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 4-hydroxyproline, a derivative of proline, and 5-hydroxylysine, derived from
lysine.

 The former is found in plant cell wall proteins, and both are found in collagen, a
fibrous protein of connective tissues.

 6-N-Methyllysine is a constituent of myosin, a contractile protein of muscle. Another
important uncommon amino acid is g-carboxyglutamate, found in the blood clotting
protein prothrombin and in certain other proteins that bind Ca+2 as part of their
biological function.

 More complex is desmosine, a derivative of four Lys residues, which is found in the
fibrous protein elastin.

 Selenocysteine is a special case. This rare amino acid residue is introduced during
protein synthesis rather than created through a postsynthetic modification.

 It contains selenium rather than the sulfur of cysteine.

 Actually derived from serine, selenocysteine is a constituent of just a few known
proteins.

Uncommon Amino acids







IonIzatIon of Water,       
Weak acids, and Weak Bases



 Like all reversible reactions, the ionization of water can be described by an equilibrium
constant.

 When weak acids are dissolved in water, they contribute H+ by ionizing; weak bases
consume H+ by becoming protonated. These processes are also governed by equilibrium
constants. The total hydrogen ion concentration from all sources is experimentally
measurable and is expressed as the pH of the solution.

 To predict the state of ionization of solutes in water, we must take into account the
relevant equilibrium constants for each ionization reaction.

Pure Water Is Slightly Ionized

 Water molecules have a slight tendency to undergo reversible ionization to yield a
hydrogen ion (a proton) and a hydroxide ion, giving the equilibrium



Dissociation product of water as H+, free protons do not exist in solution; hydrogen ions
formed in water are immediately hydrated to hydronium ions (H3O+). Hydrogen bonding
between water molecules makes the hydration of dissociating protons virtually instantaneous:

The ionization of water can be measured by its electrical
conductivity; pure water carries electrical current as H3O+

migrates toward the cathode and OH- toward the anode. The
movement of hydronium and hydroxide ions in the electric field
is extremely fast compared with that of other ions such as Na+,
K+, and Cl+. This high ionic mobility results from the kind of
“proton hopping”. No individual proton moves very far through
the bulk solution, but a series of proton hops between hydrogen-
bonded water molecules causes the net movement of a proton
over a long distance in a remarkably short time. As a result of the
high ionic mobility of H+ (and of OH-, which also moves rapidly
by proton hopping, but in the opposite direction), acid–base
reactions in aqueous solutions are exceptionally fast.



The position of equilibrium of any chemical reaction is given by its equilibrium constant, Keq
(sometimes expressed simply as K ). For the generalized reaction

an equilibrium constant can be defined in terms of the concentrations of reactants (A and B) and
products (C and D) at equilibrium:

The equilibrium constant is fixed and characteristic for any given chemical reaction at a specified
temperature. It defines the composition of the final equilibrium mixture, regardless of the starting
amounts of reactants and products. Conversely, we can calculate the equilibrium constant for a given
reaction at a given temperature if the equilibrium concentrations of all its reactants and products are
known.



The Ionization of Water Is Expressed by
an Equilibrium Constant

The degree of ionization of water at equilibrium (Eqn 2–1) is small; at 25 C only about two of every 
109 molecules in pure water are ionized at any instant. The equilibrium
constant for the reversible ionization of water is

In pure water at 25 C, the concentration of water is 55.5 M—grams of H2O in 1 L divided by its 
gram molecular weight: (1,000 g/L)/(18.015 g/mol)—and is essentially constant in relation to the 
very low concentrations of H+ and OH-, namely, 1 x 10-7 M. 
Accordingly, we can substitute 55.5 M in the equilibrium constant expression (Eqn 2–3) to yield

where KW designates the product (55.5 M)(Keq), the ion product of water at 25 C.









Acids may be defined as proton donors and bases as proton acceptors. A proton donor and 
its corresponding proton acceptor make up a conjugate acid-base pair.
Acetic acid (CH3COOH), a proton donor, and the acetate anion (CH3COO-), the
corresponding proton acceptor, constitute a conjugate acid-base pair, related by the
reversible reaction

Each acid has a characteristic tendency to lose its proton in an aqueous solution. The stronger
the acid, the greater its tendency to lose its proton. The tendency of any acid (HA) to lose a
proton and form its conjugate base (A-) is defined by the equilibrium constant (Keq) for the
reversible reaction

Equilibrium constants for ionization reactions are usually called ionization or dissociation 
constants, often designated Ka. 
Stronger acids, such as phosphoric and carbonic acids, have larger dissociation constants;
weaker acids, such as monohydrogen phosphate (HPO4

2-), have smaller dissociation 
constants.

