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Chemistry
 


Asign in a university professor’s office asks, What in the world isn’t chemis­
try? Although meant to amuse, this question has a world of truth behind it. 
High school students come into contact with chemistry every day, often 

without realizing it. Discussions of daily interactions with chemistry often provide 
an entry into teaching the subject in high school. Although relating chemistry to 
daily life is helpful, this approach does not diminish the need for students to have a 
high level of readiness before entering the class. Of paramount importance is a firm 
grounding in algebra. 

Chemistry is a sequential, hierarchical science that is descriptive and theoretical. 
It requires knowing the macroscopic properties of matter and the microscopic prop­
erties of matter’s constituent particles. Although chemical demonstrations may en­
gage students, going beyond a superficial appreciation of chemistry is a critical step. 
Chemistry requires high-level problem-solving skills, such as designing experiments 
and solving word problems. For students to learn concepts of chemistry, they must 
learn new vocabulary, including the rules for naming simple compounds and ions. 

Students can discover chemistry’s tremendous power to explain the nature of 
matter and its transformations when they study the periodic table of the elements. 
Students who move beyond a trivial treatment of the discipline can explore the 
many useful, elegant, and even beautiful aspects of chemistry. Bringing students to 
this understanding is a great achievement. 

Starting with atomic and molecular structure in the study of 
high school chemistry is important because this topic is 
a foundation of the discipline. However, because structural 
concepts are highly theoretical and deal with the quantum 

realm, they can be hard to relate to real-world experience. Ideally, from grades three 
through eight, students have been gradually introduced 
to the atomic theory; and by the end of the eighth grade, they should have covered 
the major concepts in the structure of atoms and molecules. By the time students 
reach high school, they should be familiar with basic aspects of this theory. 

STANDARD SET 1. Atomic 
and Molecular Structure 

The study of structure can begin with the simplest element, hydrogen. Stu­
dents can progress from a simple model of the atom (see standards 1.a, 1.d, 1.e, 
1.h*, and 11.a in this section) to the historic Bohr model (see Standard 1.i* in this 
section) and, finally, to a quantum mechanical model (see standards 1.g* and 1.j* in 
this section), which is the picture of the atom that students should ultimately de­
velop. Students should learn that the quantum mechanical model takes into account 
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the particle and wave properties of the electron and uses mathematical equations to 
solve for electron energies and regions of electron density. 

Students should understand that the energy carried by electrons either within 
an atom or as electricity can be transformed into light energy. Those who have 
completed high school physics will be familiar with the properties of electromag­
netic waves. In chemistry students learn to apply the equations E = hv and c = λv. 
Students without significant training in physics will need to understand electro­
magnetic radiation as energy, frequency, and wavelength. The necessary math­
ematical background for the study of chemistry includes algebraic isolation of 
variables, use of conversion factors, and manipulation of exponents, all of which 
are covered in the mathematics standards for the middle grades. 

1. The periodic table displays the elements in increasing atomic num­
ber and shows how periodicity of the physical and chemical proper­
ties of the elements relates to atomic structure. As a basis for 
understanding this concept: 

a.	 Students know how to relate the position of an element in the periodic 
table to its atomic number and atomic mass. 

An atom consists of a nucleus made of protons and neutrons that is orbited by 
electrons. The number of protons, not electrons or neutrons, determines the 
unique properties of an element. This number of protons is called the element’s 
atomic number. Elements are arranged on the periodic table in order of increasing 
atomic number. Historically, elements were ordered by atomic mass, but now sci­
entists know that this order would lead to misplaced elements (e.g., tellurium and 
iodine) because differences in the number of neutrons for isotopes of the same ele­
ment affect the atomic mass but do not change the identity of the element. 

1. b.	 Students know how to use the periodic table to identify metals, 
semimetals, nonmetals, and halogens. 

Most periodic tables have a heavy stepped line running from boron to astatine. 
Elements to the immediate right and left of this line, excluding the metal alumi­
num, are semimetals and have properties that are intermediate between metals and 
nonmetals. Elements further to the left are metals. Those further to the right are 
nonmetals. Halogens, which are a well-known family of nonmetals, are found in 
Group 17 (formerly referred to as Group VIIA). A group, also sometimes called a 
“family,” is found in a vertical column in the periodic table. 

