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Acids and Bases, two related types of chemical compounds that are virtually omnipresent in nature, 

industry, and everyday life. For example, biochemical processes are almost always associated with 

acid-base reactions in the cell or in the entire organism. The proper acidity or alkalinity of soil and 

water are essential for plant growth, and animal life depends on keeping the acidity of blood and 

other body fluids within a narrow range. In industry, acids and bases are reactants or catalysts in 

countless processes. In the home, a variety of acids and bases—including vinegar and lye—are 

used in cooking and cleaning.  

Acids were traditionally characterized as compounds that have a sour taste, turn the blue litmus dye 

red, and corrode some metals. Bases (or alkalis) were characterized as compounds that have a bitter 

taste, are slippery or soapy to the touch, and are able to change red litmus to blue. In addition, it 

was known that when an acid and a base react, they neutralize each other and form a salt. With 

advances in chemistry these characterizations have largely been replaced by precise theories that 

have extended and deepened the concepts of acids and bases.  

History  

Such acidic and basic substances as vinegar and lime probably were used in prehistoric times. The 

discovery of vinegar (in the form of sour wine) doubtless came soon after the discovery of wine.  

In historical times, an early reference to vinegar occurs in the Bible (Numbers 6:13). At an early 

date lime (calcium oxide, CaO), a base, was prepared by roasting limestone (calcium carbonate, 

CaCO3). Calcium carbonate is a salt that yields an alkaline solution when dissolved in water. The 

bases sodium (NaOH) and potassium hydroxide (KOH) were prepared by the reaction of slaked 

lime (calcium hydroxide, Ca(OH)2) in water with sodium and potassium carbonate, Na2CO3 and 

K2CO3, respectively. The latter two compounds are salts and have basic properties in aqueous 

solution.  

The body of knowledge concerning acids and bases was slowly expanded by medieval physicians 

and alchemists. During the 8th century, the Arabic alchemist Jabir Ibn Hayyan (Geber) discovered 

nitric acid and the mixture of nitric and hydrochloric acids, which was called aqua regia,"kingly 

water," because of its ability to dissolve the noble metal gold. Sulfuric acid was discovered in the 

10th century.  

In the 17th century, atomists tried to explain chemical properties and reactions in terms of the 
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shapes postulated for the atomic particles. For example, the French physician Bertrand conjectured 

that acids were sour because they consist of pointed or spiky particles that prick the tongue. 

Neutralization was postulated to occur when the spikes of acid particles fit into the pores of 

alkaline particles, locking them together.  

Oxygen Theory of Acids  

In 1777 the French chemist A.-L. Lavoisier proposed that all acids must contain the element 

oxygen. Because of this error, he coined the element's name "oxygen" from two Greek words 

meaning "acid-producing."  

Hydrogen Theory of Acids  

At the beginning of the 19th century, investigations of hydrochloric acid by Sir Humphry Davy in 

Britain and J.-L. Gay-Lussac and L.-J. Thénard in France showed that hydrogen, and not oxygen, 

was the acid-producing element.  

In 1838 the German chemist Justus von Liebig provided the first satisfactory definition of an acid. 

He proposed that an acid is a compound that contains hydrogen in a form that can be replaced by a 

metal, but bases were still defined only by their ability to neutralize acids.  

Integrated Theories of Acids and Bases  

The fact that acids and bases are capable of neutralizing each other indicates the existence of an 

underlying structural relationship. Attempts to explain this relationship met with little success until 

1887, when the Swedish chemist S. A. Arrhenius proposed the ionic theory, which extended the 

simple hydrogen theory of acids proposed by Davy and Liebig some 50 years previously.  

Ionic Theory  

Hydrogen and Hydroxide Ions  

The ionic theory of Arrhenius stated that acids and bases, in aqueous solution, ionize to some 

extent. That is, they break up into electrically charged particles known as ions. The theory defined 

an acid as a substance that ionizes in water to yield hydrogen ions (H
+
), and a base as one that 

ionizes in water to produce hydroxide ions (OH
−
).  

Examples of these definitions can be provided by the following reactions involving nitric acid 

(HNO3) and the base sodium hydroxide (NaOH):  

HNO3 (aq) → H
+
 + NO3

−
 

 

NaOH (aq) → Na
+
 + OH

−
 

 



(The symbol "aq" indicates that the substance is in aqueous solution.) Acidic or basic properties 

are thus ascribed to the presence of H
+
 ions or to OH

−
 ions, respectively.  