Weak Acids and Bases Have Characteristic Acid Dissociation Constants





pKa is analogous to pH and is defined by the equation

The stronger the tendency to dissociate a proton, the stronger is the acid and the 
lower its pKa.

Titration is used to determine the amount of an acid in a given solution. A measured
volume of the acid is titrated with a solution of a strong base, usually sodium hydroxide
(NaOH), of known concentration. The NaOH is added in small increments until the acid is
consumed (neutralized), as determined with an indicator dye or a pH meter. The
concentration of the acid in the original solution can be calculated from the volume and
concentration of NaOH added.
A plot of pH against the amount of NaOH added (a titration curve) reveals the pKa of the
weak acid. Consider the titration of a 0.1 M solution of acetic acid (for simplicity denoted
as HAc) with 0.1 M NaOH at 25 C. Two reversible equilibria are involved in the process:

------------------------ (1)

------------------------ (2)



The titration curve of acetic acid. After addition of each increment of NaOH to the acetic acid solution, the
pH of the mixture is measured. This value is plotted against the amount of NaOH expressed as a fraction of
the total NaOH required to convert all the acetic acid to its deprotonated form, acetate. The points so
obtained yield the titration curve. Shown in the boxes are the predominant ionic forms at the points
designated. At the midpoint of the titration, the concentrations of the proton donor and proton acceptor are
equal, and the pH is numerically equal to the pKa. The shaded zone is the useful region of buffering power,
generally between 10% and 90% titration of the weak acid.



The equilibria must simultaneously conform to their characteristic equilibrium 
constants, which are, respectively,

At the beginning of the titration, before any NaOH is added, the acetic acid is
already slightly ionized, to an extent that can be calculated from its dissociation
constant (Equ 4).

As NaOH is gradually introduced, the added OH- combines with the free H+ in 
the solution to form H2O, to an extent that satisfies the equilibrium relationship 
in Equation 3. As free H+ is removed, HAc dissociates further to satisfy its own 
equilibrium constant (Eqn 4). The net result as the titration proceeds is that 
more and more HAc ionizes, forming Ac-, as the NaOH is added. 

At the midpoint of the titration, at which exactly 0.5 equivalent of NaOH has 
been added, one-half of the original acetic acid has undergone dissociation, so 
that the concentration of the proton donor, [HAc], now equals that of the proton 
acceptor, [Ac-]. At this midpoint a very important relationship holds: the pH of 
the equimolar solution of acetic acid and acetate is exactly equal to the pKa of 
acetic acid (pKa 4.76).

------------------------ (3)

------------------------ (4)



As the titration is continued by adding further increments of NaOH, the
remaining nondissociated acetic acid is gradually converted into acetate. The
end point of the titration occurs at about pH 7.0: all the acetic acid has lost its
protons to OH-, to form H2O and acetate.
Throughout the titration the two equilibria (Eqns 1, 2) coexist, each always
conforming to its equilibrium constant.





A Simple Expression Relates pH, pKa, and Buffer Concentration

The titration curves of acetic acid, H2PO 4- , and NH4
-

(Fig) have nearly identical shapes, suggesting that
these curves reflect a fundamental law or relationship. 
The shape of the titration curve of any weak acid is
described by the Henderson- Hasselbalch equation,
which is important for understanding buffer action and
acid-base balance in the blood and tissues of
vertebrates.
This equation is simply a useful way of restating the 
expression for the dissociation constant of an acid. For 
the dissociation of a weak acid HA into H+ and A-, the 
Henderson- Hasselbalch equation can be derived as 
follows:



This equation fits the titration curve of all weak acids and enables us to deduce a number 
of important quantitative relationships. For example, it shows why the pKa
of a weak acid is equal to the pH of the solution at the midpoint of its titration. At that 
point, [HA] equals [A-], and

Henderson-Hasselbalch equation also allows us to 
(1) calculate pKa, given pH and the molar ratio of proton donor and acceptor; 

(2) calculate pH, given pKa and the molar ratio of proton donor and acceptor; 

(3) calculate the molar ratio of proton donor and acceptor, given pH and pKa.



Amino Acids Can Act as Acids and Bases

Nonionic and zwitterionic forms of amino acids. The nonionic form does not occur in 
significant amounts in aqueous solutions. The zwitterion predominates at neutral pH.

When an amino acid is dissolved in water, it exists in solution as the dipolar ion, or 
zwitterion (“hybrid ion”). A zwitterion can act as either an acid (proton donor):

or a base (proton acceptor):





Substances having this dual nature are amphoteric and are often called 
ampholytes (from “amphoteric electrolytes”). A simple monoamino
monocarboxylic - amino acid, such as alanine, is a diprotic acid when fully
protonated—it has two groups, the -COOH group and the –NH+3 group, 
that can yield protons:




