Chemica Context of Life__

KEY CONCEPTS

2.1 Matter consists of chemical
alements in pure form and in
combinations called compounds

2.2 An element’s properties depend
on the structure of its atoms

2.3 The formation and function of
molecules depend on chemical
bonding between atoms

2.4 Chemical reactions make and
break chemical bonds

2.5 Hydrogen bonding gives water
properties that help make life

possible on Earth
AP® b BIG IDEAS: Spedific chemical
. B cactions can be used as strategies
that communicate information (Big Idea 3) vital
1o natural selection and evolution (Big Idea 1)
and can provide mechanisms by which
populations interact (Big idea 4). Key to the
support of living things in both their internal and
external environments are the chemicat and
physical properties of water (Big idea 2).

A Chemical Connection to Biology

{ke other animals, ants have mechanisms that defend
them from attack. Wood ants live in colonies of hun-

£dreds or thousands, and the colony as 2 whole hasa
particularly effective way of dealing with enemies. When threat-
ened from above, the ants shoot volleys of formic acid into the
air from their abdomens, and the acid bombards the potential
predator, such as a hungry bird (Figure 2.1). Formic acid is pro-
duced by many species of ants and got its name from the Latin
word for ant, formica. In quite a few ant species, the formic acid
isn't shot out, but probably serves as a disinfectant that protects
the ants against microbial parasites. Scientists have long known
that chemicals play a major role in insect communication, the
attraction of mates, and defense against predators.

Research on ants and other insects is 2 good example of how
relevant chemistry is to the study of life. Unlike college courses,
nature is not neatly packaged into individual sciences—biology,
chemistry, physics, and so forth. Biologists specialize in the
study of life, but organisms and their environments are natural
systems to which the concepts of chemistry and physics apply.
Biology is multidisciplinary.
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A Figure 2.1 What weapon are these wood ants shooting
into the air?

This unit of chapters introduces some basic concepts
of chemistry that apply to the study of life. Somewhere in
the transition from molecules to cells, we will cross the
blurry boundary between nonlife and life. This chapter fo-
cuses on the chemical components that make up all matter,
with a final section on the substance that supports all of
life—water.

Matter consists of chemical
elements in pure form and in
combinations called compounds

Organisms are composed of matter, which is anything that
takes up space and has mass. Matter exists in many forms.
Rocks, metals, oils, gases, and living organisms are a few ex-
amples of what seems to be an endless assortment of matter.

Elements and Compounds

Matter is made up of elements. An element is a substance
that cannot be broken down to other substances by chemical



reactions. Today, chemists recognize 92 elements occurring in
nature; gold, copper, carbon, and oxygen are examples. Each
clement has a symbol, usually the first letter or two of its name.
Some symbols are derived from Latin or German; for, instance,
the symbol for sodium is Na, from the Latin word natrium.

A compound is a substance consisting of two or more dif-
ferent elements combined in a fixed ratio. Table salt, for ex-
ample, is sodium chloride (NaCl), a compound composed of
the elements sodium (Na) and chlorine (Cl) in a 1:1 ratio. Pure
sodium is a metal, and pure chlorine is a poisonous gas. When
chemically combined, however, sodium and chlorine form an
edible compound. Water (H,O), another compound, consists of
the elements hydrogen (H) and oxygen (O) in a 2:1 ratio. These
are simple examples of organized matter having emergent prop-
erties: A compound has chemical and physical characteristics
different from those of its constituent elements (Figure 2.2).

_The Elements of Life

Of the 92 natural elements, about 20—25% are essential
elements that an organism needs to live a healthy life and
reproduce. The essential elements are similar among organ-
isms, but there is some variation—for example, humans need
5 elements, but plants need only 17.

Relative amounts of all the elements in the human body are
listed in Table 2.1. Just four elements—oxygen (O), carbon (C),
drogen (H), and nitrogen (N)—make up approximately 96%
living matter. Calcium (Ca), phosphorus (P), potassium (K),
ulfur (S), and a few other elements account for most of the
maining 4% or so of an organism’s mass. Trace elements

e required by an organism in only minute ql}antities. Some

e elements, such as iron (Fe), are needed by all forms of

e; others are required only by certain species. For example, in
rtebrates (animals with backbones), the element iodine (I) is
ssential ingredient of a hormone produced by the thyroid
d. A daily intake of only 0.15 milligram (mg) of iodine is
quate for normal activity of the human thyroid. An iodine
ency in the diet causes the thyroid gland to grow to ab-

al size, a condition called goiter. Consuming seafood or

d salt reduces the incidence of goiter.

Sodium chloride

Chlorine

19Ure 2.2 The emergent properties of a compound. The
dium combines with the poisonous gas chlorine, forming the
Mpound sodium chloride, or table salt.

Table 2.1 Elements in the Human Body
Percentage of Body Mass

Element Symbol {including water)
Oxygen 0] 65.0%
Carbon C 18.5%

. 96.3%
Hydrogen H 9.5%
Nitrogen N 33%
Calcium Ca 1.5%
Phosphorus P 1.0%
Potassium K 0.4%
Sulfur S 0.3% 3.7%
Sodium Na 0.2%
Chlorine Cl 0.2%
Magnesium Mg 0.1%
Trace elements (less than 0.01% of mass): Boron (B), chromium (Cr), cobalt {Co),
copper (Cu), fluorine (F), iodine (1), iron {Fe), manganese (Mn), molybdenum (Mo),
selenium (Se), silicon (Si), tin (Sn), vanadium (V), zinc (Zn)

A3 M LY Given the makeup of the human body, what

compound do you think accounts for the high percentage of oxygen?

Evolution of Tolerance to Toxic Elements

Some naturally occurring elements are toxic to or-
ganisms. In humans, for instance, the element arsenic has been
linked to numerous diseases and can be lethal. Some species,
however, have become adapted to environments containing ele-
ments that are usually toxic. For example, sunflower plants can
take up lead, zinc, and other heavy metals in concentrations that
would kill most organisms. This capability enabled sunflow-

ers to be used to detoxify contaminated soils after Hurricane
Katrina. Presumably, variants of ancestral sunflower species
were able to grow in soils with heavy metals, and subsequent
natural selection resulted in their survival and reproduction.

CONCEPT CHECK 2.1

1. Is a trace element an essential element? Explain.

2. In humans, iron is a trace element required for the
proper functioning of hemoglobin, the molecule that carries
oxygen in red blood cells. What might be the effects of an
iron deficiency?

For suggested answers, see Appendix A.

CONCEPT 2.2

An element’s properties depend
on the structure of its atoms

Each element consists of a certain type of atom that is different
from the atoms of any other element. An atom is the smallest
unit of matter that still retains the properties of an element.
Atoms are so small that it would take about a million of them
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to stretch across the period at the end of this sentence. We
symbolize atoms with the same abbreviation used for the ele-
ment that is made up of those atoms. For example, the symbol
C stands for both the element carbon and a singlé carbon atom.

Subatomic Particles

Although the atom is the smallest unit having the properties
of an element, these tiny bits of matter are composed of even
smaller parts, called subatomic particles. Using high-energy
collisions, physicists have produced more than a hundred types
of particles from the atom, but only three kinds of particles are
relevant here: neutrons, protons, and electrons. Protons and
electrons are electrically charged. Each proton has one unit
of positive charge, and each electron has one unit of negative
charge. A neutron, as its name implies, is electrically neutral.
Protons and neutrons are packed together tightly in a dense
core, or atomic nucleus, at the center of an atom; protons give
the nucleus a positive charge. The rapidly moving electrons
form a “cloud” of negative charge around the nucleus, and it is
the attraction between opposite charges that keeps the electrons
in the vicinity of the nucleus. Figure 2.3 shows two commonly
used models of the structure of the helium atom as an example.
The neutron and proton are almost identical in mass, each
about 1.7 X 1072* gram (g). Grams and other conventional units
are not very useful for describing the mass of objects that are
so minuscule. Thus, for atoms and subatomic particles (and for
molecules, too), we use a unit of measurement called the dalton
(the same as the atomic mass unit, or amu). Neutrons and pro-
tons have masses close to 1 dalton. Because the mass of an elec-
tron is only about 1/2,000 that of a neutron or proton, we can
ignore electrons when computing the total mass of an atom.

Electrons

Cloud of negative
charge (2 electrons)

(a) This model shows the two
electrons as a cloud of negative
charge, a resuit of their motion
around the nucleus.

(b) In this more simplified model,
the electrons are shown
as two small yellow spheres

A Figure 2.3 Simplified models of a helium (He) atom. The
helium nucleus consists of 2 neutrons (brown) and 2 protons (pink).
Two electrons (yellow) exist outside the nucleus. These models are not
to scale; they greatly overestimate the size of the nucleus in relation to
the electron cloud.
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on a circle around the nucleus.

Atomic Number and Atomic Mass

Atoms of the various elements differ in their number of
subatomic particles. All atoms of a particular element have
the same number of protons in their nuclei. This number of
protons, which is unique to that element, is called the atomic
number and is written as a subscript to the left of the sym-
bol for the element. The abbreviation ,He, for example, tells
us that an atom of the element helium has 2 protons in its
nucleus. Unless otherwise indicated, an atom is neutral in
electrical charge, which means that its protons must be bal-
anced by an equal number of electrons. Therefore, the atomic
number tells us the number of protons and also the number of
electrons in an electrically neutral atom.

We can deduce the number of neutrons from a second
quantity, the mass number, which is the total number of pro-
tons and neutrons in the nucleus of an atom. The mass number
is written as a superscript to the left of an element’s symbol.
For example, we can use this shorthand to write an atom of he-
lium as §He. Because the atomic number indicates how many
protons there are, we can determine the number of neutrons
by subtracting the atomic number from the mass number: The
helium atom 3He has 2 neutrons. For sodium (Na):

Mass number = number of protons + neutrons
/ = 23 for sodium .
Na

AN

f

Atomic number = number of protons
= number of electrons in a neutral atom
11 for sodium

Il

Number of neutrons = mass number — atomic number
= 23 — 11 = 12 for sodium

The simplest atom is hydrogen jH, which has no neutrons; it
consists of a single proton with a single electron.