1. c.	 	Students know how to use the periodic table to identify alkali metals, 
alkaline earth metals and transition metals, trends in ionization 
energy, electronegativity, and the relative sizes of ions and atoms. 

A few other groups are given family names. These include the alkali metals 
(Group 1), such as sodium and potassium, which are soft and white and extremely 
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reactive chemically. Alkaline earth metals (Group 2), such as magnesium and cal­
cium, are found in the second column of the periodic table. The transition metals 
(Groups 3 through 12) are represented by some of the most common metals, such 
as iron, copper, gold, mercury, silver, and zinc. All these elements have electrons in 
their outer d orbitals. 

Electronegativity is a measure of the ability of an atom of an element to attract 
electrons toward itself in a chemical bond. The values of electronegativity calculated 
for various elements range from one or less for the alkali metals to three and one-
half for oxygen to about four for fluorine. Ionization energy is the energy it takes to 
remove an electron from an atom. An element often has multiple ionization ener­
gies, which correspond to the energy needed to remove first, second, third, and so 
forth electrons from the atom. Generally in the periodic table, ionization energy and 
electronegativity increase from left to right because of increasing numbers of pro­
tons and decrease from top to bottom owing to an increasing distance between elec­
trons and the nucleus. Atomic and ionic sizes generally decrease from left to right 
and increase from top to bottom for the same reasons. Exceptions to these general 
trends in properties occur because of filled and half-filled subshells of electrons. 

1. d.	 Students know how to use the periodic table to determine the number 
of electrons available for bonding. 

Only electrons in the outermost energy levels of the atom are available for bond­
ing; this outermost bundle of energy levels is often referred to as the valence shell or 
valence shell of orbitals. All the elements in a group have the same number of elec­
trons in their outermost energy level. Therefore, alkali metals (Group 1) have one 
electron available for bonding, alkaline earth metals (Group 2) have two, and ele­
ments in Group 13 (once called Group III) have three. Unfilled energy levels are 
also available for bonding. For example, Group 16, the chalcogens, has room for 
two more electrons; and Group 17, the halogens, has room for one more electron 
to fill its outermost energy level. 

To find the number of electrons available for bonding or the number of un­
filled electron positions for a given element, students can examine the combining 
ratios of the element’s compounds. For instance, one atom of an element from 
Group 2 will most often combine with two atoms of an element from Group 17 
(e.g., MgCl2) because Group 2 elements have two electrons available for bonding, 
and Group 17 elements have only one electron position open in the outermost en­
ergy level. (Note that some periodic tables indicate an element’s electron configura­
tion or preferred oxidation states. This information is useful in determining how 
many electrons are involved in bonding.) 

1. e.	 Students know the nucleus of the atom is much smaller than the atom 
yet contains most of its mass. 

The volume of the hydrogen nucleus is about one trillion times less than the 
volume of the hydrogen atom, yet the nucleus contains almost all the mass in the 
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form of one proton. The diameter of an atom of any one of the elements is about 
10,000 to 100,000 times greater than the diameter of the nucleus. The mass of the 
atom is densely packed in the nucleus. 

The electrons occupy a large region of space centered around a tiny nucleus, 
and so it is this region that defines the volume of the atom. If the nucleus (proton) 
of a hydrogen atom were as large as the width of a human thumb, the electron 
would be on the average about one kilometer away in a great expanse of empty 
space. The electron is almost 2,000 times lighter than the proton; therefore, the 
large region of space occupied by the electron contains less than 0.1 percent of the 
mass of the atom. 

1. f.*	 Students know how to use the periodic table to identify the 
lanthanide, actinide, and transactinide elements and know that the 
transuranium elements were synthesized and identified in laboratory 
experiments through the use of nuclear accelerators. 

The lanthanide series, or rare earths, and the actinide series, all of which are 
radioactive, are separated for reasons of practical display from the main body of the 
periodic table. If these two series were inserted into the main body, the table would 
be wider by 14 elements and less manageable for viewing. Within each of these 
series, properties are similar because the configurations of outer electrons are simi­
lar. As a general rule elements in both series appear to have three electrons available 
for bonding. They combine with halogens to form compounds with the general 
formula MX3, such as LaFz3. The transactinide elements begin with rutherfor­
dium, element 104. 

