H3O
+] > [OH-] 

In a neutral solution  [H3O
+] = [OH-] 

In a basic solution  [H3O
+] < [OH-] 
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Expressing the Hydronium Ion Concentration: The pH Scale 

In aqueous solutions, [H3O
+] can vary from about 10 M to 10-15 M. The pH is 

defined as: 

 

 

 

Hydroxide ion concentration can be expressed as pOH: 

 

Equilibrium constants can be expressed as pK:  
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The Relations Among pH, pOH, and pKw  

 

 

 

Figure 18.6 The relations among [H3O
+], pH, 

[OH-], and pOH. 
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Measuring pH  

In the laboratory, pH values are usually obtained with an acid-base indicator or, 

more precisely, with an instrument called a pH meter. 

Acid-base indicators are organic molecules whose colors depend on the acidity or 

basicity of the solution in which they are dissolved.  

The pH meter measures [H3O
+] and transforms it into displayed pH units. 

 

 

Figure 18.7 Methods for measuring the pH of an aqueous solution. A, A few drops of the solution 
are placed on a strip of pH paper, and the color is compared with the color chart. B, The 
electrodes of a pH meter immersed in the test solution measure [H3O

+]. 
 

 

 

18.3 PROTON TRANSFER AND THE BRONSTED-LOWRY ACID-

BASE DEFINITION 

 

A major shortcoming of the Arrhenius acid-base definition: many substances that 

yield OH- ions when they dissolve in water do not contain OH in their formulas.  

Examples; ammonia, amines, and many salts of weak acids, such as NaF.  

 

Another limitation; water has to be the solvent for acid-base reactions.  
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According to the Bronsted-Lowry acid-base definition; 

 An acid is a proton donor, any species that donates an H+ ion. 

HNO3 and H2PO4
- are two of many examples. All Arrhenius acids are 

Bronsted-Lowry acids. 

 A base is a proton acceptor, any species that accepts an H+ ion. A base 

must contain a lone pair of electrons to bind the H+ ion;  

a few examples are NH3, CO3
- , and F-, as well as OH- itself. 

 

From this perspective, acid-base reactions can occur between gases, in 

nonaqueous solutions, and in heterogeneous mixtures, as well as in aqueous 

solutions. Consider two typical acidic and basic solutions: 

1. Acid donates a proton to water (Figure 18.8A). HCI (the acid) donates the H+, and 

H2O (the base) accepts it: 

 

 

Fig. 18.8 A 

 

2. Base accepts a proton from water (Figure 18.8B).  

 

H2O (the acid) has donated the H+, and NH3 (the base) has accepted it. 

 

Fig. 18.8 B 
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The Conjugate Acid-Base Pair 

Let's examine the reaction between hydrogen sulfide and ammonia: 

 

 H2S and HS- are a conjugate acid-base pair: HS- is the conjugate base of the 

acid H2S 

 NH3 and NH4
+ form a conjugate acid-base pair: NH4

+ is the conjugate acid of 

the base NH3.  

 

Every acid has a conjugate base, and every base has a conjugate acid. Note that, 

for any conjugate acid-base pair, 

• The conjugate base has one fewer H and one more minus charge than the acid. 

• The conjugate acid has one more H and one fewer minus charge than the base. 

 

 

 

Notice that: 

• Acids and bases can be neutral, cationic, or anionic. 

• The same species can be an acid or a base, depending on the other species 

reacting. Water behaves this way in reactions 1 and 4, and HPO4
2- does so in 

reactions 4 and 6. 
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Relative Acid-Base Strength and the Net Direction of Reaction 

If the stronger acid and base are written on the left, the net direction is to the right, 

so Kc > 1.  

 

 

On the other hand, with weak acids such as HF, the F- wins because it is a 

stronger base than H2O: 

 

 

We can rank conjugate pairs in terms of the ability of the acid to transfer its proton 

(Figure 18.9). Note, especially, that a weaker acid has a stronger conjugate base. 
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Figure 18.9 Strengths of conjugate acid-base pairs. The stronger the acid is, the 
weaker its conjugate base. The strongest acid appears at top left and the strongest 
base at bottom right. When an acid reacts with a base farther down the list, the 

reaction proceeds to the right (Kc > 1). 
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18.4 SOLVING PROBLEMS INVOLVING WEAK-ACID EQUILIBRIA 

In general, there are two types of equilibrium problems involving weak acids and 

their conjugate bases: 

1. Given equilibrium concentrations, find Ka. 

2. Given Ka and some concentration information, find the other equilibrium 

concentrations. 