Because the contribution of electrons to mass is negligible,
almost all of an atom’s mass is concentrated in its nucleus. Neu-
trons and protons each have a mass very close to 1 dalton, so the
mass number is close to, but slightly different from, the total mass
of an atom, called its atomic mass. For example, the mass num-
ber of sodium (33Na) is 23, but its atomic mass is 22.9898 daltons.

Isotopes

All atoms of a given element have the same number of pro-
tons, but some atoms have more neutrons than other atoms
of the same element and thus have greater mass. These dif-
ferent atomic forms of the same element are called isotopes
of the element. In nature, an element may occur as a mixture
of its isotopes. As an example, the element carbon, which has
the atomic number 6, has three naturally occurring isotopes.
The most common isotope is carbon-12, %C, which accounts
for about 99% of the carbon in nature. The isotope '2C has

6 neutrons. Most of the remaining 1% of carbon consists of
atoms of the isotope 12C, with 7 neutrons. A third, even rarer



isotope, '¢C, has 8 neutrons. Notice that all three isotopes of
carbon have 6 protons; otherwise, they would not be carbon.
Although the isotopes of an element have slightly different
masses, they behave identically in chemical reactions. (For an
element with more than one naturally occurring isotope, the
atomic mass is an average of those isotopes, weighted by their
abundance. Thus carbon has an atomic mass of 12.01 daltons.)
Both 2C and *C are stable isotopes, meaning that their nuclei
do not have a tendency to lose subatomic particles, a process
called decay. The isotope C, however, is unstable, or radioac-
tive. A radioactive isotope is one in which the nucleus decays
spontaneously, giving off particles and energy. When the radio-
active decay leads to a change in the number of protons, it trans-
forms the atom to an atom of a different element. For example,
when an atom of "*C decays, it becomes an atom of nitrogen.
Radioactive isotopes have many useful applications in biol-
- ogy. For example, researchers use measurements of radioactiv-
ity in fossils to date these relics of past life (see Concept 23.1).
Radioactive isotopes are also useful as tracers to follow atoms
through metabolism, the chemical processes of an organ-
ism. Cells can use radioactive atoms just as they would use
nonradioactive isotopes of the same element. The radioactive
isotopes are incorporated into biologically active molecules,
hich can then be tracked by monitoring the radioactivity.
Radioactive tracers are important diagnostic tools in medi-
ne. For example, certain kidney disorders can be diagnosed
y injecting small doses of substances containing radioactive
otopes into the blood and then measuring the amount of
acer excreted in the urine. Radioactive tracers are also used
: combination with sophisticated imaging instruments, such
s PET scanners, that can monitor the growth and metabolism
fcancers in the body (Figure 2.4).
Although radioactive isotopes are very useful in biological
earch and medicine, radiation from decaying isotopes also
es a hazard to life by damaging cellular molecules. The
erity of this damage depends on the type and amount of
tion an organism absorbs. One of the most serious envi-
imental threats is radioactive fallout from nuclear accidents.
doses of most isotopes used in medical diagnosis, how-
are relatively safe.

ure 2.4 A PET

a medical

r radioactive
es. PET (positron-
'on tomography)
locations of
chemical activity

Ee 4 Cancerous
actively labeled throat
. which in turn ) : , tissue

The Energy Levels of Electrons

The simplified models of the atom in Figure 2.3 greatly exag-
gerate the size of the nucleus relative to that of the whole atom.
If an atom of helium were the size of a typical football stadium,
the nucleus would be the size of a pencil eraser in the center of
the field. Moreover, the electrons would be like two tiny gnats
buzzing around the stadium. Atoms are mostly empty space.

When two atoms approach each other during a chemical
reaction, their nuclei do not come close enough to interact.

Of the three kinds of subatomic particles we have discussed,
only electrons are directly involved in the chemical reactions
between atoms.

An atom’s electrons vary in the amount of energy they pos-
sess. Energy is defined as the capacity to cause change—for
instance, by doing work. Potential energy is the energy that
matter possesses because of its location or structure. For ex-
ample, water in a reservoir on a hill has potential energy be-
cause of its altitude. When the gates of the reservoir’s dam are
opened and the water runs downbhill, the energy can be used
to do work, such as moving the blades of turbines to generate
electricity. Because energy has been expended, the water has
less energy at the bottom of the hill than it did in the reservoir.
Matter has a natural tendency to move toward the lowest pos-
sible state of potential energy; in our example, the water runs
downbhill. To restore the potential energy of a reservoir, work
must be done to elevate the water against gravity.

The electrons of an atom have potential energy due to their
distance from the nucleus (Figure 2.5). The negatively charged

(a) A ball bouncing down a flight
of stairs can come to rest only
on each step, not between steps.
Similarly, an electron can exist
only at certain energy levels, not
between levels.

Third shell (highest energy  ses=
level in this model)

Energ

Second shell (high
econd shell (higher 4 absorbed *

energy level)

First shell (lowest energy

level)
Y Energy
tlost

Atomic
nucleus <

(b) An electron can move from one shell to another only if the energy
it gains or loses is exactly equal to the difference in energy between
the energy levels of the two shells. Arrows in this model indicate
some of the stepwise changes in potential energy that are possible.

A Figure 2.5 Energy levels of an atom’s electrons. Electrons
exist only at fixed levels of potential energy called electron shells.
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electrons are attracted to the positively charged nucleus. It
takes work to move a given electron farther away from the
nucleus, so the more distant an electron is from the nucleus,
the greater its potential energy. Unlike the continuous flow of
water downbhill, changes in the potential energy of electrons
can occur only in steps of fixed amounts. An electron having a
certain amount of energy is something like a ball on a staircase
(Figure 2.5a). The ball can have different amounts of potential
energy, depending on which step it is on, but it cannot spend
much time between the steps. Similarly, an electron’s potential
energy is determined by its energy level. An electron can exist
only at certain energy levels, not between them.

An electron’s energy level is correlated with its average
distance from the nucleus. Electrons are found in different
electron shells, each with a characteristic average distance
and energy level. In diagrams, shells can be represented by
concentric circles (Figure 2.5b). The first shell is closest to the
nucleus, and electrons in this shell have the lowest potential
energy. Electrons in the second shell have more energy, and
electrons in the third shell even more energy. An electron can
move from one shell to another, but only by absorbing or los-
ing an amount of energy equal to the difference in potential
energy between its position in the old shell and that in the new
shell. When an electron absorbs energy, it moves to a shell

farther out from the nucleus. For example, light energy can
excite an electron to a higher energy level. (Indeed, this is the
first step taken when plants harness the energy of sunlight for
photosynthesis, the process that produces food from carbon
dioxide and water. You'll learn more about photosynthesis

in Chapter 8.) When an electron loses energy, it “falls back”

to a shell closer to the nucleus, and the lost energy is usually
released to the environment as heat. For example, sunlight
excites electrons in the surface of a car to higher energy levels.
When the electrons fall back to their original levels, the car’s
surface heats up. This thermal energy can be transferred to the
air or to your hand if you touch the car.

Electron Distribution and Chemical Properties

The chemical behavior of an atom is determined by the dis-
tribution of electrons in the atom’s electron shells. Beginning
with hydrogen, the simplest atom, we can imagine building the
atoms of the other elements by adding 1 proton and 1 electron
at a time (along with an appropriate number of neutrons).
Figure 2.6, a modified version of what is called the periodic
table of the elements, shows this distribution of electrons for
the first 18 elements, from hydrogen (;H) to argon (;sAr).

The elements are arranged in three rows, or periods, corre-
sponding to the number of electron shells in their atoms. The

Atomic number—__ |

®:
o

Hydrogen Helium
1 | He
First “ Atomic mass Element symbol—"
shell @é@ Electron
: \j distribution
‘ diagram
Lithium Beryllium Boron Carbon Nitrogen Oxygen Fluorine Neon
3LI 4Be SB 7N 80 gF 10Ne
Second
shell
Sodium Magnesium Aluminum Chlorine
11Na 12Mg 13Al 17¢Cl
Third //’@%\\\
shell é{ 5

A Figure 2.6 Electron distribution
diagrams for the first 18 elements in
the periodic table. In a standard periodic
table (see Appendix B), information for each
element is presented as shown for helium in
the inset. In the diagrams in this table, electrons
are represented as yellow dots and electron
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shells as concentric circles. These diagrams are
a convenient way to picture the distribution of
an atom’s electrons among its electron shells,
but these simplified models do not accurately
represent the shape of the atom or the location
of its electrons. The elements are arranged

in rows, each representing the filling of an

electron shell. As-electrons are added, they
occupy the lowest available shell.

Py What is the atomic number of magnesium?

Wl How many protons and electrons does it
have? How many electron shells? How many
valence electrons?




left-to-right sequence of elements in each row corresponds to
the sequential addition of electrons and protons. (See Appen-
dix B for the complete periodic table.)

Hydrogen’s 1 electron and helium’s 2 electrons are located in
the first shell. Electrons, like all matter, tend to exist in the low-
est available state of potential energy. In an atom, this state is
in the first shell. However, the first shell can hold no more than
9 electrons; thus, hydrogen and helium are the only elements in
the first row of the table. In an atom with more than 2 electrons,
the additional electrons must occupy higher shells because the
first shell is full. The next element, lithium, has 3 electrons. Two
of these electrons fill the first shell, while the third electron oc-
cupies the second shell. The second shell holds a maximum of
8 electrons. Neon, at the end of the second row, has 8 electrons
in the second shell, giving it a total of 10 electrons.

The chemical behavior of an atom depends mostly on the
number of electrons in its outermost shell. We call those outer
electrons valence electrons and the outermost electron shell
the valence shell. In the case of lithium, there is only 1 valence
electron, and the second shell is the valence shell. Atoms with
‘the same number of electrons in their valence shells exhibit
milar chemical behavior. For example, fluorine (F) and chlo-
ine (Cl) both have 7 valence electrons, and both form com-
ounds when combined with the element sodium (Na): Sodium
uoride (NaF) is commonly added to toothpaste to prevent
ooth decay, and, as described earlier, NaCl is table salt (see
igure 2.2). An atom with a completed valence shell is unreac-
ve; that is, it will not interact readily with other atoms. At the
ar-right of the periodic table are helium, neon, and argon, the
y three elements shown in Figure 2.6 that have full valence
hells. These elements are said to be inert, meaning chemically
reactive. All the other atoms in Figure 2.6 are chemically re-
ive because they have incomplete valence shells.

Notice that as we “build” the atoms in Figure 2.6, the first
lectrons added to the second and third shells are not shown
pairs; only after 4 electrons are present do the next electrons
mplete pairs. The reactivity of an atom arises from the pres-
of one or more unpaired electrons in its valence shell.

ou will see in the next section, atoms interact in a way
completes their valence shells. When they do so, it is the
ired electrons that are involved.

CEPT CHECK 2.2

A nitrogen atom has 7 protons, and the most common iso-
tope of nitrogen has 7 neutrons. A radioactive isotope of
nitrogen has 8 neutrons. Write the atomic number and mass
mber of this radioactive nitrogen as a chemical symbol

ith a subscript and superscript.

ow many electrons does fluorine have? How many electron
ells? How many electrons are needed to fill the valence shell?
In Figure 2.6, if two or more elements are in the

e row, what do they have in common? If two or more ele-
Een’ts are in the same column, what do they have in common?

T suggested answers, see Appendix A.

CONCEPT 2.3

The formation and function of
molecules depend on chemical
bonding between atoms

Now that we have looked at the structure of atoms, we can move
up the hierarchy of organization and see how atoms combine to
form molecules and ionic compounds. Atoms with incomplete
valence shells can interact with certain other atoms in such a way
that each partner completes its valence shell: The atoms either
share or transfer valence electrons. These interactions usually
result in atoms staying close together, held by attractions called
chemical bonds. The strongest kinds of chemical bonds are
covalent bonds and ionic bonds (when in dry ionic compounds;
ionic bonds are weak when in aqueous solutions).

Covalent Bonds

A covalent bond is the sharing of a pair of valence electrons
by two atoms. For example, let’s consider what happens when
two hydrogen atoms approach each other. Recall that hydrogen
has 1 valence electron in the first shell, but the shell’s capac-

ity is 2 electrons. When the two hydrogen atoms come close
enough for their electron shells to overlap, they can share their
electrons (Figure 2.7). Each hydrogen atom is now associated
with 2 electrons in what amounts to a completed valence shell.
Two or more atoms held together by covalent bonds constitute
a molecule, in this case a hydrogen molecule.

Hydrogen atoms (2 H)

€@ 'n each hydrogen
atom, the single electron
is held in the atom by
its attraction to the
proton in the nucleus.

© When two hydrogen
atoms approach each
other, the electron of
each atom is also
attracted to the proton
in the other nucleus.

€© The two electrons
become shared in a
covalent bond,
forming an H,
molecule.

Hydrogen
molecule (Hy)

A Figure 2.7 Formation of a covalent bond.
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Figure 2.8a shows several ways of representing a hydrogen
molecule. Its molecular formula, Ha, simply indicates that the
molecule consists of two atoms of hydrogen. Electron sharing
can be depicted by an electron distribution diagram or by a
structural formula, H—H, where the line represents a single
bond, a pair of shared electrons. A space-filling model comes
closest to representing the actual shape of the molecule.

Oxygen has 6 electrons in its second electron shell and
therefore needs 2 more electrons to complete its valence shell.
Two oxygen atoms form a molecule by sharing two pairs of
valence electrons (Figure 2.8b). The atoms are thus joined by a
double bond (O=0).

Each atom that can share valence electrons has a bonding
capacity corresponding to the number of covalent bonds the
atom can form. When the bonds form, they give the atom a
full complement of electrons in the valence shell. The bonding
capacity of oxygen, for example, is 2. This bonding capacity
is called the atom’s valence and usually equals the number
of electrons required to complete the atom’s outermost (va-
lence) shell. See if you can determine the valences of hydrogen,

Name and Electron Structural - Space-

Molecular Distribution formula:  Filling

- Formula Diagram Model
(a) Hydrogen (H,).

Two hydrogen atoms
share one pair of
electrons, forming

a single bond.

(b) Oxygen (Oy).
Two oxygen atoms
share two pairs of
electrons, forming
a double bond.

(c) Water (H,0).
Two hydrogen
aloms and one
oxygen atom are
joined by single
bonds, forming a
molecule of water.

(d) Methane (CH,).
Four hydrogen
atoms can satisfy
the valence of
one carbon
atom, forming
methane.

A Figure 2.8 Covalent bonding in four molecules. The
number of electrons required to complete an atom’s valence shell
generally determines how many covalent bonds that atom wili form.
This figure shows several ways of indicating covalent bonds.
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oxygen, nitrogen, and carbon by studying the electron distri-

bution diagrams in Figure 2.6. You can see that the valence of
hydrogen is 1; oxygen, 2; nitrogen, 3; and carbon, 4. (The situ-
ation is more complicated for phosphorus, in the third row of
the periodic table, which can have a valence of 3 or 5 depend-
ing on the combination of single and double bonds it makes.)

The molecules H, and O, are pure elements rather than
compounds because a compound is a combination of two or
more different elements. Water, with the molecular formula
H,O, is a compound. Two atoms of hydrogen are needed to
satisfy the valence of one oxygen atom. Figure 2.8¢ shows the
structure of a water molecule. Water is so important to life that
the last section of this chapter, Concept 2.5, is devoted to its
structure and behavior.

Methane, the main component of natural gas, is a com-
pound with the molecular formula CH,. It takes four hydrogen
atoms, each with a valence of 1, to complement one atom of
carbon, with its valence of 4 (Figure 2.8d). (We will look at
many other compounds of carbon in Chapter 3.)

Atoms in a molecule attract shared bonding electrons to
varying degrees, depending on the element. The attraction of
a particular atom for the electrons of a covalent bond is called
its electronegativity. The more electronegative an atom is, the
more strongly it pulls shared electrons toward itself. In a cova-
Jent bond between two atoms of the same element, the elec-
trons are shared equally because the two atoms have the same
electronegativity—the tug-of-war is at a standoff. Such a bond is
called a nonpolar covalent bond. For example, the single bond
of H, is nonpolar, as is the double bond of Q,. However, when
an atom is bonded to a more electronegative atom, the electrons
of the bond are not shared equally. This type of bond is called
a polar covalent bond. Such bonds vary in their polarity, de-
pending on the relative electronegativity of the two atoms. For
example, the bonds between the oxygen and hydrogen atoms
of a water molecule are quite polar (Figure 2.9). Oxygen is one
of the most electronegative elements, attracting shared elec-
trons much more strongly than hydrogen does. Ina covalent
bond between oxygen and hydrogen, the electrons spend more
time near the oxygen nucleus than they do near the hydrogen
nucleus. Because electrons have a negative charge and are
pulled toward oxygen in a water molecule, the oxygen atom has
a partial negative charge (indicated by the Greek letter & witha

Because oxygen (O} is more electronegative than hydrogen (H),
shared electrons are pulled more toward oxygen.

This results in a
partial negative
charge on the
oxygen and a
partial positive
charge on

the hydrogens.

A Figure 2.9 Polar covalent bonds in a water molecule.




minus sign, 8-, or “delta minus”), and each hydrogen atom has a
partial positive charge (8+, or “delta plus”). In contrast, the indi-
vidual bonds of methane (CH,) are much less polar because the
electronegativities of carbon and hydrogen are similar.

_ |onic Bonds
" In some cases, two atoms are so unequal in their attraction for
valence electrons that the more electronegative atom strips an
electron completely away from its partner. The two resulting
oppositely charged atoms (or molecules) are called ions. A pos-
itively charged ion is called a cation, while a negatively charged
. ionis called an anion. Because of their opposite charges,

_ cations and anions attract each other; this attraction is called
. an ionic bond. Note that the transfer of an electron is not, by
itself, the formation of a bond; rather, it allows a bond to form
because it results in two ions of opposite charge. Any two such
ijons can form an ionic bond—the ions do not need to have ac-
éluired their charge by an electron transfer with each other.
. This is what happens when an atom of sodium (;,Na) en-
unters an atom of chlorine (;;Cl) (Figure 2.10). A sodium
stom has a total of 11 electrons, with its single valence electron
.| the third electron shell. A chlorine atom has a total of 17
sctrons, with 7 electrons in its valence shell. When these two
oms meet, the lone valence electron of sodium is transferred
e chlorine atom, and both atoms end up with their valence
Ils complete. (Because sodium no longer has an electron in
third shell, the second shell is now the valence shell.)
The electron transfer between the two atoms moves one
tof negative charge from sodium to chlorine. Sodium,
y-with 11 protons but only 10 electrons, has a net electrical
e of 1+; the sodium atom has become a cation. Con-
Sely, the chlorine atom, having gained an extra electron,
has 17 protons and 18 electrons, giving it a net electrical
e of 1—; it has become a chloride ion—an anion.

he lone valence electron of a sodium
s transferred to join the 7 valence

€) Each resulting ion has a completed
valence shell. An ionic bond can form
between the oppositely charged ions.

A Figure 2.11 A sodium chloride (NaCl) crystal. The sodium
ions (Na*) and chloride ions (CI7) are held together by ionic bonds. The
formula NaCl tells us that the ratio of Na™ to Cl7is 1:1.

Compounds formed by ionic bonds are called ionic
compounds, or salts. We know the ionic compound sodium
chloride (NaCl) as table salt (Figure 2.11). Salts are often found
in nature as crystals of various sizes and shapes. Each salt crystal
is an aggregate of vast numbers of cations and anions bonded by
their electrical attraction and arranged in a three-dimensional
lattice. Unlike a covalent compound, which consists of mol-
ecules having a definite size and number of atoms, an ionic
compound does not consist of molecules. The formula for an
ionic compound, such as NaCl, indicates only the ratio of ele-
ments in a crystal of the salt. “NaCl” by itself is not a molecule.

Not all salts have equal numbers of cations and anions. For
example, the ionic compound magnesium chloride (MgCl,)
has two chloride ions for each magnesium ion. Magnesium
(1;Mg) must lose 2 outer electrons if the atom is to have a
complete valence shell, so it has a tendency to become a cation
with a net charge of 2+ (Mg®*). One magnesium cation can
therefore form ionic bonds with two chloride anions (C17).

The term ion also applies to entire molecules that are elec-
trically charged. In the salt ammonium chloride (NH,CI), for
instance, the anion is a single chloride ion (Cl7), but the cation
is ammonium (NH, "), a nitrogen atom
covalently bonded to four hydrogen
atoms. The whole ammonium ion has
an electrical charge of 1+ because it has

ns of a chlorine atom.