Acid-Base Strengths  

The strength of a particular acid or base was explained in terms of the degree of ionization of the 

acid or base. Accordingly, a strong acid is one that supplies a relatively, high concentration of H
+
 

ions, whereas a weak acid is only slightly ionized and thus produces a low concentration of H
+
 

ions. A substance that contains hydrogen but does not ionize in water is not considered an acid. An 

example is methane (CH4), which is essentially nonacidic.  

Electrolytic Dissociation Theory  

The ionic theory of acids and bases originated from the electrolytic dissociation theory conceived 

in the 1880s by Arrhenius and the German chemist Wilhelm Ostwald. The theory states that certain 

compounds, called electrolytes, dissociate into their component ions when dissolved in water. 

Arrhenius surmised that acids are electrolytes that give rise to hydrogen ions and bases are 

electrolytes that yield hydroxide ions.  

The electrolytic dissociation theory provides a quantitative measure of the acidity or alkalinity of a 

solution and hence a measure of the strength of the acid or base. This is obtained by evaluating the 

ability of the solution to carry an electric current. The electrical conductivity of the solution is a 

measure of the concentration of the ions in solution and hence a measure of the concentration of 

the hydrogen of hydroxide ions.  

Neutralization  

Arrhenius' theory provided a simple explanation of the neutralization of acids by bases: the 

hydrogen ions from the acid react with the hydroxide ions from the base to yield neutral water:  

H
+
 + OH

−
 → H2O. 

 

Limitations of the Arrhenius Definition  

The Arrhenius definition of acids and bases in aqueous solution was generally accepted for about 

35 years. It was then realized that a definition was required that explained the behavior of acids and 

bases in solvents other than water.  

Also, according to the Arrhenius concept, an acid that was dissolved in water should produce H
+
 

ions in solution. The H
+
 ions are simply protons—the nuclei of hydrogen atoms that have lost their 

one electron. However, electrical conductivity measurements and other experiments show that the 

protons do not exist free in solution. Instead, there is much evidence that the proton (H
+
) is 

intimately attached to a solvent molecule. In water, for example, the H
+
 is attached to an H2O 

molecule to form the hydronium (or oxonium) ion, H3O
+
. If liquid methanol (CH3OH) is the 



solvent, the proton is attached to a solvent molecule and exists as CH3OH2
+
 (methyloxonium ion). 

In the solvent ammonia (NH3), the H
+
 is attached to an NH3 molecule and exists as NH4

+
 (the 

ammonium ion).  

Furthermore, several ambiguities arose regarding the possible classification of certain compounds 

as bases even though they do not contain a hydroxide as part of their structure. For example, 

ammonia in combination with water produces hydroxide ions.  

Proton-Transfer Theory  

A generalization of the Arrhenius concept of acids and bases was provided in 1923 by the Danish 

chemist J. N. Brønsted and independently by the English chemist T. M. Lowry.  

Proton Donor/Acceptor  

The Brønsted-Lowry definition states that any proton donor is an acid and any proton acceptor is a 

base. This definition has a number of advantages over the simple hydrogen ion—hydroxide ion 

theory. First, the new definition is independent of the particular solvent in which the acid or base is 

dissolved. Second, the acidic or basic species could be an anion (a negative ion) or a cation (a 

positive ion) and not just a neutral molecule.  

The Brønsted-Lowry concept can be summarized by the following reaction involving a 

hypothetical acid HX and a hypothetical base B: 

 

The generalized acid-base reaction is a proton-transfer reaction, whereby the acid HX donates a 

proton (H
+
) to the base B. The base becomes BH

+
 whereas the acid becomes X

−
.  

The original reactants can be reformed by the reverse reaction between the products BH
+
 and X

−
. 

In the reverse reaction, the BH
+
 species acts as an acid by donating a proton, whereas the X

−
 

species acts as a base by accepting a proton. (Chemists use the term species to refer to a particular 

kind of molecule, atom, or ion.)  

Conjugate Acid-Base Pairs.  