All the elements with atomic numbers greater than 92 were first synthesized 
and identified in experiments. These experiments required the invention and use 
of accelerators, which are electromagnetic devices designed to create new elements 
by accelerating and colliding the positively charged nuclei of atoms. Ernest O. 
Lawrence, at the University of California, Berkeley, invented one of the most 
useful nuclear accelerators, the cyclotron. Many transuranium elements, such as 
97-berkelium, 98-californium, 103-lawrencium, and 106-seaborgium, were first 
created and identified at the adjacent Lawrence Berkeley National Laboratory. To­
day a few transuranium elements are produced in nuclear reactors. For example, 
hundreds of metric tons of plutonium have been produced in commercial nuclear 
reactors. 

1. g.* Students know how to relate the position of an element in the 
periodic table to its quantum electron configuration and to its 
reactivity with other elements in the table. 

Each element has a unique electron configuration (also known as quantum 
electron configuration) that determines the properties of the element. Quantum 
mechanical calculations predict these electron energy states, which provide the 
theoretical justification for the organization of the periodic table, previously orga­
nized on the basis of chemical properties. 
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Students can learn the principal quantum numbers—which are 1, 2, 3, 4, 5, 6, 
and 7—and the corresponding periods, or horizontal rows, on the periodic table. 
They can learn the angular momentum quantum numbers that give rise to s, p, d, 
and f subshells of orbitals and the rules for the sequence of orbital filling. The elec­
trons in the highest energy orbitals with the same principal quantum number are 
the valence electrons. For example, for all elements in Group 1, the valence electron 
configuration is ns1, where n is the principal quantum number. Analogously, all 
elements in Group 16 have valence electron configurations of ns2np4. Particular 
configurations of valence electrons are associated with regular patterns in chemical 
reactivity. Generally, those elements with one electron in excess or one electron 
short of a full octet in the highest occupied energy level, the alkali metals and halo­
gens, respectively, are the most reactive. 

1. h.* Students know the experimental basis for Thomson’s discovery of the 
electron, Rutherford’s nuclear atom, Millikan’s oil drop experiment, 
and Einstein’s explanation of the photoelectric effect. 

In 1887 J. J. Thomson performed experiments from which he concluded that 
cathode rays are streams of negative, identical particles, which he named electrons. 
In 1913 E. R. Rutherford headed a group that shot a beam of helium nuclei, or 
alpha particles, through a very thin piece of gold foil; the unexpectedly large deflec­
tions of some helium nuclei led to the hypothesis that the charged mass of each 
gold atom is concentrated in a small central nucleus. Robert Millikan confirmed 
Thomson’s conclusion that electrons are identical particles when he balanced tiny, 
electrically charged oil droplets between electric and gravitational fields and so dis­
covered that the droplets always contained charge equal to an integral multiple of a 
single unit. 

Albert Einstein found he could explain the photoelectric effect, in which light 
ejects electrons from metal surfaces, by proposing that light consists of discrete 
bundles of energy, or photons, each photon with an energy directly proportional to 
the frequency of the light, and by proposing that each photon could eject one and 
only one electron. Photons with sufficient energy will eject an electron whose ki­
netic energy is equal to the photon energy minus the energy required to free the 
electron from the metal. If the frequency of the light and therefore the energy of 
each proton is too low to free an electron, then merely increasing the light’s inten­
sity (that is, merely producing more photons) does not cause electrons to eject. 

1. i.*	 Students know the experimental basis for the development of the 
quantum theory of atomic structure and the historical importance 
of the Bohr model of the atom. 

Niels Bohr combined the concepts of Rutherford’s nuclear atom and Einstein’s 
photons with several other ideas to develop a model that successfully explains the 
observed spectrum, or wavelengths, of electromagnetic radiation that is emitted 
when a hydrogen atom falls from a high energy state to a low energy state. In classi­
cal physics all accelerating charges emit energy. If electrons in an atom behaved in 
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this way, light of ever-decreasing frequencies would be emitted from atoms. Bohr 
explained why this phenomenon does not occur when he suggested that electrons in 
atoms gain or lose energy only by making transitions from discrete energy levels. 
This idea was a key to the development of nonclassical descriptions of atoms. Louis 
de Broglie advanced the understanding of the nature of matter by proposing that 
particles have wave properties. On the basis of these ideas, Erwin Schrödinger and 
others developed quantum mechanics, a theory that describes and predicts atomic 
and nuclear phenomena. 