- given up 1 electron and thus is 1 electron
short.

Environment affects the strength of
ionic bonds. In a dry salt crystal, the
bonds are so strong that it takes a ham-
mer and chisel to break enough of them
to crack the crystal in two. If the same

2.10 Electron transfer and ionic bonding. The attraction between oppositely
toms, or ions, is an ionic bond. An ionic bond can form between any two oppositely
ons, even if they have not been formed by transfer of an electron from one to the other.

h S dNa+ o Cg salt crystal is dissolved in water, however,
Chilorine atom odium ion Chloride ion Lo
(a cation) (an anion) the ionic bcfnds' are m.uch we.aker be- .
~ J cause each ionis partially shielded by its
Sodium chloride (NaCl) interactions with water molecules. Most

drugs are manufactured as salts because
they are quite stable when dry but can
dissociate (come apart) easily in water.
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Weak Chemical Bonds

In organisms, most of the strongest chemical bonds are co-
valent bonds, which link atoms to form a cell's molecules.

But weaker bonding within and between molecules is also
indispensable in the cell, contributing greatly to the emergent
properties of life. Many large biological molecules are held in
their functional form by weak bonds. In addition, when two
molecules in the cell make contact, they may adhere temporar-
ily by weak bonds. The reversibility of weak bonding can bean
advantage: Two molecules can come together, respond to one
another in some way, and then separate.

Several types of weak chemical bonds are important in or-
ganisms. One is the ionic bond as it exists between ions disso-
ciated in water, which we just discussed. Hydrogen bonds and
van der Waals interactions are also crucial to life.

Hydrogen Bonds

Among the various kinds of weak chemical bonds, hydrogen
bonds are so central to the chemistry of life that they deserve
special attention. When a hydrogen atom is covalently bonded to
an electronegative atom, the hydrogen atom has a partial positive
charge that allows it to be attracted to a different electronegative
atom nearby. This noncovalent attraction between a hydrogen
and an electronegative atom is called a hydrogen bond. In living
cells, the electronegative partners are usually oxygen or nitrogen
atoms. Refer to Figure 2.12 to examine the simple case of hydro-
gen bonding between water (H,0) and ammonia (NHS,).

Water (H,0)

This hydrogen bond
(dotted line) results from
the attraction between
the partial positive
charge on a hydrogen
atom of water and the
partial negative charge
on the nitrogen atom

of ammonia.

Ammonia (NH3)

A Figure 2.12
A hydrogen bond.

Van der Waals Interactions

Even a molecule with nonpolar covalent bonds may have posi-
tively and negatively charged regions. Electrons are not always
symmetrically distributed in such a molecule; at any instant,
they may accumulate by chance in one part of the molecule or
another. The results are ever-changing regions of positive and
negative charge that enable all atoms and molecules to stick

to one another. These van der Waals interactions are indi-
vidually weak and occur only when atoms and molecules are
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very close together. When
many such interactions
occur simultaneously,
however, they can be
powerful: Van der Waals
interactions allow the gecko
lizard, shown here, to walk straight up

a walll A gecko toe has hundreds of thou-
sands of tiny hairs with multiple projections on
each, which help to maximize surface contact with

the wall. The van der Waals interactions between the mol-
ecules of the foot and those of the wall’s surface are so numer-
ous that despite their individual weakness, together they can
support the gecko’s body weight. This discovery has inspired
development of an artificial adhesive called Geckskin: A patch
the size of an index card can hold a 700-pound weight to a
wall!

Van der Waals interactions, hydrogen bonds, ionic bonds
in water, and other weak bonds may form not only between
molecules but also between parts of a large molecule, such as
a protein. The cumulative effect of weak bonds is to reinforce
the three-dimensional shape of the molecule. (You will learn
more about the very important biological roles of weak bonds
in Concept 3.5.)

Molecular Shape and Function

A molecule has a characteristic size and shape, which are key
to its function in the living cell. A molecule consisting of two

atoms, such as H, or Oy, is always linear, but most molecules

with more than two atoms have more complicated shapes. To
take a very simple example, a water molecule (H,0) is shaped
roughly like a V, with its two covalent bonds spread apart at
an angle of 104.5° (Figure 2.13). A methane molecule (CHy)
has a geometric shape called a tetrahedron, a pyramid with

a triangular base. The carbon nucleus is inside, at the center,
with its four covalent bonds radiating to hydrogen nuclei at the

s

Ball-and-Stick -

“space-Filling
~ = ‘Model -~

‘Model-

Water (H,0)

» Figure 2.13
Models showing
the shapes of two
small molecules.
Each of the molecules,
water and methane,
is represented in two
different ways.

Methane (CHa)




corners of the tetrahedron. Larger molecules containing mul-
tiple carbon atoms, including many of the molecules that make
up living matter, have more complex overall shapes. However,
the tetrahedral shape of a carbon atom bonded to four other
atoms is often a repeating motif within such molecules.
Molecular shape is crucial in biology: It determines how
biological molecules recognize and respond to one another
with specificity. Biological molecules often bind temporarily to
each other by forming weak bonds, but only if their shapes are
complementary. Consider the effects of opiates (drugs derived
from opium); morphine and heroin are two examples. Opi-
ates relieve pain and alter mood by weakly binding to specific
receptor molecules on the surfaces of brain cells. Why would
brain cells carry receptors for opiates, compounds that are not
made by the body? In 1975, the discovery of endorphins an-
swered this question. Endorphins are signaling molecules made
by the pituitary gland that bind to the receptors, relieving pain
and producing euphoria during times of stress, such as intense
- exercise. Opiates have shapes similar to endorphins and mimic
them by binding to endorphin receptors in the brain. That is
why opiates and endorphins have similar effects (Figure 2.14).

Key HE Carbon
Hydrogen

Ml nitrogen
Sulfur
B Oxygen

Natural endorphin

Morphine

Structures of endorphin and morphine. The boxed portion of
the endorphin molecule (left) binds to receptor molecules on target
ells in the brain. The boxed portion of the morphine molecule
ight) is a close match.

ing to endorphin receptors. Both endorphin and morphine
ind to endorphin receptors on the surface of a brain cell.

Ire 2.14 A molecular mimic. Morphine affects pain percep-
motional state by mimicking the brain‘s natural endorphins.

The role of molecular shape in brain chemistry illustrates the
match between structure and function in biological organiza-
tion, one of biology’s unifying themes.

CONCEPT CHECK 2.3

1. Why does the structure H— C=C —H fail to make sense
chemically?

2. What holds the atoms together in a crystal of magnesium
chloride (MgCl,)?

3. If you were a pharmaceutical researcher, why
would you want to learn the three-dimensional shapes of
naturally occurring signaling molecules?

For suggested answers, see Appendix A.

CONCEPT 2.4

Chemical reactions make
and break chemical bonds

The making and breaking of chemical bonds, leading to
changes in the composition of matter, are called chemical
reactions. An example is the reaction between hydrogen and
oxygen molecules that forms water:

+
2 H2 + 02 — 2 Hzo
Reactants Reaction Products

This reaction breaks the covalent bonds of H, and O, and
forms the new bonds of H,0O. When we write the equation
for a chemical reaction, we use an arrow to indicate the con-
version of the starting materials, called the reactants, to the
resulting materials, or products. The coefficients indicate the
number of molecules involved; for example, the coefficient 2 in
front of H, means that the reaction starts with two molecules
of hydrogen. Notice that all atoms of the reactants must be ac-
counted for in the products. Matter is conserved in a chemical
reaction: Reactions cannot create or destroy atoms but can
only rearrange (redistribute) the electrons among them.

Photosynthesis, which takes place within the cells of green
plant tissues, is an important biological example of how chem-
ical reactions rearrange matter. Humans and other animals
ultimately depend on photosynthesis for food and oxygen,
and this process is at the foundation of almost all ecosystems.
The following chemical shorthand summarizes the process of
photosynthesis:

6 CO, + 6 H,0 — CeH,,04 + 6 O,

The raw materials of photosynthesis are carbon dioxide
(CO,), which is taken from the air, and water (H,O), which is
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A Figure 2.15 Photosynthesis: a solar-powered
rearrangement of matter. Elodea, a freshwater plant, produces
sugar by rearranging the atoms of carbon dioxide and water in the
chemical process known as photosynthesis, which is powered by
sunlight. Much of the sugar is then converted to other food molecules.
Oxygen gas (0,) is a by-product of photosynthesis; notice the bubbles
of 0,-containing gas escaping from the leaves submerged in water.
Explain how this photo relates to the reactants and products in the

equation for photosynthesis given in the text. (You will learn more
about photosynthesis in Chapter 8.) =

absorbed from the soil. Within the plant cells, sunlight powers
the conversion of these ingredients to a sugar called glucose
(C¢H,,0¢) and oxygen molecules (O,), a by-product that the
plant releases into the surroundings (Figure 2.15). Although
photosynthesis is actually a sequence of many chemical re-
actions, we still end up with the same number and types of
atoms that we had when we started. Matter has simply been
rearranged, with an input of energy provided by sunlight.

All chemical reactions are reversible, with the products of
the forward reaction becoming the reactants for the reverse
reaction. For example, hydrogen and nitrogen molecules can
combine to form ammonia, but ammonia can also decompose
to regenerate hydrogen and nitrogen:

3H, + N, =2 NH;

The two opposite-headed arrows indicate that the reaction is
reversible.

One of the factors affecting the rate of a reaction is the
concentration of reactants. The greater the concentration of
reactant molecules, the more frequently they collide with one
another and have an opportunity to react and form products.
The same holds true for products. As products accumulate, col-
lisions resulting in the reverse reaction become more frequent.
Eventually, the forward and reverse reactions occur at the same
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rate, and the relative concentrations of products and reactants
stop changing. The point at which the reactions offset one an-
other exactly is called chemical equilibrium. This is a dynamic
equilibrium; reactions are still going on, but with no net effect
on the concentrations of reactants and products. Equilibrium
does not mean that the reactants and products are equal in
concentration, but only that their concentrations have stabilized
at a particular ratio. The reaction involving ammonia reaches
equilibrium when ammonia decomposes as rapidly as it forms.
In some chemical reactions, the equilibrium point may lie so
far to the right that these reactions go essentially to completion;
that is, virtually all the reactants are converted to products.