The acid on one side of the reaction is paired with its complementary base on the other side of the 

equation. Hence, HX and X
−
 make up a conjugate acid-base pair, and similarly BH

+
 is the 

conjugate acid of the base B. Within a conjugate pair, the acid differs from its base counterpart by 



a proton (H
+
); the acid has the extra proton.  

The charges that are indicated on the species of the above reaction need not be the actual charges 

on the species. These charges are relative and simply signify that an acid has one more positive (or 

one less negative) charge than its conjugate base. Hence, besides neutral molecular acids and bases, 

there also exist ionic acids and bases. For instance, the ammonium cation NH4
+
 reacts as an acid 

and the acetate anion C2H3O2
−
 has basic properties.  

Proton-Transfer Reactions  

The following examples illustrate Brønsted-Lowry acid-base reactions in water and in methanol. 

 

Neutralization of a Strong Acid by a Strong Base in Aqueous Solution.  

In aqueous solution, a strong acid such as HCl (hydrochloric acid) supplies H3O
+
 ions, and a strong 

base, such as NaOH (sodium hydroxide) provides OH
−
 ions:  

HCl + H2O → Cl
−
 + H3O

+
 

 

NaOH → Na
+
 + OH

−
. 

 

In the actual reaction, the hydronium (the proton donor) and the hydroxide (the proton acceptor) 

ions combine to yield neutral water:  



H3O
+
 + OH

−
 → 2H2O. 

 

In the above example, the sodium (Na
+
) and chloride (Cl

−
) ions from the salt sodium chloride 

(NaCl) are present in the solution.  

Hydrolysis of Salts.  

When NaCl, which results from the reaction between NaOH and HCl, is dissolved in water, it will 

not alter the neutrality of the solution. However, if a salt is not derived from the reaction of a strong 

acid with a strong base, its aqueous solution may have either acidic or basic properties. Thus, an 

aqueous solution of a salt such as sodium acetate (NaC2H3O2), which is derived from a weak acid 

(HC2H3O2) and a strong base (NaOH), will yield a basic solution. The action of water—

hydrolysis—on the anion (C2H3O2
−
) of the salt yields OH

−
:  

NaC2H3O2 (aq)   →  Na
+
 + C2H3O2

−
; 

 

C2H3O2
−
 + H2O     HC2H3O2 + OH

−
. 

 

Similarly, an aqueous solution of a salt such as ammonium chloride (NH4Cl), which is produced 

from the reaction between hydrochloric acid (HCl), a strong acid, and ammonia (NH3), a weak 

base, will result in an acidic solution. The hydrolysis of the cation (NH4
+
) of the salt yields 

hydronium ions:  

NH4Cl(aq)   →  NH4
+
 + Cl

−
 

 

NH4
+
 + H2O    NH3 + H3O

+
. 

 

The Hydronium Ion  

As noted previously, the hydronium ion (H3O
+
) is a hydrated proton—that is, an H

+
 that is attached 

to an H2O molecule. However, a number of experiments have demonstrated that in aqueous 

solution even the hydronium ion is hydrated by attachment of additional water molecules. The 

actual structure of the hydrated hydronium ion has not been definitely determined. However, it is 

believed that three water molecules are attached to the H3O
+
 ion to form the H9O4

+
 species, as 

illustrated below.  



The structure of H9O4
+
 shown here in two dimensions, is actually three-dimensional.  

 

The structure of the hydrated hydronium ion indicates that each hydrogen of the H3O
+
 species is 

attached to an oxygen of water. The hydrogen atom has a slight positive charge, whereas the 

oxygen has a slight negative charge. The attraction between these oppositely charged parts results 

in a bond between a hydrogen of one unit and the oxygen of another unit. This bond, known as a 

hydrogen bond, is represented by the dots between the atoms.  

Polyprotic Acids and Polybases  

Acids that can ionize in water to yield more than one proton per molecule are called polyprotic 

acids. A monoprotic acid, such as HCl (hydrochloric acid), yields one proton. Diprotic and triprotic 

acids, such as H2SO4 (sulfuric acid) and H3PO4 (phosphoric acid), yield two and three protons, 

respectively. For example, the sequential release of the three protons from phosphoric acid is 

represented by the following scheme:  

H3PO4 + H2O     H3O
+
 + H2PO4

−
 

 

H2PO4
−
 + H2O     H3O

+
 + HPO4

2−
 

 

HPO4
2−

 + H2O     H3O
+
 + PO4

3−
 

 

A series of three salts can be formed from a triprotic acid; for example, NaH2PO4 (sodium 

dihydrogen phosphate), Na2HPO4 (sodium monohydrogen phosphate), and Na3PO4 (sodium 

phosphate).  