We make two assumptions to simplify the arithmetic: 

1. The [H3O
+] from the autoionization of water is negligible.  

 

2. A weak acid has a small Ka. Therefore, it dissociates to such a small extent 

that we can neglect the change in its concentration to find its equi librium 

concentration: 
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Finding Ka Given Concentrations 
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Finding Concentrations Given Ka 
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The Effect of Concentration on the Extent of Acid Dissociation 

Suppose the initial concentration of HPr in the above sample problem is one-

tenth as much, 0.010M rather than 0. 10M. After filling in the reaction table and 

making the same assumptions, we find that 
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Now, let's compare the percentages of HPr molecules dissociated at the two 

different initial acid concentrations, using the relationship; 

 

As the initial acid concentration decreases, the percent dissociation of the acid 

increases.  

 

 

The Behavior of Polyprotic Acids 

Acids with more than one ionizable proton are polyprotic acids. In a solution 

of a polyprotic acid, one proton at a time dissociates from the acid molecule, and 

each dissociation step has a different Ka. For example, phosphoric acid is a triprotic 

acid (three ionizable protons), so it has three Ka values: 

 

As you can see from the relative Ka values, H3PO4 is a much stronger acid than 

H2PO4-, which is much stronger than HPO4
2-. (Appendix C lists several polyprotic 
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acids and their multiple Ka values.) 

 

Successive acid-dissociation constants typically differ by several orders of 

magnitude. This fact greatly simplifies pH calculations involving polyprotic acids 

because we can usually neglect the H3O
+ coming from the subsequent 

dissociations. 

 

 

18.5 WEAK BASES AND THEIR RELATION TO WEAK ACIDS 

When a base (B) dissolves, it accepts a proton from H2O, which acts as an 

acid, leaving behind an OH- ion: 

 

 

we incorporate [H2O] in the value of Kc and obtain the base-dissociation constant 

(or base-ionization constant), Kb: 

 

In aqueous solution, the two large classes of weak bases are: 

(1) ammonia and the amines and 

(2) the anions of weak acids. 

 

 

Molecules as Weak Bases: Ammonia and the Amines 

Ammonia is the simplest nitrogen-containing compound that acts as a weak 

base in water: 
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In a 1.0 M NH3 solution, for example, [OH-] = [NH4
+] = 4.2x10-3 M, so about 99.58% 

of the NH3 is not ionized.  

A list of several bases with their Kb values appears in Appendix C. 

 

If one or more of the H atoms in NH3 is replaced by an organic group (designated as 

R), an amine results: RNH2, R2NH, or R3N.  

Figure 18.10 depicts this process for methylamine, the simplest amine. 
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Anions of Weak Acids as Weak Bases 

The other large group of Bronsted-Lowry bases consists of anions of weak acids: 

 

For example, F-, the anion of the weak acid HF, acts as a weak base: 

 

 

Why is a solution of HA acidic and a solution of A- basic? 

1. The acidity of HA(aq).  

 

 

Of all the species present; HF, H2O, H3O
+, F-, and OH-, the two that can influence 

the acidity of the solution are H3O
+ , predominantly from HF, and OH- from water. 

The solution is acidic because [H3O
+ ]from HF >> [OH-]from H2O. 

 

2. The basicity of A-(aq).  

Consider the species present in 1 M NaF. The salt dissociates completely to yield a 

stoichiometric concentration of F-. The Na+ ion behaves as a spectator, and some F- 

reacts as a weak base to produce very small amounts of HF and OH-: 

 

the species present are the same as above. The two species that affect the acidity 

are OH-, predominantly from the F- reaction with water, and H3O
+ from water. 

In this case, [OH-]from F
- >> [H3O

+] from H2O, so the solution is basic. 

 

To summarize: 

 In an HA solution, [HA] >> [A-] and [H3O
+]from HA >> [OH-]from H2O, so the 

solution is acidic. 
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 In an A- solution, [A-] >> [HA] and [OH-]from A- >> [H3O
+]from H2O, so the 

solution is basic. 

 

The Relation Between Ka and Kb of a Conjugate Acid-Base Pair 

An important relationship exists between the Ka of HA and the Kb of A-: 

 

The sum of the two dissociation reactions is the auto ionization of water. 