To conclude this chapter, we focus on water, the substance
in which all the chemical processes of organisms occur.

CONCEPT CHECK 2.4

1. Which type of chemical reaction occurs faster at equilibrium,
the formation of products from reactants or that of reactants
from products?

2. Write an equation that uses the products of pho-
tosynthesis as reactants and the reactants of photosynthesis as
products. Add energy as another product. This new equation &
describes a process that occurs in your cells. Describe this equa- f
tion in words. How does this equation relate to breathing?

For suggested answers, see Appendix A.

CONCEPT 2.5 ;

Hydrogen bonding gives water
properties that help make life
possible on Earth

All organisms are made mostly of water and live in an envi-
ronment dominated by water. Most cells are surrounded by
water, and cells themselves are about 70-95% water. Water
is so common that it is easy to overlook the fact that it is

an exceptional substance with many extraordinary quali-
ties. We can trace water’s unique behavior to the structure
and interactions of its molecules. As you saw in Figure 2.9,
the connections between the atoms of a water molecule are
polar covalent bonds. The unequal sharing of electrons and
water’s V-like shape make it 2 polar molecule, meaning that
its overall charge is unevenly distributed: The oxygen region
of the molecule has a partial negative charge (5-), and each
hydrogen has a partial positive charge &+).

The properties of water arise from attractions between
oppositely charged atoms of different water molecules: The
slightly positive hydrogen of one molecule is attracted to the
slightly negative oxygen of a nearby molecule. The two mol-
ecules are thus held together by a hydrogen bond. When water
is in its liquid form, its hydrogen bonds are very fragile, each
only about %o as strong as a covalent bond. The hydrogen
bonds form, break, and re-form with great frequency. Each
lasts only a few trillionths of a second, but the molecules are




6_

}——— Hydrogen

bond

Polar covalent
bonds

A Figure 2.16 Hydrogen bonds between water
molecules. The charged regions in a water molecule are due to

ts polar covalent bonds. Oppositely charged regions of neighboring
water molecules are attracted to each other, forming hydrogen
sonds. Fach molecule can hydrogen-bond to multiple partners, and
hese associations are constantly changing.

Draw partial charges on all the atoms of the water
molecule on the far left, and draw two more water molecules
drogen-bonded to it.

nstantly forming new hydrogen bonds with a succession
partners. Therefore, at any instant, most of the water mol-
ules are hydrogen-bonded to their neighbors (Figure 2.16).
e extraordinary properties of water emerge.from this
rogen bonding, which organizes water molecules into a
er level of structural order. We will examine four emer-
properties of water that contribute to Earth’s suitability
nenvironment for life: cohesive behavior, ability to mod-
& temperature, expansion upon freezing, and versatility
solvent. After that, we'll discuss a critical aspect of water
mistry—acids and bases.

hesion of Water Molecules

r molecules stay close to each other as a result of hydro-
onding. At any given moment, many of the molecules

id water are linked by multiple hydrogen bonds. These
es make water more structured than most other liquids.
ively, the hydrogen bonds hold the substance together, a
1enon called cohesion.

esion due to hydrogen bonding contributes to the trans-
water and dissolved nutrients against gravity in plants
 2.17). Water from the roots reaches the leaves through
k of water-conducting cells. As water evaporates from
ydrogen bonds cause water molecules leaving the veins
n molecules farther down, and the upward pull is trans-
through the water-conducting cells all the way to the
dhesion, the clinging of one substance to another, also
Iole. Adhesion of water to cell walls by hydrogen bonds
dunter the downward pull of gravity.

Adhesion of the water to cell walls
by hydrogen bonds helps resist the
downward pull of gravity.

Two types of
" water-conducting
cells

Cohesion due to
hydrogen bonds
. between water
molecules helps
" hold together
the column of
water within
the cells.

A Figure 2.17 Water transport in plants. Evaporation from
leaves pulls water upward from the roots through water-conducting
cells. Because of the properties of cohesion and adhesion, the tallest
trees can transport water more than 100 m upward—approximately
one-quarter the height of the Empire State Building in New York City.

Visit the Study Area in MasteringBiology
for the BioFlix® 3-D Animation on Water
Transport in Plants.

Related to cohesion is surface tension, a measure of how
difficult it is to stretch or break the surface of a liquid. The
hydrogen bonds in water give it an unusually high surface
tension, making it behave as though it were coated with an
invisible film. You can observe the surface tension of water by
slightly overfilling a drinking glass; the water will stand above
the rim. The spider in Figure 2.18 takes advantage of the sur-
face tension of water to walk across a pond without breaking
the surface.

» Figure 2.18 Walking on water. The high
surface tension of water, resulting from the

collective strength of its hydrogen
bonds, allows this raft spid
to walk on the surface
of a pond.




Moderation of Temperature by Water

Water moderates air temperature by absorbing heat from

air that is warmer and releasing the stored heat to air that is
cooler. Water is effective as a heat bank because it can absorb
or release a relatively large amount of heat with only a slight
change in its own temperature. To understand this capability
of water, we must first look briefly at temperature and heat.

Temperature and Heat

Anything that moves has kinetic energy, the energy of mo-
tion. Atoms and molecules have kinetic energy because they
are always moving, although not necessarily in any particular
direction. The faster a molecule moves, the greater its kinetic
energy. The kinetic energy associated with the random move-
ment of atoms or molecules is called thermal energy. Ther-
mal energy is related to temperature, but they are not the same
thing. Temperature represents the average kinetic energy
of the molecules in a body of matter, regardless of volume,
whereas the thermal energy of a body of matter reflects the
total kinetic energy and thus depends on the matter’s volume.
When water is heated in a coffeemaker, the average speed of
the molecules increases, and the thermometer records this as a
rise in temperature of the liquid. The total amount of thermal
energy also increases in this case. Note, however, that although
the pot of coffee has a much higher temperature than, say, the
water in a swimming pool, the swimming pool contains more
thermal energy because of its much greater volume.
Whenever two objects of different temperature are brought
together, thermal energy passes from the warmer to the cooler
object until the two are the same temperature. Molecules in
the cooler object speed up at the expense of the thermal en-
ergy of the warmer object. An ice cube cools a drink not by
adding coldness to the liquid, but by absorbing thermal energy
from the liquid as the ice itself melts. Thermal energy in trans-
fer from one body of matter to another is defined as heat.
One convenient unit of heat used in this book is the calorie
(cal). A calorie is the amount of heat it takes to raise the tem-
perature of 1 g of water by 1°C. Conversely, a calorie is also the
amount of heat that 1 g of water releases when it cools by 1°C.
A kilocalorie (kcal), 1,000 cal, is the quantity of heat required
to raise the temperature of 1 kilogram (kg) of water by 1°C.
(The “calories” on food packages are actually kilocalories.) An-
other energy unit used in this book is the joule (J). One joule
equals 0.239 cal; one calorie equals 4.184 J.

Water’s High Specific Heat

The ability of water to stabilize temperature stems from its
relatively high specific heat. The specific heat of a substance
is defined as the amount of heat that must be absorbed or lost
for 1 g of that substance to change its temperature by 1°C. We
already know water’s specific heat because we have defined a
calorie as the amount of heat that causes 1 g of water to change
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its temperature by 1°C. Therefore, the specific heat of water

is 1 calorie per gram per degree Celsius, abbreviated as

1 cal/(g * °C). Compared with most other substances, water
has an unusually high specific heat. As a result, water will
change its temperature less than other liquids when it absorbs
or loses a given amount of heat. The reason you can burn your
fingers by touching the side of an iron pot on the stove when
the water in the pot is still lukewarm is that the specific heat of
water is ten times greater than that of iron. In other words, the
same amount of heat will raise the temperature of 1 g of the
iron much faster than it will raise the temperature of 1 g of the
water. Specific heat can be thought of as a measure of how well
a substance resists changing its temperature when it absorbs
or releases heat. Water resists changing its temperature; when
it does change its temperature, it absorbs or loses a relatively
large quantity of heat for each degree of change.

We can trace water’s high specific heat, like many of its other
properties, to hydrogen bonding. Heat must be absorbed in
order to break hydrogen bonds; by the same token, heat is re-
leased when hydrogen bonds form. A calorie of heat causes a rel-
atively small change in the temperature of water because much
of the heat is used to disrupt hydrogen bonds before the water
molecules can begin moving faster. And when the temperature
of water drops slightly, many additional hydrogen bonds form,
releasing a considerable amount of energy in the form of heat.

What is the relevance of water’s high specific heat to life
on Earth? A large body of water can absorb and store a huge
amount of heat from the sun in the daytime and during sum-
mer while warming up only a few degrees. At night and during
winter, the gradually cooling water can warm the air. This ca-
pability of water serves to moderate air temperatures in coastal
areas (Figure 2.19). The high specific heat of water also tends
to stabilize ocean temperatures, creating a favorable environ-
ment for marine life. Thus, because of its high specific heat,
the water that covers most of Earth keeps temperature fluctua-
tions on land and in water within limits that permit life. Also,
because organisms are made primarily of water, they are better
able to resist changes in their own temperature than if they
were made of a liquid with a lower specific heat.

A Figure 2.19 Temperatures for the Pacific Ocean and
Southern California on an August day.

Explain the pattern of temperatures shown
in this diagram.




Evaporative Cooling

Molecules of any liquid stay close together because they are
attracted to one another. Molecules moving fast enough to
overcome these attractions can depart the liquid and enter the
air as a gas (vapor). This transformation from a liquid to a gas
is called vaporization, or evaporation. Recall that the speed of
molecular movement varies and that temperature is the aver-
age kinetic energy of molecules. Even at low temperatures, the
speediest molecules can escape into the air. Some evaporation
occurs at any temperature; a glass of water at room tempera-
ture, for example, will eventually evaporate completely. If a lig-
uid is heated, the average kinetic energy of molecules increases
and the liquid evaporates more rapidly.

