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Acids 
Acids have long been recognized as a distinctive class of compounds whose aqueous solutions exhibit the following properties: 

· A characteristic sour taste (think of lemon juice!); 

· ability to change the color of litmus* from blue to red; 

· react with certain metals to produce gaseous H2; 

· react with bases to form a salt and water. 


Acids and the hydrogen ion 

The key to understanding acids (as well as bases and salts) had to await Michael Faraday’s mid-nineteenth century discovery that solutions of salts (known as electrolytes) conduct electricity. This implies the existence of charged particles that can migrate under the influence of an electric field. Faraday named these particles ions (“wanderers”).  Later studies on electrolytic solutions suggested that the properties we associate with acids are due to the presence of an excess of hydrogen ions in the solution. By 1890 the Swedish chemist Svante Arrhenius (1859-1927) was able to formulate the first useful theory of acids:

"an acidic substance is one whose molecular unit contains at least one hydrogen atom that can dissociate, or ionize, when dissolved in water, producing a hydrated hydrogen ion and an anion." 

Strictly speaking, an “Arrhenius acid” must contain hydrogen. However, there are substances that do not themselves contain hydrogen, but still yield hydrogen ions when dissolved in water; the hydrogen ions come from the water itself, by reaction with the substance. 
An acid is a substance that yields an excess of hydrogen ions when dissolved in water.

There are three important points to understand about hydrogen in acids:

Although all Arrhenius acids contain hydrogen, not all hydrogen atoms in a substance are capable of dissociating; thus the –CH3 hydrogens of acetic acid are “non-acidic”. An important part of knowing chemistry is being able to predict which hydrogen atoms in a substance will be able to dissociate into hydrogen ions; 
Those hydrogens that do dissociate can do so to different degrees. The strong acids such as HCl and HNO3 are effectively 100% dissociated in solution. Most organic acids, such as acetic acid, are weak; only a small fraction of the acid is dissociated in most solutions. HF and HCN are examples of weak inorganic acids. 

Acids that possess more than one dissociable hydrogen atom are known as polyprotic acids; H2SO4 and H3PO4 are well-known examples. Intermediate forms such as HPO42–, being capable of both accepting and losing protons, are called ampholytes. 

Bases 

The name base has long been associated with a class of compounds whose aqueous solutions are characterized by:

· a bitter taste; 

· a “soapy” feeling when applied to the skin; 

· ability to restore the original blue color of litmus that has been turned red by acids; 

· ability to react with acids to form salts. 

· react with certain metals to produce gaseous H2; 

We can therefore define a base as follows:
A base is a substance that yields an excess of hydroxyl ions when dissolved in water.

Neutralization 

Acids and bases react with one another to yield two products: water, and an ionic compound known as a salt. This kind of reaction is called a neutralization reaction.
HCl + NaOH→ NaCl+ H2O
add    base      salt     water

This "molecular" equation is convenient to write, but we need to re-cast it as a net ionic equation to reveal what is really going on here when the reaction takes place in water, as is almost always the case.
H+ + Cl– + Na+ + OH–→ Na+ + Cl– + H2O
If we cancel out the ions that appear on both sides (and therefore don't really participate in the reaction), we are left with the net equation
H+(aq) + OH–(aq) → H2O           (1)
which is the fundamental process that occurs in all neutralization reactions. 

Confirmation that this equation describes all neutralization reactions that take place in water is provided by experiments indicating that no matter what acid and base are combined, all liberate the same amount of heat (57.7 kJ) per mole of H+ neutralized.

In the case of a weak acid, or a base that is not very soluble in water, more than one step might be required. For example, a similar reaction can occur between acetic acid and calcium hydroxide to produce calcium acetate: 
2 CH3COOH + Ca(OH)2 (s) → CH3COOCa + 2 H2O
If this takes place in aqueous solution, the reaction is really between the very small quantities of H+ and OH– resulting from the dissociation of the acid and the dissolution of the base, so the reaction is identical with (1):
H+(aq) + OH–(aq) → H2O
If, on the other hand, we add solid calcium hydroxide to pure liquid acetic acid, the net reaction would include both reactants in their "molecular" forms: 
2 CH3COOH(l) + Ca(OH)2 (s) → 2 CH3COO– + Ca2+ + 2 H2O
The “salt” that is produced in a neutralization reaction consists simply of the anion and cation that were already present. The salt can be recovered as a solid by evaporating the water.

Proton donors and acceptors

Acid-base reactions à la Brønsted
Acids are proton donors, bases are proton acceptors.
This has been the guiding concept of aqueous solution acid-base chemistry since the early 20th century. In this lesson we develop this concept and illustrate its applications to "strong" and "weak" acids and bases, emphasizing the common theme that acid-base chemistry is always a competition between two bases for the proton. 
1  Proton donors and acceptors

The older Arrhenius theory of acids and bases viewed them as substances which produce hydrogen ions or hydroxide ions on dissociation. As useful a concept as this has been, it was unable to explain why NH3, which contains no OH– ions, is a base and not an acid, why a solution of FeCl3 is acidic, or why a solution of Na2S is alkaline. 

A more general theory of acids and bases was developed by Franklin in 1905, who suggested that the solvent plays a central role. According to this view, an acid is a solute that gives rise to a cation (positive ion) characteristic of the solvent, and a base is a solute that yields a anion (negative ion) which is also characteristic of the solvent. The most important of these solvents is of course H2O, but Franklin's insight extended the realm of acid-base chemistry into non-aqueous systems as we shall see in a later lesson. 

