
IN RECENT YEARS, SOME STARTLING DISCOV-
eries have shown that life can exist in
places we never dreamed possible. There

are organisms living in hot springs at tem-
peratures above the boiling point of water,

beneath the frozen Antarctic ice, 2 miles below Earth’s sur-
face, 3 miles below the surface of the sea, in extremely acid
environments, in extremely salty conditions, and even in-
side nuclear reactors. Such findings have rekindled interest
in astrobiology, the science of and search for life outside
Earth.

The one absolute requirement for life is water. Without
water to act as a solvent for biochemicals, to receive
wastes, to absorb heat, and to participate directly in chemi-
cal reactions, life would not exist as we know it. With
strong recent evidence that there was once flowing water
on Mars, and that Europa (one of Jupiter’s moons) may
have a thin crust of ice with liquid water below it, there is
great excitement about the possibility of life on nearby ex-
traterrestrial bodies.

But what form would this life take? A major discovery of
biology is that living things are composed of the same
types of chemical elements as the vast nonliving portion of
the universe. This mechanistic view—that life is chemically
based and obeys universal physicochemical laws—is a rela-
tively recent one in human history. The concept of a “vital
force” responsible for life, different from the forces found in
physics and chemistry, was common in Western culture
until the nineteenth century, and many people still assume
such a force exists. However, most scientists adhere to a
mechanistic view of life.

Before describing how chemical elements are arranged
in living creatures, we examine some fundamental chemi-
cal concepts. The first part of this chapter will address the
constituents of matter: atoms. We examine their variety,
their properties, and their capacity to combine with other
atoms. Then we consider how matter changes. In addition
to changes in state (solid to liquid to gas), substances un-
dergo changes that transform both their composition and
their characteristic properties. Then we return to a consid-
eration of the structure and properties of water and its rela-
tionship to acids and bases. We close with a consideration
of characteristic groups of atoms that contribute specific
properties to larger molecules of which they are part, and
which will be the subject of Chapter 3.

Atoms: The Constituents of Matter
More than a trillion (1012) atoms could fit over the period at
the end of this sentence. Each atom consists of a dense, pos-
itively charged nucleus, around which one or more nega-
tively charged electrons move. The nucleus contains one or
more protons and may contain one or more neutrons.
Atoms and their component particles have mass, a prop-
erty of all matter. Mass measures the quantity of matter
present; the greater the mass, the greater the quantity of
matter.

The mass of a proton serves as a standard unit of meas-
ure: the atomic mass unit (amu), or dalton (named after the
English chemist John Dalton). A single proton or neu-
tron has a mass of about 1 dalton, which is 1.7 × 10–24 grams
(0.0000000000000000000000017 g). The mass of an electron is
9 × 10–28 g (0.0005 dalton). Because the mass of an electron
is so much less than the mass of a proton or a neutron, the
contribution of electrons to the mass of an atom can usually
be ignored. 
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Even the smallest atoms, such as helium, have measurable
mass:

The positive electric charge of a proton is defined as a
unit of charge. An electron has a negative charge equal and
opposite to that of a proton. Thus the charge of a proton is
+1 unit, and that of an electron is –1 unit. Unlike charges
(+/–)  attract each other; like charges (+/+ or –/–) repel
each other. The neutron, as its name suggests, is electrically
neutral, so its charge is 0 unit. When the number of protons
in an atom equals the number of electrons, the atom is elec-
trically neutral. An atom with more or fewer electrons than
protons has an electric charge and is called an ion; we will
discuss ions in detail later in the chapter.

An element is made up of only one kind of atom

An element is a pure substance that contains only one type
of atom. The element hydrogen consists only of hydrogen
atoms; the element iron consists only of iron atoms. The
atoms of each element have certain characteristics or prop-
erties that distinguish them from the atoms of other ele-
ments. The more than 100 elements found in the universe
are arranged in the periodic table (Figure 2.1). These ele-
ments are not found in equal amounts. Earth’s crust is half
oxygen; 28% silicon; 8% aluminum; 3–5% each of sodium,
magnesium, potassium, calcium, and iron; and much
smaller amounts of the other elements.

About 98% of the mass of every living organism (bac-
terium, turnip, or human) is composed of just six elements:
carbon, hydrogen, nitrogen, oxygen, phosphorus, and sul-
fur. Other elements are present in small amounts. The
chemistry of the six major elements will be our primary
concern here, but the others are not unimportant. Sodium
and potassium, for example, are essential for nerves to
function; calcium can act as a biological signal; iodine is a
component of a vital hormone; and plants need molybde-
num in order to incorporate nitrogen into biologically use-
ful substances.
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Each neutron has a mass of 
1 and no charge.

Each proton has a mass of 1 
and a positive charge.

Each electron has negligible 
mass and negative charge.

The nucleus accounts for virtually 
all of the atom’s mass, but occupies 
only 1/10,000 of its volume.
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2.1 The Periodic Table
The periodic table groups the elements according to their physi-
cal and chemical properties.



The number of protons identifies the element

An element is distinguished from other elements by the num-
ber of protons in each of its atoms. This number, which does
not change, is called the atomic number. An atom of hydro-
gen contains 1 proton, a helium atom has 2 protons, carbon
has 6 protons, and plutonium has 94 protons. The atomic
numbers of these elements are thus 1, 2, 6, and 94, respec-
tively.

Every element except hydrogen has one or more neu-
trons in its nucleus. The mass number of an atom equals
the total number of protons and neutrons in its nucleus. Be-
cause the mass of an electron is infinitesimal compared
with that of a neutron or proton, electrons are ignored in
calculating the mass number. The nucleus of a helium atom
contains 2 protons and 2 neutrons; oxygen has 8 protons
and 8 neutrons. Helium, therefore, has a mass number of 4
and oxygen a mass number of 16. The mass number may
be thought of as the mass of the atom in daltons.

Each element has its own one- or two-letter chemical
symbol. For example, H stands for hydrogen, He for he-
lium, and O for oxygen. Some symbols come from other
languages: Fe (from the Latin ferrum) stands for iron, Na
(Latin natrium) for sodium, and W (German Wolfram) for
tungsten. The periodic table (see Figure 2.1) gives the sym-
bols for the 92 natural elements, as well as showing 26 ele-
ments (elements 93–118) that have been synthesized in lab-
oratories but have not been found in nature.

In text, the atomic number and mass number of an ele-
ment are written to the left of the element’s symbol:

Thus, hydrogen, carbon, and oxygen are written as 11H, 12
6 C,

and 16
8 O, respectively.

Isotopes differ in number of neutrons
We have been speaking of elements as if each had only

one atomic form, but this is not true. Isotopes of the same
element all have the same number of protons, but differ in
the number of neutrons in the atomic nucleus (Figure 2.2).

In nature, many elements exist as several isotopes. For
example, the natural isotopes of carbon are 12C, 13C, and
14C. Unlike the isotopes of hydrogen, which have special
names (see Figure 2.2), the isotopess of most elements do
not have distinct names. Rather, they are written in the
form shown above and are referred to as carbon-12, carbon-
13, and carbon-14, respectively. Most carbon atoms are 12C,
about 1.1 percent are13C, and a tiny fraction are 14C. An el-
ement’s atomic mass, or atomic weight,* is the average of
the mass numbers of a representative sample of atoms of
the element, with all isotopes in their normally occurring

proportions. The atomic weight of carbon is thus calcu-
lated to be 12.011.