Heat of vaporization is the quantity of heat a liquid must
absorb for 1 g of it to be converted from the liquid to the gas-
- eous state. For the same reason that water has a high specific
- heat, it also has a high heat of vaporization relative to most
other liquids. To evaporate 1 g of water at 25°C, about 580 cal of
heat is needed—nearly double the amount needed to vaporize a
gram of alcohol, for example. Water’s high heat of vaporization
s another emergent property resulting from the strength of its
hydrogen bonds, which must be broken before the molecules
fr exit from the liquid in the form of water vapor.

rbed by tropical seas is consumed during the evaporation
rface water. Then, as moist tropical air circulates pole-

gy released when steam condenses into liquid on the skin.

As a liquid evaporates, the surface
of the liquid that remains behind

cools down (its temperature

Hydrogen bond

Ice:
Hydrogen bonds
are stable

Hydrogen bonds
break and re-form

decreases). This evaporative cooling occurs because the “hot-
test” molecules, those with the greatest kinetic energy, are the
ones most likely to leave as gas. It is as if the hundred fastest
runners at a college transferred to another school; the average
speed of the remaining students would decline.

Evaporative cooling of water contributes to the stability of
temperature in lakes and ponds and also provides a mechanism
that prevents terrestrial organisms from overheating. For ex-
ample, evaporation of water from the leaves of a plant helps keep
the tissues in the leaves from becoming too warm in the sunlight.
Evaporation of sweat from human skin dissipates body heat
and helps prevent overheating on a hot day or when excess heat
is generated by strenuous activity. High humidity on a hot day
increases discomfort because the high concentration of water
vapor in the air inhibits the evaporation of sweat from the body.

Floating of Ice on Liquid Water

Water is one of the few substances that are less dense as a solid
than as a liquid. In other words, ice floats on liquid water. While
other materials contract and become denser when they solidify,
water expands. The cause of this exotic behavior is, once again,
hydrogen bonding. At temperatures above 4°C, water behaves
like other liquids, expanding as it warms and contracting as it
cools. As the temperature falls from 4°C to 0°C, water begins
to freeze because more and more of its molecules are moving
too slowly to break hydrogen bonds. At 0°C, the molecules
become locked into a crystalline lattice, each water molecule
hydrogen-bonded to four partners (Figure 2.20). The hydrogen
bonds keep the molecules at “arm’s length,’ far enough apart to
make ice about 10% less dense than liquid water at 4°C. When
ice absorbs enough heat for its temperature to rise above 0°C,
hydrogen bonds between molecules are disrupted. As the crys-
tal collapses, the ice melts, and molecules are free to slip closer
together. Water reaches its greatest density at 4°C and then be-
gins to expand as the molecules move faster.

The ability of ice to float due to its lower density is an im-
portant factor in the suitability of the environment for life.
If ice sank, then eventually all ponds, lakes, and even oceans

<« Figure 2.20 Ice: crystalline
structure and floating barrier. In
ice, each molecule is hydrogen-bonded
to four neighbors in a three-dimensional
crystal. Because the crystal is spacious,
ice has fewer molecules than an equal
volume of liquid water. In other words,
ice is less dense than liquid water.
Floating ice becomes a barrier that
insulates the liquid water below from the
colder air. The marine organism shown
here is a type of shrimp called krill; it was
photographed beneath floating ice in the
Southern Ocean near Antarctica.

if water did not form
hydrogen bonds, what would happen
to the shrimp’s habitat, shown here?

Liquid water:
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would freeze solid, making life as we know it impossible on
Earth. During summer, only the upper few inches of the
ocean would thaw. Instead, when a deep body of
water cools, the floating ice insulates the lig-

uid water below, preventing it from freezing

and allowing life to exist under the frozen sur-
face, as shown in the photo in Figure 2.20.

Water: The Solvent of Life

A sugar cube placed in a glass of water will dis-
solve. Eventually, the glass will contain a uniform
mixture of sugar and water; the concentration of
dissolved sugar will be the same everywhere in the
mixture. A liquid that is a completely homogeneous
mixture of two or more substances is called a solution.
The dissolving agent of a solution is the solvent, and the
substance that is dissolved is the solute. In this case, water
is the solvent and sugar is the solute. An aqueous solution
is one in which the solute is dissolved in water; water is the
solvent.

Water is a very versatile solvent, a quality we can trace to
the polarity of the water molecule. Suppose, for example, that
a spoonful of table salt, the ionic compound sodium chloride
(NaCl), is placed in water (Figure 2.21). At the surface of each
grain, or crystal, of salt, the sodium and chloride ions are ex-
posed to the solvent. These ions and regions of the water mol-
ecules are attracted to each other due to their opposite charges.
The oxygen regions of the water molecules are negatively

Negative

oxygen regions

of polar water
molecules are
attracted to sodium
cations (Na*).

Positive

hydrogen regions
of water molecules
are attracted

to chiloride

anions (Cl).

A Figure 2.21 Table salt dissolving in water. A sphere of
water molecules, cafled a hydration shell, surrounds each solute ion.

What would happen if you heated this solution for a fong
time?
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This oxygen is
attracted to a slight
positive charge on
the lysozyme
molecule.

This hydrogen is
attracted to a slight
negative charge on
the lysozyme
molecule.

A Figure 2.22 A water-soluble protein. Human lysozyme is

a protein found in tears and saliva that has antibacterial action. This
model shows the lysozyme molecule (purple) in an aqueous environ-
ment. lonic and polar regions on the protein’s surface attract the
stightly charged regions of water molecules.

charged and are attracted to sodium cations. The hydrogen re-
gions are positively charged and are attracted to chloride anions.
As a result, water molecules surround the individual sodium
and chloride ions, separating and shielding them from one an-
other. The sphere of water molecules around each dissolved ion
is called a hydration shell. Working inward from the surface
of each salt crystal, water eventually dissolves all the ions. The
result is a solution of two solutes, sodium cations and chloride
anions, homogeneously mixed with water, the solvent. Other
ionic compounds also dissolve in water. Seawater, for instance,
contains a great variety of dissolved ions, as do living cells.

A compound does not need to be ionic to dissolve in water;
many compounds made up of nonionic polar molecules, such
as sugars, are also water-soluble. Such compounds dissolve
when water molecules surround each of the solute molecules,
forming hydrogen bonds with them. Even molecules as large
as proteins can dissolve in water if they have ionic and polar
regions on their surface (Figure 2.22). Many different kinds of
polar compounds are dissolved (along with ions) in the water
of such biological fluids as blood, the sap of plants, and the lig-
uid within all cells. Water is the solvent of life.

Hydrophilic and Hydrophobic Substances

Any substance that has an affinity for water is said to be
hydrophilic (from the Greek hydro, water, and philos, loving).
In some cases, substances can be hydrophilic without actually
dissolving. For example, some molecules in cells are so large
that they do not dissolve. Another example of a hydrophilic sub-
stance that does not dissolve is cotton, a plant product. Cotton
consists of giant molecules of cellulose, a compound with nu-
merous regions of partial positive and partial negative charges
that can form hydrogen bonds with water. Water adheres to the




cellulose fibers. Thus, a cotton towel does a great job of drying
the body, yet it does not dissolve in the washing machine. Cellu-
Jose is also present in the walls of plant cells that conduct water;
you read earlier how the adhesion of water to these hydrophilic
walls helps water move up the plant against gravity.

There are, of course, substances that do not have an affinity
for water. Substances that are nonionic and nonpolar {or other-
wise cannot form hydrogen bonds) actually seem to repel water;
these substances are said to be hydrophobic (from the Greek
phobos, fearing). An example from the kitchen is vegetable oil,
which, as you know, does not mix stably with water-based sub-
stances such as vinegar. The hydrophobic behavior of the oil
molecules results from a prevalence of relatively nonpolar co-
valent bonds, in this case bonds between carbon and hydrogen,
which share electrons almost equally. Hydrophobic molecules
related to oils are major ingredients of cell membranes. (Imag-
e what would happen to a cell if its membrane dissolved!)

olute Concentration in Aqueous Solutions

Ost of the chemical reactions in organisms involve solutes
ssolved in water. To understand such reactions, we must

ow how many atoms and molecules are involved and be able
calculate the concentration of solutes in an aqueous solution
he number of solute molecules in a volume of solution).
When carrying out experiments, we use mass to calculate
number of molecules. We first calculate the molecular

s, which is simply the sum of the masses of all the atoms in
olecule. As an example, let’s calculate the molecular mass
able sugar (sucrose), C;,Hy,0;;, by multiplying the number
toms by the atomic mass of each element (see Appendix B).
ound numbers, sucrose has a molecular mass of (12 X 12) +
X 1) + (11 X 16) = 342 daltons. Because we can’t mea-

> out small numbers of molecules, we usually measure
stances in units called moles. Just as a dozen always means
jects, a mole (mol) represents an exact number of ob-
6.02 X 10%, which is called Avogadro’s number. There

02 X 10® daltons in 1 g. Once we determine the molecu-
ass of a molecule such as sucrose, we can use the same

er (342), but with the unit gram, to represent the mass of
X 10% molecules of sucrose, or 1 mol of sucrose. To ob-
:'xﬁol of sucrose in the lab, therefore, we weigh out 342 g.
é practical advantage of measuring a quantity of chemicals
les is that a mole of one substance has exactly the same

of molecules as a mole of any other substance. Measur-
10les makes it convenient for scientists working in the

ry to combine substances in fixed ratios of molecules.
*would we make a liter (L) of solution consisting of
fsucrose dissolved in water? We would measure out
ucrose and then add enough water to bring the total
-of the solution up to 1 L. At that point, we would have
ar (1 M) solution of sucrose. Molarity—the number of
solute per liter of solution—is the unit of concentra-
often used by biologists for aqueous solutions.

Acids and Bases

Occasionally, a hydrogen atom participating in a hydrogen
bond between two water molecules shifts from one molecule
to the other. When this happens, the hydrogen atom leaves its
electron behind, and what is actually transferred is a hydrogen
ion (H"), a single proton with a charge of 1+. The water mol-
ecule that lost a proton is now a hydroxide ion (OH ™), which
has a charge of 1-. The proton binds to the other water mol-
ecule, making that molecule a hydronium ion (H;O™):

2 H,0

Hydronium
ion (H30%)

Hydroxide
ion (OH™)

By convention, H" (the hydrogen ion) is used to represent
H;O" (the hydronium ion), and we follow that practice here.
Keep in mind, though, that H" does not exist on its own in an
aqueous solution. It is always associated with a water molecule
in the form of H;O™.

