Acids and Bases (Alkalis)  –  a Brief Overview

The meanings of the words acid and base (alkali) have changed as chemistry developed, and even now mean different things depending on the context.  The evolution of acid/base concepts is summarized below:

1. Historical

The terms acid and alkali were used long before anything was known about their compositions, and were based on observed properties.

An acid:
1.  was sour



2.  dissolved some metals



3.  caused severe burns to the skin if concentrated



4.  caused many plant dyes to change color (for example; syrup of 



violets to red, litmus to red)



5. so on and so forth

An alkali:
1. was bitter



2. had a soapy or slippery feel



3. caused severe burns to the skin if concentrated



4. caused many plant dyes to change color, different from the color 



changes caused by acids (for example; syrup of violets to green, 




litmus to blue)



5. so on and so forth

Neutralization:

It was eventually discovered that acids and alkalis combine with each other to produce something (called salts) that did not have the properties of either acids or alkalis.

2.  The Hydrogen Theory of Acids

When chemistry had developed to the point where chemical composition could be determined, it was observed that the presence of hydrogen in a substance was necessary for acid behavior. For example, HCl, HBr, HNO3, H2SO4.

Many alkalis contained the hydroxide group (OH), and the neutralization process was seen as a reaction like the following:
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3.  The Arrhenius Definition of Acids and Alkalis

Because water solutions of acids and bases conducted electricity (among other reasons), Arrhenius, who had developed the concept of ions, proposed the following definitions:


an acid is a substance that forms H+ in water


an alkali is a substance that forms OH– in water

This definition was limited and inadequate because acid/alkali behavior could be observed in solvents other than water, as well as in the gas phase.  Some alkaline materials did not contain OH (for example, NH3, K2CO3).

4.  The Bronsted (Bronsted/Lowry) Definition of Acids and Bases
This definition is based on taking a “microscopic look” at what is going on when an acid or base does its thing.  When an acid is doing its job as an acid, it is transferring a proton (H+, which is the nucleus of a hydrogen atom) to something else.  That something else is called a base. (See below for the reason why the word base is used instead of alkali.)

So Bronsted focused on proton transfer, and his definitions are:


an acid  is a proton donor

a base is a proton acceptor
The proton donor and acceptor can be either a neutral molecule or an ion.  The definition focuses on behavior rather than structure, and the same molecule or ion can be an acid in some circumstances and a base in others, depending on whether it is donating or accepting a proton.

The following represents the equilibrium that is established when pure, gaseous, molecular HCl is dissolved in water. The proton is transferred from the HCl molecule to H2O.  Note the labels.
( B = Bronsted.)
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Conjugate here means connected to or related to.  A conjugate acid/base pair differ by the presence or absence of the proton. 

If the proton transfer were looked at in the reverse direction, the following labels would apply:


H3O+

=
the B acid


Cl–

=
the B base


HCl

=
the conjugate acid of Cl–

H2O

=
the conjugate base of H3O+
Note that the base, for example Cl–, can be regarded as the “pedestal” or foundation on which the proton can sit to make an acid.  That’s why this pedestal is called a base. (Actually, the word “base” was first used historically as meaning the foundation on which the salt is built.)

In the above equilibrium, water is behaving as a Bronsted base.  In the presence of ammonia, below, it behaves as a Bronsted acid.
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Pure water also undergoes a small degree of self-protonation. In this case, one molecule of water is acting as an acid, another as a base.
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5.  Acidity and Basicity  (the Strengths of Acids and Bases )

The strength of an acid or base refers to its effectiveness as a proton donor or acceptor, respectively.  Effectiveness can be expressed in more than one way.  For example, the strength of an acid could be taken as a reflection of how fast proton transfer occurs to a given reference base.  Proton transfer rates, although usually very fast, can be measured, and rate constants for many acids are available.  This kind of quantitative measure of acid strength is called kinetic acidity.
It is more common, however, to express acidity another way, and that is to determine the extent to which the acid has protonated a reference base after equilibrium has been achieved.  Water is always the reference base in order to maintain consistency in comparing acids.  For a strong acid, for example HCl above, the equilibrium lies far to the right and there is little molecular HCl present at equilibrium.  For a weak acid, the equilibrium lies to the left.  To ”put a number on it”, the equilibrium constant can be measured and used as an expression of acid strength.  This is called equilibrium acidity or thermodynamic acidity. For the above equilibrium involving HCl and H2O, the equilibrium constant, Keq, has the form:
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The equation can be rearranged as shown, because water is the solvent and in large excess. Its concentration is virtually unchanged after equilibration, and can be assumed to be constant. Ka is called the acidity constant.  Ka’s have been determined and are tabulated for thousands of Bronsted acids.  Thermodynamic acidity and kinetic acidity usually parallel each other, but not always.  

Because Ka’s are frequently small numbers expressed with negative exponents (e.g., 1.8 x 10–5), more user-friendly numbers can be obtained by using the negative logarithm of Ka ( as is done with 
 pH = –log [H+] ).  Thus, pKa = –logKa.   In analogy with pH, a smaller pKa means a stronger acid.

To summarize, acid strength is usually expressed quantitatively as an equilibrium constant that refers to the equilibration of the acid with water as the reference base.  Base strength can be formulated in a similar way with water as the reference acid.  For example, the base strength of NH3 is expressed as a basicity constant, Kb, which is the modified equilibrium constant for its equilibration with water, a reaction shown above.  Then, 
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6.  Electron Pushing for Proton-Transfer Reactions
Proton transfer is an example of nucleophilic substitution, and the mechanism is analogous to that of an SN2 reaction.  The curved arrow begins at the electron pair on the base (nucleophile), and the head of the arrow goes to the hydrogen of the acid.  The electron pair in the original bond to hydrogen ends up on the “leaving group”. For example:
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 7.  The Lewis Definition of Acids and Bases

There have been various other attempts to define acids and bases, but the only other commonly used definition is that of Lewis.  The Lewis definition no longer associates an acid with the presence of hydrogen in a molecule or with proton transfer.  It will be discussed at a later time, when Lewis acid/base concepts will be useful for understanding reaction processes. Briefly, a Lewis base is an electron-pair donor, and  a Lewis acid is an electron-pair acceptor. Typically, they combine to give what is known as a Lewis adduct.
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Supplementary Problems

1.  Label the Bronsted acids, bases and corresponding conjugates (“of”) in the reactions below. Show the curved arrows for the proton transfer (from left to right).


[image: image10.wmf]

[image: image11.wmf]
2.
a.  The conjugate acid of NH2– is 




b.  CH3OH2+ is the conjugate

 of  CH3OH


c.  O–2   is the conjugate


   of 



d.  The conjugate base of NH2– is 



e.  H2PO4–  is the conjugate


 of HPO4–2






Answers
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