1. j.*	 Students know that spectral lines are the result of transitions of elec­
trons between energy levels and that these lines correspond to pho­
tons with a frequency related to the energy spacing between levels by 
using Planck’s relationship (E = hv). 

The Bohr model gives a simple explanation of the spectrum of the hydrogen 
atom. An electron that loses energy in going from a higher energy level to a lower 
one emits a photon of light, with energy equal to the difference between the two 
energy levels. Transitions of electrons from higher energy states to lower energy 
states yield emission, or bright-line, spectra. Absorption spectra occur when electrons 
jump to higher energy levels as a result of absorbing photons of light. When atoms 
or molecules absorb or emit light, the absolute value of the energy change is equal 
to hc/λ, where h is a number called Planck’s constant, c is the speed of light, and λ is 
the wavelength of light emitted, yielding Planck’s relationship E = hv. 

The transition from the Bohr model to the quantum mechanical model of the 
atom requires students to be aware of the probabilistic nature of the distribution of 
electrons around the atom. A “dart board” made of concentric rings can serve as a 
two-dimensional model of the three-dimensional atom. A graph as a function of 
radius of the number of random hits by a dart can be compared with a similar graph 
as a function of radius of the probability density of the electron in a hydrogen atom. 

Standard Set 2 deals with two distinct topics: chemical 
bonds and intermolecular attractive forces, such as hydrogen 
bonds. A logical place to begin the study of this standard is 
with a discussion of the chemical bond. A key point to em­
phasize is that when atoms of two different elements join to 

form a covalent bond, energy is almost always released. Conversely, breaking bonds 
always requires the addition of energy. Students should understand that the sum of 
these two processes determines the net energy released or absorbed in a chemical 
reaction. 

STANDARD SET 2. Chemical Bonds 

This standard set requires a basic knowledge of electrostatics and electronegativ­
ity and a thorough knowledge of the periodic table. After studying standards for 
chemistry for the elementary grades, students should know that matter is made of 
atoms and that atoms combine to form molecules. Students can also be expected to 
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know that atoms consist of protons, neutrons, and electrons. Although knowledge 
of complex mathematics is not required for this standard, some background in 
three-dimensional geometry will be helpful. 

2. Biological, chemical, and physical properties of matter result from 
the ability of atoms to form bonds from electrostatic forces be­
tween electrons and protons and between atoms and molecules. 
As a basis for understanding this concept: 

a. Students know atoms combine to form molecules by sharing electrons 
to form covalent or metallic bonds or by exchanging electrons to form 
ionic bonds. 

In the localized electron model, a covalent bond appears as a shared pair of elec­
trons contained in a region of overlap between two atomic orbitals. Atoms (usually 
nonmetals) of similar electronegativities can form covalent bonds to become mol­
ecules. In a covalent bond, therefore, bonding electron pairs are localized in the 
region between the bonded atoms. In metals valence electrons are not localized to 
individual atoms but are free to move to temporarily occupy vacant orbitals on 
adjacent metal atoms. For this reason metals conduct electricity well. 

When an electron from an atom with low electronegativity (e.g., a metal) is 
removed by another atom with high electronegativity (e.g., a nonmetal), the two 
atoms become oppositely charged ions that attract each other, resulting in an ionic 
bond. Chemical bonds between atoms can be almost entirely covalent, almost en­
tirely ionic, or in between these two extremes. The triple bond in nitrogen mol­
ecules (N2) is nearly 100 percent covalent. A salt such as sodium chloride (NaCl) 
has bonds that are nearly completely ionic. However, the electrons in gaseous hy­
drogen chloride are shared somewhat unevenly between the two atoms. This kind 
of bond is called polar covalent. 

(Note that elements in groups 1, 2, 16, and 17 in the periodic table usually 
gain or lose electrons through the formation of either ionic or covalent bonds, re­
sulting in eight outer shell electrons. This behavior is sometimes described as “the 
octet rule.”) 