 

To find the Kb value for F- , for instance, we look up the Ka value for HF and relate 

it to Kw: 
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18.6 MOLECULAR PROPERTIES AND ACID STRENGTH 

The strength of an acid depends on its ability to donate a proton, which 

depends in turn on the strength of the bond to the acidic proton.  
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Trends in Acid Strength of Nonmetal Hydrides 

Two factors determine how easily a proton is released from a nonmetal hydride: 

the electronegativity of the central nonmetal (E) and the strength of the E-H 

bond. Figure 18.11 displays two periodic trends: 

1. Across a period, nonmetal hydride acid strength increases.  

As E becomes more electronegative, electron density around H is withdrawn, 

and the E- H bond becomes more polar. As a result, H+ is released more 

easily to a surrounding water molecule. 

Thus, HCl is a stronger acid than H2S because CI is more electronegative (EN = 

3.0) than S (EN = 2.5). 

 

2. Down a group, nonmetal hydride acid strength increases.  

As E becomes larger, the E-H bond becomes longer and weaker, so H+ 

comes off more easily. Thus, in Group 6A(l6) , for example, 
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Trends in Acid Strength of Oxoacids 

Two factors determine the acid strength of oxoacids: the electronegativity of the 

central nonmetal (E) and the number of O atoms. 

1. For oxoacids with the same number of oxygens around E, acid 

strength increases with the electronegativity of E. 

HOCI > HOBr > HOI 

 

 

2. For oxoacids with different numbers of oxygens around a given E, acid 

strength increases with number of O atoms. 

HOCI < HOCIO < HOCIO2 < HOClO3 
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Acidity of Hydrated Metal Ions 

Consider a general metal nitrate, M(NO3)n, as it dissolves in water;  

 

 

If the metal ion, Mn+ , has a high charge density, it withdraws sufficient electron 

density from the O-H bonds of the bonded water molecules, so that a proton can be 

released (M(H2O)x
n+ acts as a typical Bronsted-Lowry acid): 

 

For example, when an aluminum salt, such as AI(NO3)3 dissolves in water, the 

following steps occur: 

 

 

 

Figure 18.13 The acidic behavior of the hydrated Al3+ ion. When a metal ion enters 

water, it is hydrated as water molecules bond to it. If the ion is small and multiply 
charged, as is the Al3+ ion, it pulls sufficient electron density from the O-H bonds of 
the attached water molecules to make the bonds more polar, and an H+ ion is 
transferred to a nearby water molecule. 
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18.7 ACID-BASE PROPERTIES OF SALT SOLUTIONS 

Some types of salts, when dissolved in water, can affect the pH of the solution. 

You can predict the relative acidity of a salt solution from the relative ability of the 

cation and/or anion to react with water. 

 

Salts That Yield Neutral Solutions 

A salt consisting of the anion of a strong acid and the cation of a strong 

base yields a neutral solution because the ions do not react with water.  

 

When a strong acid such as HNO3 dissolves, complete dissociation takes place: 

 

the anion of a strong acid (NO3
-) is a much weaker base than water. Therefore, a 

strong acid anion is hydrated, but nothing further happens. 

 

Now consider the dissociation of a strong base, such as NaOH: 

 

When Na+ enters water, it becomes hydrated but nothing further happens. The 

cations of all strong bases behave this way. 

 

Salts That Yield Acidic Solutions 

A salt consisting of the anion of a strong acid and the cation of a weak base 

yields an acidic solution because the cation acts as a weak acid, and the anion 

does not react.  

 NH4Cl produces an acidic solution because the NH4
+ ion, the cation that forms 

from the weak base NH3, is a weak acid, and the CI- ion, the anion of a strong 

acid, does not react. 
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 Small, highly charged metal ions make up another group of cations that yield 

H3O
+ in solution. For example, Fe(NO3)3 produces an acidic solution; 

 

Fe3+ ion acts as a weak acid, whereas the NO3
- ion does not react. 

 

 Cations of strong bases and anions of polyprotic acids that still have one or 

more ionizable protons produce acidic solution.  

For example, NaH2PO4 yields an acidic solution: 

 

 

 

Salts That Yield Basic Solutions 

A salt consisting of the anion of a weak acid and the cation of a strong base 

yields a basic solution in water because the anion acts as a weak base, and the 

cation does not react.  