Some isotopes, called radioisotopes, are unstable and
spontaneously give off energy as α (alpha), β (beta), or γ
(gamma) radiation from the atomic nucleus. Such radioac-
tive decay transforms the original atom into another atom,
usually of another element. For example, carbon-14 loses a
beta particle (actually an electron) to form nitrogen-14. Biol-
ogists and physicians can incorporate radioisotopes into
molecules and use the emitted radiation as a tag to locate
those molecules or to identify changes that the molecules
undergo inside the body (Figure 2.3). Three radioisotopes
commonly used in this way are 3H (tritium),14C (carbon-14),
and 32P (phosphorus-32). In addition to these applications,
radioisotopes can be used to date fossils (see Chapter 20).

Although radioisotopes are useful for experiments and
in medicine, even low doses of their radiation have the po-
tential to damage molecules and cells. Gamma radiation
from cobalt-60 (60Co) is used medically to damage or kill
rapidly dividing cancer cells.

Electron behavior determines chemical bonding
When considering atoms, biologists are concerned primar-
ily with electrons because the behavior of electrons explains
how chemical changes occur in living cells. These changes,
called chemical reactions or just reactions, are changes in
the atomic composition of substances. The characteristic
number of electrons in each atom of an element determines
how its atoms react with other atoms. All chemical reac-
tions involve changes in the relationships of electrons with
one another.

The location of a given electron in an atom at any given
time is impossible to determine. We can only describe a vol-
ume of space within the atom where the electron is likely to
be. The region of space where the electron is found at least
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Isotopes of hydrogen Isotopes of carbon

Hydrogen Deuterium Tritium Carbon-12 Carbon-14

1 proton 1 proton
1 neutron

1 proton
2 neutrons

6 protons
6 neutrons

6 protons
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Neutron

1H 2H 3H 12C 14C

2.2 Isotopes Have Different Numbers of Neutrons
Deuterium and tritium are rare isotopes of hydrogen. Unlike these
two isotopes, isotopes of other elements do not have have dis-
tinct names. Carbon-12 is the most common isotope of carbon;
carbon-14 is a rare form.

Mass number

Atomic number
Symbol of elementC

12

6

*The concepts of “weight” and “mass” are not identical. Weight
is the measure of the Earth’s gravitational attraction for mass; on
another planet, the same quantity of mass would have a differ-
ent weight. On Earth, however, the term “weight” is often used

as a measure of mass, and in biology one encounters the terms
“weight” and “atomic weight” more frequently than “mass” and
“atomic mass.” Therefore, we will use “weight” for the remain-
der of this book. 



90 percent of the time is the electron’s orbital (Figure 2.4).
In an atom, a given orbital can be occupied by at most two
electrons. Thus any atom larger than helium (atomic num-
ber 2) must have electrons in two or more orbitals. As Fig-
ure 2.4 shows, the different orbitals have characteristic
forms and orientations in space.

The orbitals in turn constitute a series of electron shells,
or energy levels, around the nucleus (Figure 2.5). The first,
or innermost, electron shell consists of only one orbital,
called an s orbital. Hydrogen (1H) has one electron in its
first shell; helium (2He) has two. All other elements have
two first-shell electrons, as well as electrons in other shells. 

The second shell is made up of four orbitals (an s orbital
and three p orbitals) and hence can hold up to eight elec-
trons. The s orbitals fill with electrons first, and their elec-
trons have the lowest energy. Subsequent shells have differ-
ent numbers of orbitals, but the outermost shells usually
hold only eight electrons.

In any atom, the outermost electron shell determines
how the atom combines with other atoms; that is, how an
atom behaves chemically. When an outermost shell consist-
ing of four orbitals contains eight electrons, there are no un-
paired electrons (see Figure 2.5). Such an atom is stable and
will not react with other atoms. Examples of chemically
inert elements are helium, neon, and argon.

The atoms of chemically reactive  elements seek to attain
the stable condition of having no unpaired electrons in their
outer shells. They attain this stability by sharing electrons
with other atoms, or by gaining or losing one or more elec-
trons from their outermost shells. When they share elec-
trons, atoms are bonded together. Such bonds create stable
associations of atoms called molecules.

A molecule can be defined as two or more atoms linked
by chemical bonds. The tendency of atoms in stable mole-
cules to have eight electrons in their outermost shell is
known as the octet rule. Many atoms in biologically impor-
tant molecules—for example, carbon (C) and nitrogen
(N)—follow the octet rule. However, some biologically im-
portant atoms are exceptions to the rule. Hydrogen (H) is
an obvious exception, attaining stability when only two
electrons occupy its single shell.

Chemical Bonds: Linking 
Atoms Together

A chemical bond is an attractive force that links two atoms
to form a molecule. There are several kinds of chemical
bonds (Table 2.1). In this section, we first discuss covalent
bonds, the strong bonds that result from the sharing of elec-
trons. Then we examine other kinds of interactions, includ-
ing hydrogen bonds, that are weaker than covalent bonds
but enormously important to biology. Finally, we consider
ionic bonding, which results as a consequence of the loss or
gain of electrons by atoms.

Covalent bonds consist of shared pairs of electrons
When two atoms attain stable electron numbers in their

outer shells by sharing one or more
pairs of electrons, a covalent bond
forms. Consider two hydrogen atoms
in close proximity, each with a single
unpaired electron in the outer shell.
Each positively charged nucleus exerts
some attraction on the other atom’s un-
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2.3 A Radioisotope Used in Medicine
The thyroid gland takes up iodine and uses it in
the synthesis of thyroid hormone. A patient sus-
pected of having thyroid disease is injected with
radioactive iodine, which allows the thyroid gland
to be visualized by a scanning device.



paired electron, but this attraction is balanced by each elec-
tron’s attraction to its own nucleus. So the two unpaired
electrons become shared by both atoms, filling the outer
shells of both of them (Figure 2.6).

A carbon atom has a total of six electrons; two electrons
fill its inner shell and four are in its outer shell. Because the
outer shell can hold up to eight electrons, this atom can
share electrons with up to four other atoms. Thus it can
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2.5 Electron Shells Determine the Reactivity of Atoms
Each orbital holds a maximum of two electrons, and each shell
can hold a specific maximum number of electrons. Each shell
must be filled before electrons move into the next shell. The ener-
gy level of electrons is higher in shells farther from the nucleus. An
atom with unpaired electrons in its outermost shell may react
(bond) with other atoms.

Chemical Bonds and Interactions

NAME BASIS OF INTERACTION STRUCTURE BOND ENERGYa (KCAL/MOL)

Covalent bond Sharing of electron pairs 50–110

Hydrogen bond Sharing of H atom 3–7

Ionic interaction Attraction of opposite charges 3–7

van der Waals interaction Interaction of electron clouds 1

Hydrophobic interaction Interaction of nonpolar substances 1–2

aBond energy is the amount of energy needed to separate two bonded or interacting atoms under physiological conditions.
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form four covalent bonds. When an atom of carbon reacts
with four hydrogen atoms, a substance called methane
(CH4) forms (Figure 2.7a and b). Thanks to electron sharing,
the outer shell of methane’s carbon atom is filled with eight
electrons, and the outer shell of each hydrogen atom is also
filled. Thus four covalent bonds—each consisting of a
shared pair of electrons—hold methane together. Table 2.2
shows the covalent bonding capacities of some biologically
significant elements.