Brønsted acids and bases 

In 1923 the Danish chemist J.N. Brønsted, building on Franklin's theory, proposed that
An acid is a proton donor; a base is a proton acceptor. 
In the same year the English chemist T.M. Lowry published a paper setting forth some similar ideas without producing a definition; in a later paper Lowry himself points out that Brønsted deserves the major credit, but the concept is still widely known as the Brønsted-Lowry theory.

These definitions carry a very important implication: a substance cannot act as an acid without the presence of a base to accept the proton, and vice versa. As a very simple example, consider the equation that Arrhenius wrote to describe the behavior of hydrochloric acid:

HCl → H+ + A–
This is fine as far as it goes, and chemists still write such an equation as a shortcut. But in order to represent this more realistically as a proton donor-acceptor reaction, we now depict the behavior of HCl in water by in which the acid HCl donates its proton to the acceptor (base) H2O.

The Hydronium ion 

Hydrogen ions cannot exist in water 

There is another serious problem with the Arrhenius view of an acid as a substance that dissociates in water to produce a hydrogen ion. The hydrogen ion is no more than a proton, a bare nucleus. Although it carries only a single unit of positive charge, this charge is concentrated into a volume of space that is only about a hundred-millionth as large as the volume occupied by the smallest atom. (Think of a pebble sitting in the middle of a sports stadium!) The resulting extraordinarily high charge density of the proton strongly attracts it to any part of a nearby atom or molecule in which there is an exess of negative charge. In the case of water, this will be the lone pair (unshared) electrons of the oxygen atom; the tiny proton will be buried within the lone pair and will form a shared-electron (coordinate) bond with it, creating a hydronium ion, H3O+. In a sense, H2O is acting as a base here, and the product H3O+ is the conjugate acid of water.
Acid-base reactions à la Brønsted
According to the Brønsted concept, the process that was previously written as a simple dissociation of a generic acid HA ("HA → H+ + A–)" is now an acid-base reaction in its own right: 

HA + H2O → A–+ H3O+
The idea, again, is that the proton, once it leaves the acid, must end up somewhere; it cannot simply float around as a free hydrogen ion. 

Conjugate pairs 

A reaction of an acid with a base is thus a proton exchange reaction; if the acid is denoted by AH and the base by B, then we can write a generalized acid-base reaction as
AH + B → A– + BH+
Notice that the reverse of this reaction,
BH+ + A– → B + AH+
is also an acid-base reaction. Because all simple reactions can take place in both directions to some extent, it follows that transfer of a proton from an acid to a base must necessarily create a new pair of species that can, at least in principle, constitute an acid-base pair of their own.

In this schematic reaction, base1 is said to be conjugate to acid1, and acid2 is conjugate to base2. The term conjugate means “connected with”, the implication being that any species and its conjugate species are related by the gain or loss of one proton. 
Strong acids and weak acids 
Weak acids 

Most acids, however, are able to hold on to their protons more tightly, so only a small fraction of the acid is dissociated. Thus hydrocyanic acid, HCN, is a weak acid in water because the proton is able to share the lone pair electrons of the cyanide ion CN– more effectively than it can with those of H2O, so the reaction
HCN + H2O → H3O+ + CN–
proceeds to only a very small extent.

Strong acids have weak conjugate bases

This is just a re-statement of what is implicit in what has been said above about the distinction between strong acids and weak acids. The fact that HCl is a strong acid implies that its conjugate base Cl– is too weak a base to hold onto the proton in competition with either H2O or H3O+. Similarly, the CN– ion binds strongly to a proton, making HCN a weak acid. 
Strong bases and weak bases
The only really strong bases you are likely to encounter in day-to-day chemistry are alkali-metal hydroxides such as NaOH and KOH, which are essentially solutions of the hydroxide ion.

Most other compounds containing hydroxide ions such as Fe(OH)3 and Ca(OH)2 are not sufficiently soluble in water to give highly alkaline solutions, so they are not usually thought of as strong bases. 

There are actually a number of bases that are stronger than the hydroxide ion — best known are the oxide ion O2– and the amide ion NH2–, but these are so strong that they can rob water of a proton:
O2– + H2O → 2 OH–
NH2– + H2O → NH3 + OH–
This gives rise to the same kind of leveling effect we described for acids, with the consequence that

Hydroxide ion is the strongest base that can exist in aqueous solution.
 
Autoprotolysis

From some of the examples given above, we see that water can act as an acid

CN– + H2O → HCN + OH–
and as a base

NH4+ + H2O → NH3 + H3O+
This reaction is known as the autoprotolysis of water.

Chemists still often refer to this reaction as the "dissociation" of water and use the Arrhenius-style equation H2O → H+ + OH– as a kind of shorthand. 

As discussed in the previous lesson, this process occurs to only a tiny extent. It does mean, however, that hydronium and hydroxide ions are present in any aqueous solution.

Can other liquids exhibit autoprotolysis? The answer is yes. The most well-known example is liquid ammonia:

2 NH3 → NH4+ + NH2–
Even pure liquid sulfuric acid can play the game:
2 H2SO4→ H3SO4+ + HSO4–
Each of these solvents can be the basis of its own acid-base "system", parallel to the familiar "water system". 
Ampholytes

Water, which can act as either an acid or a base, is said to be amphiprotic: it can "swing both ways". A substance such as water that is amphiprotic is called an ampholyte.
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