As indicated by the double arrows, this is a reversible reac-
tion that reaches a state of dynamic equilibrium when water
molecules dissociate at the same rate that they are being
reformed from H* and OH™. At this equilibrium point, the
concentration of water molecules greatly exceeds the concen-
trations of H* and OH ™. In pure water, only one water mol-
ecule in every 554 million is dissociated; the concentration of
each ion in pure water is 10”7 M (at 25°C). This means there is
only one ten-millionth of a mole of hydrogen ions per liter of
pure water and an equal number of hydroxide ions.

Although the dissociation of water is reversible and statisti-
cally rare, it is exceedingly important in the chemistry of life.
H* and OH™ are very reactive. Changes in their concentra-
tions can drastically affect a cell’s proteins and other complex
molecules. As we have seen, the concentrations of H* and
OH" are equal in pure water, but adding certain kinds of
solutes, called acids and bases, disrupts this balance.

What would cause an aqueous solution to have an imbal-
ance in H" and OH™ concentrations? When acids dissolve in
water, they donate additional H to the solution. An acid is a
substance that increases the hydrogen ion concentration of a
solution. For example, when hydrochloric acid (HCI) is added
to water, hydrogen ions dissociate from chloride ions:

HCl— H* + CI”

This source of H* (dissociation of water is the other source)
results in an acidic solution—one having more H* than OH".
A substance that reduces the hydrogen ion concentration of
a solution is called a base. Some bases reduce the H" concen-
tration directly by accepting hydrogen ions. Ammonia (NHs),
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for instance, acts as a base when the unshared electron pair in
nitrogen’s valence shell attracts a hydrogen ion from the solu-
tion, resulting in an ammonium ion (NH,"):

NH,; + HY == NH,"

Other bases reduce the H* concentration indirectly by dis-
sociating to form hydroxide ions, which combine with hydro-
gen ions and form water. One such base is sodium hydroxide
(NaOH), which in water dissociates into its ions:

NaOH — Na* + OH~

In either case, the base reduces the H" concentration. Solu-
tions with a higher concentration of OH™ than H" are known
as basic solutions. A solution in which the H" and OH™ con-
centrations are equal is said to be neutral.

Notice that single arrows were used in the reactions for HCI
and NaOH. These compounds dissociate completely when
mixed with water, so hydrochloric acid is called a strong acid
and sodium hydroxide a strong base. In contrast, ammonia is a
relatively weak base. The double arrows in the reaction for am-
monia indicate that the binding and release of hydrogen ions
are reversible reactions, although at equilibrium there will be a
fixed ratio of NH, " to NH,.

Weak acids are acids that reversibly release and accept back
hydrogen ions. An example is carbonic acid:

H,CO, == HCO,~ + H*
Carbonic Bicarbonate Hydrogen
acid ion ion

Here the equilibrium so favors the reaction in the left direction
that when carbonic acid is added to pure water, only 1% of the
molecules are dissociated at any particular time. Still, that is
enough to shift the balance of H" and OH™ from neutrality.

The pH Scale

In any aqueous solution at 25°C, the product of the H" and
OH™ concentrations is constant at 107, This can be written

[HT][OH ] =107"

In such an equation, brackets indicate molar concentration. Ina
neutral solution at room temperature (25°C), [H*] = 1077 and
[OH™] = 1077, In this case, 1077 X 1077 = 10~ If enough acid
is added to a solution to increase [H*] to 107> M, then [OH "] will
decline by an equivalent factor to 10~° M (note that 107> X 107
= 107'%). This constant relationship expresses the behavior of
acids and bases in an aqueous solution. An acid not only adds hy-
drogen ions to a solution, but also removes hydroxide ions because
of the tendency for H* to combine with OH ", forming water.

A base has the opposite effect, increasing OH™ concentration

but also reducing H* concentration by the formation of water. If
enough of a base is added to raise the OH ™ concentration to 10
M, it will cause the H* concentration to drop to 107 M. When-
ever we know the concentration of either H" or OH™ in an aque-
ous solution, we can deduce the concentration of the other ion.
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pH Scale
0

Battery acid

2 Gastric juice, lemon juice

3 Vinegar, wine,
cola

4 Tomato juice
Beer
Black coffee

Acidic
solution

Rainwater
6 Urine

Saliva
7 Pure water
Human blood, tears

Neutral
[H*] = [OH]

o 8 Seawater
Neutral
solution

Inside of small intestine

9
10
Milk of magnesia
11
Household ammonia
12
Basic
solution Household
13 bleach
Oven cleaner
14

A Figure 2.23 The pH scale and pH values of some aqueous
solutions.

Because the H* and OH™ concentrations of solutions can
vary by a factor of 100 trillion or more, scientists have devel-
oped a way to express this variation more conveniently than
in moles per liter. The pH scale (Figure 2.23) compresses
the range of H" and OH™ concentrations by employing
logarithms. The pH of a solution is defined as the negative
logarithm (base 10) of the hydrogen ion concentration:

pH = ~log [H*]
For a neutral aqueous solution, [H*] is 1077 M, giving us
~log 1077 =-(-7)=7

Notice that pH declines as H™ concentration increases. Notice,
too, that although the pH scale is based on H concentration,
it also implies OH ™ concentration. A solution of pH 10 has a
hydrogen ion concentration of 107 M and a hydroxide ion
concentration of 107* M.

The pH of a neutral aqueous solution at 25°C is 7, the mid-
point of the pH scale. A pH value less than 7 denotes an acidic



solution; the lower the number, the more acidic the solution.
The pH for basic solutions is above 7. Most biological fluids,
such as blood and saliva, are within the range of pH 6—8. There
are a few exceptions, however, including the strongly acidic di-
gestive juice of the human stomach, which has a pH of about 2.
Remember that each pH unit represents a tenfold differ-

ence in H" and OH™ concentrations. It is this mathematical
feature that makes the pH scale so compact. A solution of pH 3

. is not twice as acidic as a solution of pH 6, but a thousand

- times (10 X 10 X 10) more acidic. When the pH of a solution

. changes slightly, the actual concentrations of H" and OH™ in

he solution change substantially.

uffers

he internal pH of most living cells is close to 7. Even a slight
hange in pH can be harmful because the chemical processes of
cell are very sensitive to the concentrations of hydrogen and
droxide ions. The pH of human blood is very close to 7.4,

ich is slightly basic. A person cannot survive for more than
.w minutes if the blood pH drops to 7 or rises to 7.8, and a
emical system exists in the blood that maintains a stable pH.
1.01 mol of a strong acid is added to a liter of pure water, the
rops from 7.0 to 2.0. If the same amount of acid is added
iter of blood, however, the pH decrease is only from 7.4 to
Why does the addition of acid have so much less of an ef-
on the pH of blood than it does on the pH of water?

e presence of substances called buffers allows biological
s to maintain a relatively constant pH desplte the addi-

of acids or bases. A buffer is a substance that minimizes
ges in the concentrations of H" and OH™ in a solution.
'so by accepting hydrogen ions from the solution when
e in excess and donating hydrogen ions to the solution
they have been depleted. Most buffer solutions contain a
d and its corresponding base, which combine revers-
th‘ hydrogen ions.

eral buffers contribute to pH stability in human blood

y other biological solutions. One of these is carbonic
CQy), which is formed when CO, reacts with water in
asma. As mentioned earlier, carbonic acid dissociates

1 bicarbonate ion (HCO; ") and a hydrogen ion (H™):

Response to
arise in pH

HCO,~ + H*
Response to H™ acceptor Hydrogen
adrop in pH (base) ion

ical equilibrium between carbonic acid and bicar-

§ as a pH regulator, the reaction shifting left or right
Ocesses in the solution add or remove hydrogen

' H™ concentration in blood begins to fall (that is, if
the reaction proceeds to the right and more carbonic
tes, replenishing hydrogen ions. But when the H*
tion in blood begins to rise (when pH drops), the

reaction proceeds to the left, with HCO,™ (the base) remov-
ing the hydrogen ions from the solution and forming H,CO,.
Thus, the carbonic acid—bicarbonate buffering system consists
of an acid and a base in equilibrium with each other. Most
other buffers are also acid-base pairs.

Acidification: A Threat to Our Oceans

Among the many threats to water quality posed by human
activities is the burning of fossil fuels, which releases CO, into
the atmosphere. The resulting increase in atmospheric CO,
levels has caused global warming (see Concept 43.4). In addi-
tion, about 25% of human-generated CO, is absorbed by the
oceans. In spite of the huge volume of water in the oceans,
scientists worry that the absorption of so much CO, will harm
marine ecosystems.

Recent data have shown that such fears are well founded.
When CO, dissolves in seawater, it reacts with water to form
carbonic acid, which lowers ocean pH. This process, known as
ocean acidification, alters the delicate balance of conditions
for life in the oceans (Figure 2.24). Based on measurements
of CO, levels in air bubbles trapped in ice over thousands of
years, scientists calculate that the pH of the oceans is 0.1 pH
unit lower now than at any time in the past 420,000 years. Re-
cent studies predict that it will drop another 0.3-0.5 pH unit
by the end of this century.

Some carbon dioxide
(CO3y) in the atmo-
sphere dissolves in
the ocean, where it
reacts with water to
form carbonic acid
(HyCO3).

Carbonic acid
dissociates into
hydrogen ions (H*)
and bicarbonate ions
(HCO3).

The added H*
combines with
carbonate ions
(CO3%), forming
more HCO3™.

Less CO3? is avail-
able for calcification
— the formation of
calcium carbonate
{CaCO3)— by marine
organisms such as
corals.

A Figure 2.24 Atmospheric CO, from human activities and
its fate in the ocean.

Would lowering the ocean’s carbonate concentration
have any effect, even indirectly, on organisms that don’t form CaCO,?
Explain.
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As seawater acidifies, the extra hydrogen ions com-
bine with carbonate ions (CO;*7) to form bicarbonate ions
(HCO; "), thereby reducing the carbonate ion concentration
(see Figure 2.24). Scientists predict that ocean acidification
will cause the carbonate ion concentration to decrease by 40%
by the year 2100. This is of great concern because carbonate
ions are required for calcification, the production of calcium
carbonate (CaCQO), by many marine organisms, including reef-
building corals and animals that build shells. The Scientific
Skills Exercise allows you to work with data from an experi-
ment examining the effect of carbonate ion concentration
on coral reefs. Coral reefs are sensitive ecosystems that act as
havens for a great diversity of marine life. The disappearance
of coral reef ecosystems would be a tragic loss of biological
diversity.