ORIENTATION OF COVALENT BONDS. Covalent bonds are very
strong. The thermal energy that biological molecules ordi-
narily have at body temperature is less than 1 percent of
that needed to break covalent bonds. So biological mole-
cules, most of which are put together with covalent bonds,
are quite stable. A second property of covalent bonds is
that, for a given pair of atoms, they are the same in length,
angle, and direction, regardless of the larger molecule of
which the particular bond is a part. The four filled orbitals
around the carbon nucleus of methane, for example, dis-
tribute themselves in space so that the bonded hydrogens
are directed to the corners of a regular tetrahedron with car-
bon in the center (Figure 2.7c). This three-dimensional
structure of carbon and hydrogen is the same in complicat-

ed proteins as it is in the simple methane molecule. It makes
the prediction of biological structure possible.

Although the orientation of orbitals and the shapes of
molecules differ depending on the kinds of atoms involved
and how they are linked together, it is essential to remem-
ber that all molecules occupy space and have three-dimen-
sional shapes. The shapes of molecules contribute to their
biological functions, as we will see in Chapter 3.

MULTIPLE COVALENT BONDS. A covalent bond is represented
by a line between the chemical symbols for the atoms. A
bond in which a single pair of electrons is shared is called a

22 CHAPTER T WO

Hydrogen 
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Hydrogen atoms (2 H)

…and a shell with one electron. 

…but the nucleus still attracts 
its own electron.

If the atoms move closer they 
share the electron pair, linking 
them in a covalent bond and 
forming a hydrogen molecule.

Each electron is attracted to the 
other atom's nucleus…

Each hydrogen atom has a 
nucleus with one proton…

2.6 Electrons Are Shared in Covalent Bonds
Two hydrogen atoms combine to form a hydrogen molecule. Each
electron is attracted to both protons. A covalent bond forms when
the electron orbitals of the two atoms overlap.

CC

Methane1 C, 4 H

1 C, 4 H Methane

C

H

H
H

H

H orH C

H

H

HH

H

H

H

C

(a)

(b)

(c)

Carbon can complete its outer shell 
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hydrogen atoms, forming methane.
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Covalent Bonding Capabilities of Some 
Biologically Important Elements 

USUAL NUMBER OF 
ELEMENT COVALENT BONDS

Hydrogen (H) 1
Oxygen (O) 2
Sulfur (S) 2
Nitrogen (N) 3
Carbon (C) 4
Phosphorus (P) 5

2.2

2.7 Covalent Bonding with Carbon
Different representations of covalent bond formation in methane
(CH4). (a) Diagram illustrating the filling and stabilizing of the
outer electron shells in carbon and hydrogen atoms. (b) Two com-
mon ways of representing bonds. (c) The spatial orientation of
methane’s bonds, represented in two ways.



single bond (for example, H�H, C�H). When four elec-
trons (two pairs) are shared, the link is called a double bond
(C�C). In the gas ethylene (H2C�CH2), two carbon atoms
share two pairs of electrons. Triple bonds (six shared elec-
trons) are rare, but there is one in nitrogen gas (N�N), the
chief component of the air we breathe. In the covalent
bonds in these five examples, the electrons are shared more
or less equally between the nuclei; consequently, all regions
of the bonds are identical.

UNEQUAL SHARING OF ELECTRONS. If two atoms of the same
element are covalently bonded, there is an equal sharing of
the pair(s) of electrons in the outer shell. However, when
the two atoms are of different elements, the sharing is not
necessarily equal. One nucleus may exert a greater attrac-
tive force on the electron pair than the other nucleus, and so
the pair tends to be closer to that atom.

The attractive force that an atom exerts on electrons is its
electronegativity. It depends on how many positive
charges a nucleus has (nuclei with more protons are more
positive and thus more attractive to electrons) and how far
away the electrons are from the nucleus (closer means more
electronegativity). The closer two atoms are in electronegativity,
the more equal their sharing of electrons will be.

Table 2.3 shows the electronegativities of some elements
important in biological systems. Looking at the table, it is

obvious that two oxygen atoms, both with electronegativity
of 3.5, will share electrons equally in a covalent bond. So
will two hydrogen atoms (both with 2.1). But when hydro-
gen bonds with oxygen to form water, the electrons in-
volved are unequally shared: They tend to be nearer to the
oxygen nucleus because it is the more electronegative of the
two. The result is called a polar covalent bond (Figure 2.8).

Because of this unequal sharing of electrons, the oxygen
end of the hydrogen–oxygen bond has a slightly negative
charge (symbolized δ– and spoken as “delta negative,”
meaning a partial unit of charge), and the hydrogen end is
slightly positive (δ+). The bond is polar because these oppo-
site charges are separated at the two ends of the bond. The
partial charges that result from polar covalent bonds pro-
duce polar molecules or polar regions of large molecules.
Polar bonds greatly influence the interactions between mol-
ecules that contain them.

Hydrogen bonds may form between molecules
In liquid water, the negatively charged oxygen (δ–) atom of
one water molecule is attracted to the positively charged
hydrogen (δ+) atoms of another water molecule. (Remem-
ber, negative charges attract positive charges.) The bond re-
sulting from this attraction is called a hydrogen bond.

Hydrogen bonds are not restricted to water molecules.
They may form between an electronegative atom and a hy-
drogen covalently bonded to a different electronegative
atom (Figure 2.9). 

A hydrogen bond is a weak bond; it has about one-tenth
(10%) of the strength of a covalent bond between a hydro-
gen atom and an oxygen atom (see Table 2.1). However,
where many hydrogen bonds form, they have considerable
strength and greatly influence the structure and properties
of substances. Later in this chapter we’ll see how hydrogen
bonding in water contributes to many of the properties that
make water significant for living systems. Hydrogen bonds
also play important roles in determining and maintaining
the three-dimensional shapes of giant molecules such as
DNA and proteins (see Chapter 3).
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Some Electronegativities

ELEMENT ELECTRONEGATIVITY

Oxygen (O) 3.5
Chlorine (Cl) 3.1
Nitrogen (N) 3.0
Carbon (C) 2.5
Phosphorus (P) 2.1
Hydrogen (H) 2.1
Sodium (Na) 0.9
Potassium (K) 0.8

2.3

O

H

H

H

O�+ �–
�+

�–

�+

�+

(a) (b)

H

Water’s bonding electrons are shared 
unequally; electron density is greatest 
around the oxygen atom.

Unshared pairs of 
electrons are not part 
of the covalent bond.

Water has polar
covalent bonds.

2.8 The Polar Covalent Bond in the Water Molecule
(a) A covalent bond between atoms with different electronegativi-
ties is a polar covalent bond, and has partial (δ) charges at the
ends. (b) In water, the electrons are displaced toward the oxygen
atom and away from the hydrogen atoms.