Bases that can ionize to form more than one hydroxide ion per molecule are called polybases. For 

example, Ba(OH)2 (barium hydroxide) in aqueous solution can provide two hydroxide ions per 

molecule.  



Amphoteric Species  

A molecular or ionic species that has both acidic and basic properties is said to be amphoteric. 

Amphoteric species include the neutral molecules H2O and NH3, as illustrated by the following 

reactions: autoionization of water:  

2H2O    H3O
+
 + OH

−
  

 

autoionization of ammonia:  

2NH3    NH4
+
 + NH2

−
. 

 

In each of these ionizations, one molecule acts as an acid, the other as a base. Thus, even in pure 

water, both hydronium and hydroxide ions are present. In pure water, the concentrations of the 

hydrogen and hydroxide ions are the same and equal to 1.00 × 10
−7

 mole/liter at 25 °C. (One mole 

is one gram molecular weight of the species in question.) Other neutral amphoteric molecules 

include methanol (CH3OH), which ionizes to CH3OH2
+
 and CH3O

−
, and ethanol (C2H5OH), which 

ionizes to C2H5OH2
+
 and C2H5O

−
.  

Amphoteric species also include the anions of polyprotic acids. For example, in aqueous solution, 

each of the two anions of H3PO4, H2PO4
−
 and HPO4

2−
, can act either as an acid or as a base, as 

demonstrated by the following hydrolysis reactions for H2PO4
−
: 

 

The amphoteric properties of H2O are also displayed in the above reactions. Other amphoteric 

anionic species include the bisulfate ion (HSO4
−
) and the bicarbonate ion (HCO3

−
).  

Nomenclature of Protic Acids  

The names that are given to Broønsted-Lowry acids follow a systematic pattern. An acid with the 

general symbol HX consists of a proton, H
+
, and the anion X

-
. The name of this acid depends on 

the suffix of the anion name. In general, anions have any one of three suffixes. Monatomic anions, 

which consist of one atom, have the -ide suffix. Oxyanions (those that contain one or more oxygen 

atoms) have either the -ate suffix or, if there is one less oxygen atom than in an -ate anion, the -ite 

suffix. The following rules will supply the appropriate acid name:  

1. (1) -ide anion → hydro (anion name, less suffix) ic acid.  

2. (2) -ate anion → (anion name, less suffix) ic acid.  

3. (3) -ite anion → (anion name, less suffix) ous acid.  



Examples: The acid HCl, which contains the cloride anion (Cl
−
), is called "hydrochloric" acid 

according to rule (1). The acid HNO3, which contains the nitrate anion (NO3
−
), becomes "nitric" 

acid according to rule (2). Similarly, HNO2, which contains the nitrite anion (NO2
−
), is called 

"nitrous" acid according to rule (3).  

Electron-Pair Sharing  

In 1923, the same year that Broønsted and Lowry independently devised their proton definition of 

acids and bases, the U.S. chemist G. N. Lewis presented a further expansion of the concept of acids 

and bases.  

According to the Lewis definition, an acid is any species that accepts and attaches itself to an 

unshared pair of electrons in another species; a base is any species that donates a lone pair of 

electrons to be shared by another species—the acid. This definition was suggested by the fact that 

an acidic hydrogen atom attaches itself to a free pair of electrons in the basic molecule during a 

Broønsted-Lowry proton-transfer reaction. According to Lewis, any species that acts in this 

fashion, even if it does not contain any hydrogen atoms, should be considered an acid. This Lewis 

definition is based on the valence theory of bonding. Thus, a Lewis acid is any species that accepts 

an electron pair from a base to form a coordinate covalent bond, and a Lewis base is any species 

that donates an electron pair to form such a bond. See Bond.  

Lewis Acid-Base Reactions  

The reaction between a Lewis acid and base results in an addition product—an adduct. This 

compound consists of the two reacting species united by a coordinate covalent bond.  

Neutral (or Uncharged) Molecules.  