 

Sodium acetate, for example, yields a basic solution because the Na+ ion does not 

react with water, and the CH3COO- ion, the anion of the weak acid CH3COOH, acts 

as a weak base: 
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Table 18.3 displays the acid-base behavior of the various types of salts in water. 
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Salts of Weakly Acidic Cations and Weakly Basic Anions 

The only salts left to consider are those consisting of a cation that acts as a weak 

acid and an anion that acts as a weak base. In these cases, both ions react with 

water, so the overall acidity of the solution depends on the relative acid strength (Ka) 

or base strength (Kb) of the separated ions. 

 

For example, will an aqueous solution of ammonium cyanide, NH4CN, be acidic or 

basic?  

Ammonium ion is the conjugate acid of a weak base, so it acts as a weak acid: 

 

Cyanide ion is the anion of the weak acid HCN and it acts as a weak base: 

 

We must compare the Ka of NH4
+ with the Kb of CN- 

 

because Kb of CN- > Ka of NH4
+, the NH4CN solution is basic. 
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18.8 ELECTRON-PAIR DONATION AND THE LEWIS ACID-BASE 

DEFINITION 

The final acid-base concept we consider was developed by Gilbert N. Lewis.  

The Lewis acid-base definition holds that 

 A base is any species that donates an electron pair. 

 An acid is any species that accepts an electron pair. 

The Lewis definition, like the Bronsted-Lowry definition, requires that a base have 

an electron pair to donate, so it does not expand the classes of bases. However, it 

greatly expands the classes of acids. 

Many species, such as CO2 and Cu2+ , that do not contain H in their formula function 

as Lewis acids by accepting an electron pair in their reactions.  

 

In the Lewis sense, the proton itself functions as an acid because it accepts the 

electron pair donated by a base. 

 

Thus, all Bronsted-Lowry acids donate H+ , a Lewis acid. 

 

The product of any Lewis acid-base reaction is called an adduct, a single species 

that contains a new covalent bond: 
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The key feature of a Lewis base is a lone pair of electrons to donate. The key 

feature of a Lewis acid is a vacant orbital (or the ability to rearrange its bonds to 

form one) to accept that lone pair and form a new bond. 

 

Molecules as Lewis Acids 

Many neutral molecules function as Lewis acids. In every case, the atom that 

accepts the electron pair is low in electron density because of either an electron 

deficiency or a polar multiple bond. 

 

Lewis Acids with Electron-Deficient Atoms  

The most important of these acids are covalent compounds of the Group 3A(13) 

elements boron and aluminum.  

 

o For example, boron trifluoride accepts an electron pair from ammonia to form 

a covalent bond in a gaseous Lewis acid-base reaction: 

 

o Unexpected solubility behavior is sometimes due to adduct formation. 

Aluminum chloride, for instance, dissolves freely in relatively nonpolar diethyl 

ether because of a Lewis acid-base reaction;  
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Lewis Acids with Polar Multiple Bonds 

Molecules that contain a polar double bond also function as Lewis acids. As the 

electron pair on the Lewis base approaches the partially positive end of the double 

bond, one of the bonds breaks to form the new bond in the adduct. 

 

o For example, consider the reaction that occurs when SO2 dissolves in water;  

 

The resulting adduct is sulfurous acid. 

o The formation of carbonates from a metal oxide and carbon dioxide is an 

analogous reaction that occurs in a nonaqueous heterogeneous system; 

 

 

Metal Cations as Lewis Acids 

Earlier we saw that certain hydrated metal ions act as Bronsted-Lowry acids. 

In the Lewis sense, the hydration process itself is an acid-base reaction, and any 

metal ion acts as a Lewis acid when it dissolves in water: 
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Ammonia is a stronger Lewis base than water because it displaces H2O from a 

hydrated ion when aqueous NH3 is added: 

 

 

Many biomolecules are Lewis adducts with central metal ions. Most often, O and N 

atoms of organic groups, with their lone pairs, serve as the Lewis bases. 

 Chlorophyll is a Lewis adduct of a Mg2+ ion and four N atoms in an organic ring 

system.  

 Vitamin B12 has a similar structure with a central Co3+, and so does heme,  

but with a central Fe2+.  

 Several other metal ions, such as Zn2+ , Mo2+ , and Cu2+, are bound at the 

active sites of enzymes and function as Lewis acids in the enzymes' catalytic 

action. 

 