H O

H

H

O

H

δ–
H

N

δ+

δ–O

C
δ+

δ–

δ–

δ+ δ+

δ+

δ+

The hydrogen 
bond is a weak 
attraction…

…shared between 
two electronegative 
atoms.

Polar
covalent

bond

Two water molecules
Two parts of one large molecule

(or two large molecules)

2.9 Hydrogen Bonds Can Form Between or within Molecules
Hydrogen bonds can form between two molecules or, if a mole-
cule is large, between two different parts of the same molecule.
Covalent and polar covalent bonds, on the other hand, are always
found within molecules.



Ions form bonds by electrical attraction

When one interacting atom is much more electronegative
than the other, a complete transfer of one or more electrons
may take place. Consider sodium (electronegativity 0.9)
and chlorine (3.1). A sodium atom has only one electron in
its outermost shell; this condition is unstable. A chlorine
atom has seven electrons in its outer shell—another unsta-
ble condition. Since the electronegativities of these elements
are so different, any electrons involved in bonding will tend
to be much nearer to the chlorine nucleus—so near, in fact,
that there is a complete transfer of the electron from one el-
ement to the other (Figure 2.10). This reaction between
sodium and chlorine makes both atoms more stable. The re-
sult is two ions. Ions are electrically charged particles that
form when atoms gain or lose one or more electrons.

� The sodium ion (Na+) has a +1 unit charge because it
has one less electron than it has protons. The outermost
electron shell of the sodium ion is full, with eight elec-
trons, so the ion is stable. Positively charged ions are
called cations.

� The chloride ion (Cl–) has a –1 unit charge because it
has one more electron than it has protons. This addi-
tional electron gives Cl– an outer shell with a stable
load of eight electrons. Negatively charged ions are
called anions.

Some elements form ions with multiple charges by los-
ing or gaining more than one electron. Examples are Ca2+

(calcium ion, created from a calcium atom that has lost two
electrons) and Mg2+ (magnesium ion). Two biologically im-
portant elements each yield more than one stable ion: Iron
yields Fe2+ (ferrous ion) and Fe3+ (ferric ion), and copper
yields Cu+ (cuprous ion) and Cu2+ (cupric ion). Groups of
covalently bonded atoms that carry an electric charge are
called complex ions; examples include NH 4

+ (ammonium
ion), SO 4

2– (sulfate ion), and PO4
3– (phosphate ion).

The charge from an ion radiates from it in all directions.
Once they form, ions are usually stable, and no more elec-
trons are lost or gained. Ions can form stable bonds, result-
ing in stable solid compounds such as sodium chloride
(NaCl) and potassium phosphate (K3PO4). 

Ionic bonds are bonds formed by electrical attractions
between ions bearing opposite charges. In sodium chlo-
ride—familiar to us as table salt—cations and anions are
held together by ionic bonds. In solids, the ionic bonds are
strong because the ions are close together. However, when
ions are dispersed in water, the distance between them can
be large; the strength of their attraction is thus greatly re-
duced. Under the conditions that exist in the cell, an ionic
attraction is less than one-tenth as strong as a covalent
bond that shares electrons equally (see Table 2.1).

Not surprisingly, ions with one or more units of charge
can interact with polar molecules as well as with other ions.
Such interaction results when table salt, or any other ionic
solid, dissolves in water: “Shells” of water molecules sur-
round the individual ions, separating them (Figure 2.11).
The hydrogen bond that we described earlier is a type of
ionic bond, because it is formed by electrical attractions.
However, it is weaker than most ionic bonds because the
hydrogen bond is formed by partial charges (δ+ and δ–)
rather than by whole-unit charges (+1 unit, –1 unit).

Polar and nonpolar substances interact best 
among themselves
“Like attracts like” is an old saying, and nowhere is it more
true than in polar and nonpolar molecules, which tend to
interact with their own kind. Just as water molecules inter-
act with one another through their polarity-induced hydro-
gen bonds, any molecule that is itself polar will interact
with other polar molecules by weak (δ+ to δ–) attractions in
hydrogen bonds. If a polar molecule interacts with water in
this way, it is called hydrophilic (“water-loving”).

What about nonpolar molecules? For example, carbon
(electronegativity 2.5) forms nonpolar bonds with hydro-
gen (electronegativity 2.1). The resulting hydrocarbon mole-
cule—ethane—is nonpolar (Figure 2.12), and in water it
will tend to aggregate with other nonpolar molecules rather
than with polar water. Such molecules are called hydropho-
bic (“water-hating”), and the interactions between them are
hydrophobic interactions. It is important to realize that hy-
drophobic substances do not really “hate” water; they can
form weak interactions with it (recall that the electronega-
tivities of carbon and hydrogen are not exactly the same).
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Sodium ion (Na+)
(11 protons, 10 electrons)

Chloride ion (Cl–)
(17 protons, 18 electrons)

Sodium atom (Na)
(11 protons, 11 electrons)

Chlorine atom (Cl)
(17 protons, 17 electrons)
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———— ——
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——

Chlorine “steals” an
electron from sodium.

The atoms are now 
electrically charged ions.

—+

After the transfer of the electron, 
both ions have full electron shells 
and are thus stable.

2.10 Formation of Sodium and Chloride Ions
When a sodium atom reacts with a chlorine atom, the more elec-
tronegative chlorine acquires a more stable, filled outer shell by
obtaining an electron from the sodium. In so doing, the chlorine
atom becomes a negatively charged chloride ion (Cl–).The sodium
atom, upon losing the electron, becomes a positively charged
sodium ion (Na+).



But these interactions are far weaker than the hydrogen
bonds between the water molecules, and so the nonpolar
substances keep to themselves.

These weak interactions between nonpolar substances
are enhanced by van der Waals forces, which occur when
two atoms are in close proximity. These forces result from
random variations in the electron distribution in one mole-

cule, which create an opposite charge distribution in the ad-
jacent molecule. The result is a brief, weak attraction. Al-
though each such interaction is brief and weak at any one
site, the summation of many such interactions over the en-
tire span of a large nonpolar molecule can produce substan-
tial attraction. van der Waals forces are important in main-
taining the structures of many biologically important
substances.

Chemical Reactions: Atoms Change Partners
A chemical reaction occurs when atoms combine or change
bonding partners. Consider the combustion reaction that
takes place in the flame of a propane stove. When propane
(C3H8) reacts with oxygen gas (O2), the carbon atoms be-
come bonded to oxygen atoms instead of to hydrogen
atoms, and the hydrogen atoms become bonded to oxygen
instead of carbon (Figure 2.13). As the covalently bonded
atoms change partners, the composition of the matter
changes, and propane and oxygen gas become carbon diox-
ide and water. This chemical reaction can be represented by
the balanced equation

C3H8 + 5 O2 → 3 CO2 + 4 H2O

In this equation, the propane and oxygen are the reactants,
and the carbon dioxide and water are the products. In this
case, the reaction is complete: All the propane and oxygen
are used up in forming the two products. The arrow sym-
bolizes the chemical reaction. The numbers preceding the
molecular formulas balance the equation and indicate how
many molecules are used or are produced.