Interpreting a Scatter Plot with a Regression Line

How Does the Carbonate lon Concentration of Seawater
Affect the Calcification Rate of a Coral Reef? Scientists
predict that acidification of the ocean due to higher levels of at-
mospheric CO, will lower the concentration of dissolved carbon-
ate ions, which living corals use to build calcium carbonate reef
structures. In this exercise, you will analyze data from a controlled
experiment that examined the effect of carbonate ion concentra-
tion ({CO;%7]) on calcium carbonate deposition, a process called
calcification.

How the Experiment Was Done For several years, scientists
conducted research on ocean acidification using a large coral reef
aquarium at Biosphere 2 in Arizona. They measured the rate of cal-
cification by the reef organisms and examined how the calcification
rate changed with differing amounts of dissolved carbonate ions in
the seawater.

Data from the Experiment The black data points in the graph
form a scatter plot. The red line, known as a linear regression line,
is the best-fitting straight line for these points. These data are from
one set of experiments, in which the pH, temperature, and calcium
jon concentration of the seawater were held constant.

INTERPRET THE DATA

1. When presented with a graph of experimental data, the first
step in your analysis is to determine what each axis represents.
(a) in words, explain what is being shown on the x-axis. Be
sure to include the units. (b) What is being shown on the y-axis
(including units)? {¢) Which variable is the independent variable—
the variable that was manipulated by the researchers? (d) Which
variable is the dependent variable—the variable that responded
to or depended on the treatment, which was measured by the
researchers? (For additional information about graphs, see the
Scientific Skills Review in Appendix F and in the Study Area in
MasteringBiology.)

2. Based on the data shown in the graph, describe in words the rela-
tionship between carbonate ion concentration and calcification rate.

3. (a) If the seawater carbonate ion concentration is 270 pmol/kg,
what is the approximate rate of calcification, and approximately

CONCEPT CHECK 2.5

1.

2,

. The concentration of the appetite-

Describe how properties of water contribute to the upward
movement of water in a tree.

How can the freezing of water crack boulders?

Compared with a basic solution at pH 9, the same volume
of an acidic solution at pH 4 has times as many
hydrogen ions (H*).

What would be the effect on the properties

of the water molecule if oxygen and hydrogen had equal
electronegativity?

regulating hormone ghrelin is about 1.3 X 107'° Min the
blocd of a fasting person. How many molecules of ghrelin are
in 1 L of blood?

For suggested answers, see Appendix A.

Data from C. Langdon et al., Effect of calcium carbonate saturation state on
the calcification rate of an experimental coral reef, Global Biogeochemical Cycles
14:

A version of this Scientific Skills Exercise can be assigned

Calcification rate .

. (a) Referring to the reactions in Figure 2.24, determine which step

740 260

;o B ‘[beﬁ b(:pmbvié’éfﬂrs’ééw;ater)

639-654 (2000).

how many days would it take 1 square meter of reef to accumu-
late 30 mmol of calcium carbonate (CaCQ;)? (b) If the seawater
carbonate ion concentration is 250 pymol/kg, what is the ap-
proximate rate of calcification, and approximately how many days
would it take 1 square meter of reef to accumulate 30 mmol of
calcium carbonate? (c) if carbonate ion concentration decreases,
how does the calcification rate change, and how does that affect
the time it takes coral to grow?

of the process is measured in this experiment. (b) Are the results
of this experiment consistent with the hypothesis that increased
atmospheric [CO,] will stow the growth of coral reefs? Why or
why not?

in MasteringBiology.
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2 Chapter Review
SUMMARY OF KEY CONCEPTS
Matter consists of chemtcal elements in.

pure form and in combinations calle
compounds (pp 22—23) '

consist of two or more covalendy bonded atoms. The
an atom for the elec of a covalent bond is its
ativity. Electrons ofa polar cov: lent. bond are pulled
more electronegatwe atom, such as the oxygen in H,O.
ms when an atom or molecule ¢ gains or loses an elec-
es charged: An'ionic’bond is the attraction be-
ositely charged ions, such as Na* and CI™.
S reinforce the shapes of large molecules and help
dhere to each other. A hydrogen bond is an

@ How do the polar covalent bonds that form between oxygen and
B hydrogen atoms in a water molecule contribute to ali the different
emergent properties of water upon which living systems depend? (Big Idea 2)

water S propertxes
Hydrogen bonding v
water molecules close to
each other; giving water
cohesion. Hydrogen bond-
ing is also responsible for water s
surface tension. '
Water has a high specific. heat:
Heat is absorbed when hydrogen bonds * .
break and is released when hydrogen bonds forri, ThIS helps
keep temperatures relatlvely steady, within limits that permxt
life. Evaporative cooling is based on water’s high heat of -
vaporization. The evaporative. Ioss of the most energetlc water
molecules cools a surface..

Ice floats because it is less -
dense than liquid water. This
property allows life to exist . {3
under the frozen surfaces of =~ "~ {
lakes and seas.

Water is an unusually versa-
tile solvent because its polar genbonds i
molecules are attracted to TR
ions and polar substances -

that can form hydrogen bonds Hydrophlhc substances have an
affinity for water; hydrophoblc
the number of moles of solute per liter of solution; is used-as a
measure of solute concentratlon in soiutxons A'mole is a certain
number of molecules of a substance. The mass of a mole of a sub-
stance in grams is the same as the molecular mass in daltons.

fce: stable hydro- ~ Liquid water:

transient-hydrogen
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+ A water molecule can
transfer an H” to another
water molecule to form
H,O" (represented simply
by H") and OH™.

« The concentration of H" is
expressed as pH; pH =
~log [H*]. A buffer con-
sists of an acid-base pair
that combines reversibly
with hydrogen ions, allow-
ing it to resist pH changes.

+ The burning of fossil fuels
increases the amount of CO, in the atmosphere. Some CO, dis-

solves in the oceans, causing ocean acidification, which has po-
tentially grave consequences for coral reefs.

H Describe how the properties of water result from the molecule’s
polar covalent bonds and how these properties contribute to

Earth’s suitability for life. R
PRACTICE

TEST YOUR UNDERSTANDING ES
Level 1: Knowledge/('.qmprehension asils]

1. The reactivity of an atom arises from
(A) the average distance of the outermost electron oee ¥
shell frorrgl the nucleus. ' 900 glCRZVS
(B) the existence of unpaired electrons in the valence shel
(C) the sum of the potential energies of all the electron shells.
(D) the potential energy of the valence shell. -7+ o
9. Which of the following statements correctly describes any
chemical reaction that has reached-equilibrium? .- st A
(A) The concentrations of products:and reactants are equal:is"
(B) The redction is now irrevetsible. s - = e
(C) Both forward and reverse reactions have halted. -
(D) The rates of the forward:and reverse reactions are equal.

3. Many mammals control their body temperature by sweating.
Which property of water is most directly responsible for the
ability of sweat to lower body temperature?

(A) water’s change in density when it condenses

(B) water’s ability to dissolve molecules in the air ,

(C) the release of heat by the formation of hydrogen bonds ™

(D) the absorption of heat by the breaking of hydrogen
bonds o : L e

4. We can be sure that a mole of table sugar and a mole of vitamin
C are equal in their :
(A) mass.

(B) volume. )
5. Measurements show that the pH of a particular lake is 4.0:

What is the hydrogen ion concentration of the lake?
(A)40M (B) 107*M  (C)10°M (D) 107°M

Acids donate H* in
agueous sp‘utionsA

Neutral

Bases donate OH™
or accept H* in
aqueous solutions.

14

‘ (C) : numbe; of atoms..
(D) number of molecules.

Level 2: Application/Analysis ‘
6. The atomic number of sulfur is 16. Sulfur combines with hydro-
gen by covalent bonding to form a compouind, hydrogen sulfide.
Based on the number of valence electrons in‘a sulfur atom, pre-
dict the molecular formula of the compound. '
(A) HS (B) HS, (C) HyS (D) HsS;
7. What coefficients must be placed in the following blanks so that
all atoms are accounted for in the products?
CeHpOs = GHO +

(B) 31 € 13

_CO,
(D) 2;2

(A L2
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8. A slice of pizza has 500 keal. If we could burn the pizza'and se
all the heat to warm a 50-L container of cold water, what would
be the approximate increase in the temperature of the water?
(Note: ‘A liter of cold water weighs about 1kg) L
(A) 50°C (B) 5°C ) rc (D) 10°C
9. Draw the hydration shells that form around a potas-
si_un'i:«iénand a chloride ion when potassium chloride (KCJ) dis-
solvesin water. Label the positive, negative, andipartial charges:
on the atorns. St

0. TCEEIIESTE . What do climate change (see Concept 1.1)
and ocean acidification have in common? Explain. ' T

Level 3: Synthesis/Evaluation AP? |

11. SCIENTIFIC INQUIRY/Science Practices:
Female luna moths (Actias luna)
attract males by emitting chemical
signals that spread through the air.
A male hundreds of meters.away
can detect these molecules and fly
toward their source. The sensory
organs responsible for this be-
havior are the comblike antennae:

visible in the photograph shown

here. Each filament of an antenna

is equipped with thousands of .~
receptor cells that detect the sex
attractant. =

(a) Based on'whal
hypothe 2

detect a specific molec
- molecules in the ait. - i
~ (b) Déscribe predictions your hypothesis
- (). Design an experiment 0

12. CONNECT TO BIG IDEA'T .

The percentages of naturally occurring ;

human body are: simila_r'}to‘theipercentégés'6f~,thése‘éleniéhts~

found:in other 'organisfns;qu%fic'mild}"odiaccount‘fdrth" sirhi-
larity among organisms? Explain your thinking."

W SYNTHESIZE YOUR KNOWLEDGE K

and draws a column O
. _ ’ water ap i nouth
R ST REe e (s you can se€in'the
photo), which then shuts before gravity can pull the water b
dowi. Describe how the properties of water allowcat
in this fashion, including how water’s molecular struct
~tributes to the process. G e

For selected aniswers, see Appendix’A. =~ b