2. b.	 Students know chemical bonds between atoms in molecules such as 
H2, CH4, NH3, H2CCH2, N2, Cl2, and many large biological molecules 
are covalent. 

Organic and biological molecules consist primarily of carbon, oxygen, hydro­
gen, and nitrogen. These elements share valence electrons to form bonds so that the 
outer electron energy levels of each atom are filled and have electron configurations 
like those of the nearest noble gas element. (Noble gases, or inert gases, are in the 
last column on the right of the periodic table.) For example, nitrogen has one lone 
pair and three unpaired electrons and therefore can form covalent bonds with three 
hydrogen atoms to make four electron pairs around the nitrogen. Carbon has four 
unpaired electrons and combines with hydrogen, nitrogen, and oxygen to form 
covalent bonds sharing electron pairs. 
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The great variety of combinations of carbon, nitrogen, oxygen, and hydrogen 
make it possible, through covalent bond formation, to have many compounds from 
just these few elements. Teachers can use ball and stick or gumdrop and toothpick 
models to explore possible bonding combinations. 

2. c.	 	Students know salt crystals, such as NaCl, are repeating patterns of 
positive and negative ions held together by electrostatic attraction. 

The energy that holds ionic compounds together, called lattice energy, is caused 
by the electrostatic attraction of cations, which are positive ions, with anions, which 
are negative ions. To minimize their energy state, the ions form repeating patterns 
that reduce the distance between positive and negative ions and maximize the dis­
tance between ions of like charges. 

2. d.	 Students know the atoms and molecules in liquids move in a random 
pattern relative to one another because the intermolecular forces are 
too weak to hold the atoms or molecules in a solid form. 

In any substance at any temperature, the forces holding the material together 
are opposed by the internal energy of particle motion, which tends to break the 
substance apart. In a solid, internal agitation is insufficient to overcome intermo­
lecular or interatomic forces. When enough energy is added to the solid, the kinetic 
energy of the atoms and molecules increases sufficiently to overcome the attractive 
forces between the particles, and they break free of their fixed lattice positions. This 
change, called melting, forms a liquid, which is disordered and nonrigid. The par­
ticles in the liquid are free to move about randomly although they remain in 
contact with each other. 

2. e.	 	Students know how to draw Lewis dot structures. 

A Lewis dot structure shows how valence electrons and covalent bonds are ar­
ranged between atoms in a molecule. Teachers should follow the rules for drawing 
Lewis dot diagrams provided in a chemistry textbook. Students should be able to 
use the periodic table to determine the number of valence electrons for each element 
in Groups 1 through 3 and 13 through 18. Carbon, for example, would have four 
valence electrons. Lewis dot diagrams represent each electron as a dot or an x placed 
around the symbol for carbon, which is C. A covalent bond is shown as a pair of 
dots, or x’s, representing a pair of electrons. For example, a Lewis dot diagram for 
methane, which is CH4, would appear as shown in Figure 3. 

H . .  
H : C : H . .  

H 

Fig. 3. Lewis Dot Diagram 
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Lewis dot diagrams provide a method for predicting correct combining ratios 
between atoms and for determining aspects of chemical bonds, such as whether 
they are covalent or consist of single, double, or triple bonds. 

2. f.*	 Students know how to predict the shape of simple molecules and their 
polarity from Lewis dot structures. 

Using information obtained from Lewis dot structures of covalently bonded 
molecules, students can predict the overall geometry of those molecules. This 
model assumes that valence electron pairs repel each other and that atoms co­
valently bonded around a central atom position themselves as far apart as possible 
while maintaining the covalent bond. The model also assumes that double or triple 
bonds define a single electronic region. 

To predict shapes, students start with a correct Lewis dot structure. From the 
number of electron pairs or regions, both bonded and nonbonded, students can 
determine the molecular geometry of the molecule because Lewis dot structures, 
although drawn in two dimensions, represent the three-dimensional symmetry of 
the molecule. A symmetrical distribution of the electron clouds around a central 
atom leads to a nonpolar molecule in which charge is evenly distributed. Students 
should be able to predict that a molecule such as methane, with one carbon and 
four hydrogen atoms, forms a tetrahedral shape and because of its symmetry is a 
nonpolar molecule. 