In this and all other chemical reactions, matter is neither
created nor destroyed. The total number of carbons on the
left equals the total number on the right. However, there is
another product of this reaction: energy. The heat of the
stove’s flame and its blue light reveal that the reaction of
propane and oxygen releases a great deal of energy. En-
ergy is defined as the capacity to do work, but on a more
intuitive level, it can be thought of as the capacity for
change. Chemical reactions do not create or destroy en-
ergy, but changes in energy usually accompany chemical re-
actions.
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When NaCl is dissolved in 
water, the chloride anion (–) 
attracts the + pole of water…

… and the sodium cation (+) 
attracts the – pole of water.

Dissolved ions cannot 
reassociate into a solid.

Ionic bonds between 
Na+ and Cl– hold ions 
together in a solid crystal. 

2.11 Water Molecules Surround Ions
When an ionic solid dissolves in water, polar water molecules clus-
ter around cations or anions, blocking their reassociation into a
solid and forming a solution.

Water, a polar molecule
(H2O)

Ethane, a nonpolar molecule
(CH3CH3)

The bonds between 
H and O in water 
are polar.

The bonds between 
H and C in ethane 
are not polar.

+ +

–
δ+

δ–

δ+

2.12 Polar and Nonpolar Molecules
Because the hydrocarbon ethane is nonpolar, it does not interact
with water, but tends to interact with other nonpolar substances.



In the reaction between propane and oxygen, the energy
that was released as heat and light was already present in
the reactants in another form, called potential energy. In
some chemical reactions, energy must be supplied from the
environment (for example, some substances will react only
after being heated), and some of this supplied energy be-
comes stored as potential chemical energy in the bonds
formed in the products.

We can measure the energy associated with chemical re-
actions using a unit called a calorie (cal). A calorie* is the
amount of heat energy needed to raise the temperature of 1
gram of pure water from 14.5°C to 15.5°C. Another unit of
energy that is increasingly used is the joule (J). When you
compare data on energy, always compare joules to joules
and calories to calories. The two units can be intercon-
verted: 1 J = 0.239 cal, and 1 cal = 4.184 J. Thus, for example,
486 cal = 2,033 J, or 2.033 kJ. Although defined in terms of
heat, the calorie and the joule are measures of any form of
energy—mechanical, electric, or chemical.

Within living cells, chemical reactions called oxidation–
reduction reactions take place. These biological reactions
have much in common with the combustion of propane.
The fuel is different (the sugar glucose, rather than
propane), and the reactions proceed by many intermediate
steps that permit the energy released from the glucose to be
harvested and put to use by the cell. But the products are
the same: carbon dioxide and water.

We will present and discuss energy changes, oxida-
tion–reduction reactions, and several other types of chemi-
cal reactions that are prevalent in living systems in the chap-
ters that follow.

Water: Structure and
Properties
Water, like all other matter, can exist
in three states: solid (ice), liquid, and
gas (vapor) (Figure 2.14). Liquid wa-
ter is the medium in which life origi-
nated on Earth more than 3.8 billion
years ago, and it is in water that life
evolved for its first billion years.
Today, water covers three-fourths of
Earth’s surface, and the bodies of all
active organisms contain between 45
and 95 percent water.

No organism can remain biologi-
cally active without water. Within
cells, water participates directly in
many chemical reactions, and it is the
medium (or solvent) in which most
biological reactions take place. In this
section we will consider the structure

and interactions of water molecules, exploring how these
generate properties essential to life.

Water has a unique structure and special properties
Each water molecule is composed of one oxygen atom
bonded to two hydrogen atoms (H2O). In the molecule, the
four pairs of electrons in the outer shell of oxygen repel
each other, producing a tetrahedral shape:

The shape of the water molecule, its polar nature, and its
capacity to form hydrogen bonds give water its unusual
properties. For example, ice floats, and compared with other
liquids, water is an excellent solvent, making it an ideal
medium for biochemical reactions. Water is both cohesive
(sticking to itself) and adhesive (sticking to other things).
And the energy changes that accompany its transitions from
solid to liquid to gas are significant in living systems.

ICE FLOATS. In its solid state (ice), water is held by its hydro-
gen bonds in a rigid, crystalline structure in which each
water molecule is hydrogen-bonded to four others (Figure
2.15a). Although these molecules are held firmly in place,
they are not as tightly packed as they are in liquid water
(Figure 2.15b). In other words, solid water is less dense than
liquid water, which is why ice floats in water.

If ice sank in water, as almost all other solids do in their
corresponding liquids, ponds and lakes would freeze from
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Propane

Reactants Products

Oxygen gas Carbon
dioxide

Water

+

+

+

+

+

+

+

+ Heat and light

+ Energy

C3H8 5 O2 3 CO2 4 H2O 

2.13 Bonding Partners and Energy May
Change in a Chemical Reaction
One molecule of propane reacts with five
molecules of oxygen gas to give three mole-
cules of carbon dioxide and four molecules
of water. This reaction releases energy in the
form of heat and light.

O
H

H

These orbitals have non- 
bonding electron pairs.

The four orbitals are directed toward 
the corners of a tetrahedron.

*The nutritionist’s or dieter’s Calorie, with a capital C, is what
biologists call a kilocalorie (kcal) and is equal to 1,000 heat-ener-
gy calories.



the bottom up, becoming solid blocks of ice in winter and
killing most of the organisms living in them. Once the whole
pond had frozen, its temperature could drop well below the
freezing point of water. However, because ice floats, it forms
a protective insulating layer on the top of the pond, reducing
heat flow to the cold air above. Thus fish, plants, and other
organisms in the pond are not subjected to temperatures
lower than 0°C, the freezing point of pure water.

MELTING AND FREEZING. Compared with other nonmetallic
substances of the same size, molecular ice requires a great

deal of heat energy to melt. Melting 1 mole (a standard
quantity—6.02 × 1023; see page 28) of water molecules re-
quires the addition of 5.9 kJ of energy. This value is high
because more than a mole of hydrogen bonds must be bro-
ken for 1 mole of water to change from solid to liquid. In the
opposite process, freezing, a great deal of energy must be
lost for water to transform from liquid to solid. These prop-
erties help make water a moderator of temperature changes.

HEAT AND COOLING. Another property of water that moder-
ates temperature is the high heat capacity of liquid water.
The specific heat of a substance is the amount of heat ener-
gy required to raise the temperature of 1 gram of that sub-
stance by 1°C. Raising the temperature of liquid water takes
a relatively large amount of heat because much of the heat
energy is used to break the hydrogen bonds that hold the
liquid together. Compared with other small molecules that
are liquids, water has a high specific heat. This phenome-
non contributes to the surprising constancy of the tempera-
ture of the oceans and other large bodies of water through
the seasons of the year. The temperature changes of coastal
land masses are also moderated by large bodies of water.
Indeed, water helps minimize variations in atmospheric
temperature throughout the planet.

EVAPORATION AND COOLING. Water also has a high heat of
vaporization, which means that a lot of heat is required to
change water from its liquid state to its gaseous state (the
process of evaporation). This heat is absorbed from the
environment in contact with the water. Once again, much of
the heat energy is used to break hydrogen bonds. Evap-
oration thus has a cooling effect on the environment—
whether a leaf, a forest, or an entire land mass. This effect
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2.14 Water: Solid and Liquid
Solid water from a glacier floats in its liquid form. The clouds are
also water, but not in its gaseous phase: They are composed of
fine drops of liquid water.