The reaction between boron trifluoride (BF3) and ammonia (NH3) results in the following adduct 

(the pair of heavy dots represents the pair of electrons to be used in a coordinate covalent bond): 

 

The BF3 acts as an acid by accepting an electron-pair from NH3, the base, which donates the pair, 

to form the coordinate covalent bond between the two species.  

Charged Species.  

The reaction between silver ion (Ag
+
) and ammonia results in the diammine-silver(I) ion complex, 

[Ag(NH3)2]
+
, according to the following acid-base reaction: 
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Similarly, the reaction between BF3 and the hydroxide ion, OH
−
, yields the adduct [BF3(OH)]

−
, 

according to:  

 

Other Lewis acids that are not covered by the Brønsted-Lowry definition include AlCl3 (aluminum 

chloride), ZnCl2 (zinc chloride), and TiCl4 (titanium chloride).  

Acid-Base Strengths  

Qualitative Considerations  

In the Brønsted-Lowry proton-transfer theory, any acid or base that ionizes or dissociates nearly 

completely in a solvent to form ionic products is called a strong acid or base in that particular 

solvent. If only a small fraction of the species molecules break up, it is considered to be weak in 

that solvent.  

As examples, the ionizations of hydrochloric (HCl) and acetic (HC2H3O2) acids in aqueous 

solutions will be considered. The ionization of HCl is nearly complete, as can be illustrated by use 

of large forward arrow: 

 

Hence, HCl is a strong acid in water. However, acetic acid is a relatively weak acid. Its ionization 

could be written with a large reverse arrow, which indicates that the ionic products can readily 

combine to revert to the un-ionized molecules of acetic acid: 

 

In each of the above two reactions, an acid and a base are on each side of the reaction. The relative 

strengths of the two acids or of the two bases in a particular solvent can be determined if the extent 

of the ionization of one of the acids is known. In the HCl example, the reaction proceeds almost 

completely to the right. This indicates that HCl, the acid on the left side of the reaction, is a 

stronger acid than is H3O
+
, the acid on the right side. Similarly, H2O as a base is stronger than Cl

−
. 

In the second reaction, the acetic acid ionization proceeds only slightly to the right. Thus, HC2H3O2 

is a weaker acid than H3O
+
, and H2O is a weaker base than C2H3O2.  



By the study of other ionizations in aqueous solution, the accompanying table can be constructed. 

Note the placement of the three acids and the three bases that were just discussed. Acid strengths 

decrease in the order HCl > H3O
+
 > HC2H3O2, whereas base strengths increase according to Cl

−
 < 

H2O < C2H3O
−

2.  

This table shows that if an acid is strong, its conjugate base is weak. Similarly, a strong base has a 

weak conjugate acid. Thus, if HCl is relatively strong, then Cl
−
 is weak.  

pH  

The degree of acidity or alkalinity of an aqueous solution can be quantitatively described by its pH, 

which is defined as the negative logarithm of the hydrogen-ion concentration—or, more accurately, 

of the hydronium-ion concentration. At 25 °C, an acidic solution has a pH value less than 7; a basic 

solution has a pH greater than 7; and a neutral aqueous solution has a pH equal to 7. See also pH.  

Buffer Solutions  

Buffered aqueous solutions resist drastic changes in their pH, despite the addition of a strong acid 

or a strong base. Buffered solutions are composed of a weak acid and its salt (the conjugate base) 

or of a weak base and its salt (the conjugate acid). The particular pH of a buffer solution is 

dependent on the relative strength of the weak acid or of the weak base.  

Structural Classification of Acids and Bases  

Acids and bases are classified as either organic, if the species contains carbon, or inorganic. 

Organic acids are further subdivided according to the type of structural group that contains the 

ionizable hydrogen: (1) carboxylic acids have the −COOH (carboxyl) group; (2) alcohols and 

phenols have the −OH (hydroxyl) group, where, in a phenol, the −OH group is attached to a 

benzene ring; (3) sulfonic acids are organic derivatives of sulfuric acid; and many other types. 

Organic bases usually include the amines, compounds that are closely related to ammonia.  

Inorganic bases include metal hydroxides—such as the very strong bases LiOH, NaOH, KOH, 

RbOH, CsOH, Ca(OH)2, Sr(OH)2, and Ba(OH)2—as well as ammonia and its related hydroxides.  

Zvi C. Kornblum 

Cooper Union  
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