(a)  Solid water (ice) (b)  Liquid water (c)  Gaseous water (steam)

In ice, water molecules 
are held in a rigid state 
by hydrogen bonds.

Hydrogen bonds continually 
break and form as water 
molecules move.

In its gaseous state, 
water does not form 
hydrogen bonds.

2.15 Hydrogen Bonds Hold Water Molecules Together
Hydrogen bonding exists between the molecules of water in both its liquid and solid
states. (a) Solid water. (b) Liquid water. Although more structured, ice is less dense than liq-
uid water, so it floats. (c) Water forms a gas when its hydrogen bonds are broken and mole-
cules move farther apart.



explains why sweating cools the human body: As sweat
evaporates off the skin, it uses up some of the adjacent body
heat.

COHESION AND SURFACE TENSION. In liquid water, the mole-
cules are free to move about. The hydrogen bonds between
the water molecules continually form and break. In other
words, liquid water has a dynamic structure. On average,
every water molecule forms 3.4 hydrogen bonds with other
water molecules. This number represents fewer bonds than
exist in ice, but it is still a high number.

These hydrogen bonds explain the cohesive strength of
liquid water. The cohesive strength of water is what per-
mits narrow columns of water to stretch from the roots to
the leaves of trees more than 100 meters high. When water
evaporates from leaves, the entire column moves upward
in response to the pull of the molecules at the top.

Water also has a high surface tension, which means that
the surface of liquid water exposed to the air is difficult to
puncture. The water molecules in this surface layer are hy-
drogen-bonded to other water molecules below. The sur-
face tension of water permits a container to be filled slightly
above its rim without overflowing, and it permits small an-
imals to walk on the surface of water (Figure 2.16).

Most biological substances are dissolved in water
A solution is produced when a substance is dissolved in
water (an aqueous solution) or another liquid. Many of the
important molecules in biological systems are polar, and
therefore are soluble in water. Much of biochemistry takes
place in an aqueous solution.

One branch of the study of solutions is qualitative analy-
sis, which deals with substances dissolved in a solvent (in
this case, water) and the chemical reactions that occur there.
Qualitative analysis is the subject of much of the next few
chapters.

Solutions can also be studied by quantitative analysis, in
which concentrations—the amount of substance in a given
amount of solution—are measured. What follows is a brief
introduction to some of the quantitative chemical terms
you will see in this text.

� A molecular formula uses chemical symbols to identify
the different atoms in a compound, and subscript num-
bers to show how many of each type of atoms are pres-
ent. Thus, the formula for sucrose—table sugar—is
C12H22O11. 

� Each compound has a molecular weight (molecular
mass) that is the sum of the atomic weights of all atoms
in the molecule. Looking at the periodic table in Figure
2.1, you can calculate the molecular weight of table
sugar to be approximately 342. Molecular weights are
usually related to the molecule’s size (Figure 2.17).

� A mole is the amount of an ion or compound in grams
whose weight is numerically equal to its molecular
weight. So one mole of sugar weighs 342 grams.

One aim of quantitative analysis is to study the behav-
iors of precise numbers of molecules in solution. But it is

not possible to count molecules directly. Instead, chemists
use a constant that relates the weight of any substance to the
number of molecules of that substance. This constant is
called Avogadro’s number, which is 6.02 × 1023 molecules per
mole. It allows chemists to work with moles of substances
(which can be weighed out in the laboratory) instead of ac-
tual molecules. The mole concept is analogous to the con-
cept of a dozen: We buy a dozen eggs or a dozen dough-
nuts, knowing that we will get 12 of whichever we buy. 

In the same way, chemists can dissolve a mole of sugar
in water to make 1 liter, knowing that the mole contains
6.02 × 1023 individual sugar molecules. This solution—1
mole of a substance dissolved in water to make 1 liter—is
called a 1 molar (1 M) solution.

The many molecules that dissolve in water in living tis-
sues are not present at anything close to a 1 molar concen-
tration. Most are in the micromolar (millionths of a mole;
µM) to millimolar (thousandths of a mole; mM) range.
Some, such as hormones, are far less concentrated than this.

While these abbreviations seem to indicate very low
concentrations, remember that even a 1 µM solution has
6.02 × 1017 molecules of the solute per liter.

Acids, Bases, and the pH Scale
Some substances dissolve in water and release hydrogen
ions (H+), which are actually single, positively charged pro-
tons. These tiny bits of charged matter can attach to other
molecules, and in doing so, change their properties. In this
section, we examine the properties of substances that re-
lease H+ (called acids) and attach to  H+ (called bases). We
will distinguish strong and weak acids and bases, and pro-
vide a quantitative means for stating the concentration of
H+ in solutions: the pH scale. 

Acids donate H+, bases accept H+

If hydrochloric acid (HCl) is added to water, it dissolves
and ionizes, releasing the ions H+ and Cl–:

HCl → H+ + Cl–
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2.16 Surface Tension
Water striders “skate” along, supported by the surface tension of
the water that is their home.



Because its H+ concentration has increased, such a solution
is acidic. Just like the burning reaction of propane and oxy-
gen (see Figure 2.13), the dissolution of HCl to form its
ions is a complete reaction. HCl is therefore called a strong
acid.

An acid releases H+ ions in solution. HCl is an acid, as is
H2SO4 (sulfuric acid). One molecule of sulfuric acid may
ionize to yield two H+ and one SO 4

2–. Biological com-
pounds that contain —COOH (the carboxyl group; see Fig-
ure 2.20) are also acids (such as acetic acid and pyruvic
acid), because

—COOH → — C O O – +  H +

Not all acids dissolve fully in water. For example, if
acetic acid is added to water, at the end of the reaction,
there are not just the two ions, but some of the original acid
as well. Because the reaction is not complete, acetic acid is a
weak acid.

Bases accept H+. Like acids, there are strong and weak
bases. If NaOH (sodium hydroxide) is added to water, the
NaOH dissolves and ionizes, releasing OH– and Na+ ions:

NaOH → Na+ + OH–

Because the concentration of OH– increases, such a solution
is basic, and because this reaction is complete, NaOH is a
strong base.

Weak bases include the bicarbonate ion (HCO 3
–), which

can accept a H+ ion and become carbonic acid (H2CO3), and
ammonia (NH3), which can accept a H+ and become an am-
monium ion (NH4

+). Amino groups in biological molecules
can also accept protons, acting as bases:

— N H 2 +  H + → — N H 3
+

When acetic acid is dissolved in water, two reactions
happen. First, acetic acid forms its ions:

CH3COOH → CH3COO– + H+

Then, once ions are formed, they re-form acetic acid:

CH3COO– + H+ → CH3COOH

This pair of reactions is reversible. The formula for a re-
versible reaction can be written with two arrows:

CH3COOH ~ CH3COO– + H+

A reversible reaction can proceed in either direction—left
to right or right to left—depending on the relative starting
concentrations of the reactants and products.

In principle, all chemical reactions are reversible. In
terms of acids and bases, there are two types of reactions,
depending on the extent of reversibility:

� Ionization of strong acids and bases is virtually irre-
versible.

� Ionization of weak acids and bases is somewhat
reversible.

Many of the acid and base groups on large molecules in bi-
ological systems are weak.

Water is a weak acid
The water molecule has a slight but significant tendency to
ionize into a hydroxide ion (OH–) and a hydrogen ion (H+).
Actually, two water molecules participate in this ionization.
One of the two molecules “captures” a hydrogen ion from
the other, forming a hydroxide ion and a hydronium ion:

The hydronium ion is in effect a hydrogen ion bound to a
water molecule. For simplicity, biochemists tend to use a
modified representation of the ionization of water:

H2O → H+ + OH–

The ionization of water is very important for all living
creatures. This fact may seem surprising, since only about
one water molecule in 500 million is ionized at any given
time. But we are less surprised if we focus on the abun-
dance of water in living systems and the reactive nature of
the H+ produced by ionization.

pH is the measure of hydrogen ion concentration
The terms “acidic” and “basic” refer only to solutions. How
acidic or basic a solution is depends on the relative concen-
trations of H+ and OH– ions in it. “Acid” and “base” refer
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2.17 Weights and Sizes of Atoms and Molecules
The color conventions used here are standard for the atoms.
(Yellow is used for sulfur and phosphorus atoms, which are
not depicted.)
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to compounds and ions. A compound or ion that is an acid
can donate H+; one that is a base can accept H+.

How do we specify how acidic or basic a solution is?
First, let’s look at the H+ concentrations of a few contrasting
solutions. In 1 liter of pure water, the H+ concentration is
10–7 M. In 1 M hydrochloric acid, the H+ concentration is 1
M; and in 1 M sodium hydroxide, the H+ concentration is
10–14 M. Because its values range so widely, the H+ concen-
tration itself is an inconvenient quantity to measure. It is
easier to work with the logarithm of the concentration, be-
cause logarithms compress this range.

We indicate how acidic or basic a solution is by its pH
(“potential of Hydrogen”). The pH value is defined as the
negative logarithm of the hydrogen ion concentration in
moles per liter (molar concentration). In chemical notation,
molar concentration is often indicated by putting square
brackets around the symbol for a substance; thus [H+]
stands for the molar concentration of H+. The equation for
pH is

pH = –log10[H
+]

Since the H+ concentration of pure water is 10–7 M, its pH is
–log(10–7) = –(–7), or 7. A smaller negative logarithm means
a larger number. In practical terms, a lower pH means a
higher H+ concentration, or greater acidity. In 1 M HCl, the
H+ concentration is 1 M, so the pH is the negative loga-
rithm of 1 (–log 100), or 0. The pH of 1 M NaOH is the nega-
tive logarithm of 10–14, or 14.

A solution with a pH of less than 7 is acidic—it contains
more H+ ions than OH– ions. A solution with a pH of 7 is
neutral, and a solution with a pH value greater than 7 is
basic. Figure 2.18 shows the pH values of some common
substances.

Buffers minimize pH change
An organism must control the pH of the separate compart-
ments within its cells. Animals must also control the pH of
their blood. The normal pH of human blood is 7.4, and de-
viations of even a few tenths of a pH unit can be fatal. The
control of pH is made possible in part by buffers—chemical
systems that maintain a relatively constant pH even when
substantial amounts of acid or base are added.

A buffer is a mixture of a weak acid and its correspon-
ding base—for example, carbonic acid (H2CO3) and bicar-
bonate ions (HCO3

–). If acid is added to this buffer, not all
the H+ ions from that acid stay in solution. Instead, many of
them combine with the bicarbonate ions to produce more
carbonic acid. This reaction uses up some of the H+ ions in
the solution and decreases the acidifying effect of the added
acid:

HCO3
– + H+ ~ H2CO3

If a base is added, the reaction essentially reverses. Some
of the carbonic acid ionizes to produce bicarbonate ions
and more H+, which counteracts some of the added base. In
this way, the buffer minimizes the effects of an added acid
or base on pH. A given amount of acid or base causes a

smaller change in pH in a buffered solution than in an un-
buffered one (Figure 2.19).

Buffers illustrate an important chemical principle in re-
versible reactions called the law of mass action. Addition of a
component on one side of a reversible system drives the re-
action in the direction that uses up that compound. In this
case, addition of an acid drives the reaction in one direc-
tion; addition of a base drives it in the other.

The Properties of Molecules
Some molecules are small, such as H2 and CH4. Others are
larger, such as a molecule of table sugar (sucrose), which
has 45 atoms. Still other molecules, such as proteins, are
gigantic, sometimes containing tens of thousands of atoms
bonded together in specific ways.
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2.18 pH Values of Some Familiar Substances
An electronic instrument similar to the one drawn at the top of
the figure is used to measure the pH of a solution.



Whether large, medium, or small, most of the molecules
in living systems contain carbon atoms and are thus re-
ferred to as organic molecules. Most organic molecules in-
clude hydrogen and oxygen atoms as well as carbon, and
many also include nitrogen and phosphorus.

All molecules have a specific three-dimensional shape.
For example, the orientation of the bonding orbitals around
the carbon atom gives the methane molecule (CH4) the
shape of a regular tetrahedron (see Figure 2.7c). In carbon
dioxide (CO2), the three atoms are in line. Larger molecules
have complex shapes that result from the numbers and
kinds of atoms present and the ways in which they are
linked together. Some large molecules have compact, ball-
like shapes. Others are long, thin, ropelike structures. Their
shapes relate to the roles these molecules play in living cells.

In addition to size and shape, molecules have certain
properties that characterize them and determine their bio-
logical roles. Chemists use the characteristics of composi-
tion, structure (three-dimensional shape), reactivity, and sol-
ubility to distinguish a sample of one pure molecule from
another. That certain groups of atoms are found together in
a variety of different molecules simplifies our understand-
ing of the reactions that molecules undergo in living cells.

Functional groups give specific properties 
to molecules
Functional groups are groups of atoms that make up part
of a larger molecule and have particular chemical proper-
ties (shape, polarity, reactivity, solubility). The same func-
tional group may be part of very different molecules. You
will encounter several functional groups in your study of
biology (Figure 2.20).

An important kind of biological molecule containing
functional groups is the amino acids, which have both a car-
boxyl group and an amino group attached to the same car-
bon atom, the α (alpha) carbon. Also attached to the α car-
bon atom are a hydrogen atom and a side chain, designated
by the letter R:
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2.19 Buffers Minimize Changes in pH
With increasing amounts of added base, the overall slope of a
graph of pH is downward. In the buffering range, however, the
slope is shallow. At high and low values of pH, where the buffer is
ineffective, the slopes are much steeper.
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2.20 Some Functional Groups Important to Living
Systems

These functional groups (highlighted in white boxes) are the
most common ones found in biologically important molecules. R rep-
resents the “remainder” of the molecule, which may be any of a large
number of carbon skeletons or other chemical group.
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Different side chains have different chemical composi-
tions, structures, and properties. Each of the 20 amino acids
found in proteins has a different side chain that gives it its
distinctive chemical properties, as we’ll see in Chapter 3.
Because they possess both carboxyl and amino groups,
amino acids are simultaneously acids and bases. At the pH
values commonly found in cells, both the carboxyl and the
amino groups are ionized: The carboxyl group has lost a
proton, and the amino group has gained one.

Isomers have different arrangements of the 
same atoms
Isomers are molecules that have the same chemical formula
but different arrangements of the atoms. (The prefix “iso-”
means “same” and is encountered in many biological
terms.) Of the different kinds of isomers, we will consider
two: structural isomers and optical isomers.

Structural isomers differ in how their atoms are joined
together. Consider two simple molecules, each composed of
4 carbon and 10 hydrogen atoms bonded covalently, with
the formula C4H10. These atoms can be linked together in
two different ways, resulting in two forms of the molecule:

The different bonding relationships of butane and isobu-
tane are distinguished in structural formulas, and the com-
pounds have different chemical properties.

Many molecules of biological importance, particularly
the sugars and amino acids, have optical isomers. Optical
isomers occur whenever a carbon atom has four different
atoms or groups attached to it. This pattern allows two dif-
ferent ways of making the attachments, each the mirror
image of the other (Figure 2.21). Such a carbon atom is an
asymmetric carbon, and the pair of compounds are optical
isomers of each other. Your right and left hands are optical
isomers. Just as a glove is specific for a particular hand,
some biochemical molecules can interact with one optical
isomer of a compound, but are unable to “fit” the other.

The α carbon in an amino acid is an asymmetric carbon
because it is bonded to four different functional groups.
Therefore, amino acids exist in two isomeric forms, called
D-amino acids and L-amino acids. “D” and “L” are abbrevia-
tions for the Latin terms for right (dextro) and left (levo), re-
spectively. Only L-amino acids are commonly found in
most organisms.

Between the small molecules we have discussed in this
chapter and the world of the living cell stands another
level, that of the macromolecules. These huge molecules—
the proteins, lipids, carbohydrates, and nucleic acids—are
the subject of the next chapter.
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2.21 Optical Isomers
(a) Optical isomers are mirror images of each
other. (b) Molecular optical isomers result when
four different groups are attached to a single
carbon atom. (c) If a template is laid out to
match the groups on one carbon atom, the
groups on the mirror-image isomer cannot be
rotated to fit the same template.



Chapter Summary
Atoms: The Constituents of Matter
� Matter is composed of atoms. Each atom consists of a pos-
itively charged nucleus of protons and neutrons, surrounded
by electrons bearing negative charges.
� There are many elements in nature, but only a few of them
make up the bulk of living systems. Review Figure 2.1
� Isotopes of an element differ in their numbers of neutrons.
Some isotopes are radioactive, emitting radiation as they
decay. Review Figure 2.2
� Electrons are distributed in shells consisting of orbitals.
Each orbital contains a maximum of two electrons. Review
Figures 2.4, 2.5
� In losing, gaining, or sharing electrons to become more
stable, an atom can combine with other atoms to form mole-
cules. Review Table 2.1

Chemical Bonds: Linking Atoms Together
� Covalent bonds are strong bonds formed when two atom-
ic nuclei share one or more pairs of electrons. Covalent
bonds have spatial orientations that give molecules three-
dimensional shapes. Review Figures 2.6, 2.7, Table 2.2
� Nonpolar covalent bonds are formed when the electroneg-
ativities of two atoms are approximately equal. When atoms
with strong electronegativity (such as oxygen) bond to atoms
with weaker electronegativity (such as hydrogen), a polar
covalent bond is formed, in which one end is δ+ and the
other is δ–. Review Figure 2.8, Table 2.3
� Hydrogen bonds are weak electrical attractions that form
between a δ+ hydrogen atom in one molecule and a δ– nitro-
gen or oxygen atom in another molecule or in another part of
a large molecule. Hydrogen bonds are abundant in water.
Review Figure 2.9
� Ions are electrically charged bodies that form when an
atom gains or loses one or more electrons. Ionic bonds are
electrical attractions between oppositely charged ions. Ionic
bonds are strong in solids, but weaker when the ions are sep-
arated from one another in solution. Review Figures 2.10,
2.11
� Nonpolar molecules do not interact directly with polar
substances, including water. Nonpolar molecules are attract-
ed to each other by very weak bonds called van der Waals
forces.  Review Figure 2.12

Chemical Reactions: Atoms Change Partners
� In chemical reactions, substances change their atomic com-
positions and properties. Energy is released in some reac-
tions, whereas in others energy must be provided. Neither
matter nor energy is created or destroyed in a chemical reac-
tion, but both change form.
� Combustion reactions are oxidation–reduction reactions in
which a fuel is converted to carbon dioxide and water, while
energy is released as heat and light. In living cells, combus-
tion reactions take place in multiple steps so that the released
energy can be harvested for cellular activities. Review Figure
2.13

Water: Structure and Properties
� Water’s molecular structure and its capacity to form
hydrogen bonds give it unusual properties that are signifi-

cant for life. Water is an excellent solvent; solid water floats
in liquid water; and water gains or loses a great deal of heat
when it changes its state, a property that moderates environ-
mental temperature changes. Review Figure 2.15
� The cohesion of water molecules permits liquid water to
rise to great heights in narrow columns and produces a high
surface tension. Water’s high heat of vaporization assures
effective cooling when water evaporates.
� Solutions are produced when substances dissolve in water.
The concentration of a solution is the amount of a given sub-
stance in a given amount of solution. Most biological sub-
stances are dissolved in water at very low concentrations.

Acids, Bases, and the pH Scale
� Acids are substances that donate hydrogen ions (H+).
Bases are substances that accept hydrogen ions.
� The pH of a solution is the negative logarithm of the
hydrogen ion concentration. Values lower than pH 7 indicate
an acidic solution; values above pH 7 indicate a basic solu-
tion. Review Figure 2.18
� Buffers are systems of weak acids and bases that limit the
change in pH when hydrogen ions are added or removed.
Review Figure 2.19

The Properties of Molecules
� Molecules vary in size, shape, reactivity, solubility, and
other chemical properties.
� Functional groups make up part of a larger molecule and
have particular chemical properties. The consistent chemical
behavior of functional groups helps us understand the prop-
erties of the molecules that contain them. Review Figure 2.20
� Structural and optical isomers have the same kinds and
numbers of atoms, but differ in their structures and proper-
ties. Review Figure 2.21

For Discussion
1. Would you expect the elemental composition of Earth’s

crust to be the same as that of the human body? How
could you find out?

2. Lithium (Li) is the element with atomic number 3. Draw
the electronic structures of the Li atom and of the Li+ ion.

3. Draw the structure of a pair of water molecules held
together by a hydrogen bond. Your drawing should indi-
cate the covalent bonds.

4. The molecular weight of sodium chloride (NaCl) is 58.45.
How many grams of NaCl are there in 1 liter of a 0.1 M
NaCl solution? How many in 0.5 liter of a 0.25 M NaCl
solution?

5. The side chain of the amino acid glycine is simply a
hydrogen atom (—H). Are there two optical isomers of
glycine? Explain.

Self-quizzes and Supplemental Readings 
for each chapter are on the Student Web

Site /CD-ROM.
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