2. g.* Students know how electronegativity and ionization energy relate 
to bond formation. 

During bond formation atoms with large electronegativity values, such as fluo­
rine and oxygen, attract electrons away from lower electronegativity atoms, such as 
the alkali metals. The difference in electronegativity between the two bonding at­
oms gives information on how evenly an electron pair is shared. A large difference 
in electronegativity leads to an ionic bond, with essentially no sharing of electrons. 
This phenomenon usually occurs between metal and nonmetal atoms. A small dif­
ference in electronegativity leads to a covalent bond with more equal sharing of 
electrons. This result typically occurs between two nonmetal atoms. Electronegativ­
ity is related to ionization energy, the energy needed to remove an electron from an 
isolated gaseous atom, leaving a positively charged ion. High ionization energies 
usually correlate with large electronegativities. 

2. h.* Students know how to identify solids and liquids held together by van 
der Waals forces or hydrogen bonding and relate these forces to 
volatility and boiling/melting point temperatures. 

Liquids and solids that are held together not by covalent or ionic bonds but 
only by weaker intermolecular forces tend to have low to moderate melting and 
boiling points and to be from somewhat to very volatile. The volatility of a sub­
stance means how readily it evaporates at ordinary temperatures and pressures. 
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Two kinds of intermolecular forces are hydrogen bonding and van der Waals 
attractions (often referred to as London dispersion forces). Hydrogen bonding is 
essential to life and gives water many of its unusual properties. A hydrogen bond 
occurs when a hydrogen atom on one molecule, bonded directly to a highly elec­
tronegative atom (fluorine, oxygen, or nitrogen), is weakly attracted to the elec­
tronegative atom on a neighboring molecule. In the important case of water, this 
attraction exists between the hydrogen on one water molecule and the oxygen on a 
neighboring water molecule. This attraction happens because of water’s polar na­
ture and bent shape. 

Van der Waals forces exist between all molecules, polar or nonpolar. Even when 
the molecule is nonpolar, the electrons move around and may sometimes find 
themselves temporarily closer to one nucleus than to the other. The atom with the 
greater share of the electron density becomes, for an instant, slightly negatively 
charged, and the other atom becomes a little bit positive. If the same thing happens 
in a nearby molecule, the positive and negative centers on the two molecules tem­
porarily attract each other. Bigger molecules have more electrons, and their van der 
Waals forces are greater. This phenomenon leads to molecules with lower volatility 
and higher melting and boiling temperatures. 

Standard Set 3 demands more facility with mathematics 
than do the previous two chemistry standard sets. For this 
reason students need prerequisite mathematical skills in two 
broad categories. First, they must be able to manipulate 

very large and very small numbers by using exponents as expressed in scientific no­
tation, and they should learn the rules of significant digits when reporting measure­
ments and the results of calculations. Second, students must be able to manipulate 
simple equations in symbolic form, such as the isolation of variables, and to write 
equations numerically with correct units. Handling units successfully is necessary 
for problems involving mole-to-mass and mass-to-mole conversions. The ability to 
make other types of unit conversion and to square and cube linear measurements 
will also be required. An understanding of ratios will help students to see the logic 
behind problems related to Standard Set 3. 

STANDARD SET 3. Conservation 
of Matter and Stoichiometry 

Simple metric conversions are relatively easy to grasp, and they contain the ba­
sic elements of stoichiometric calculations. For example, to convert 510 nanometers 
to meters, students write the unknown unit, which in this case is meters; set it equal 
to the given unit, which in this case is nanometers; and then multiply by the correct 
conversion factor, making sure that the desired unit is in the numerator and the 
unit to be cancelled is in the denominator. The following equation demonstrates 
this procedure: 

510 nm = 510 nm × (10−9 m/1 nm) = 510 × 10−9 m = 5.1 × 10−7 m 
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This technique converts any units however complicated. For example, centime­
ters can be converted to nanometers by multiplying by two factors: one that con­
verts from centimeters to meters and another that converts from meters to nano­
meters. Converting to an area requires the square of a conversion factor; converting 
to a volume requires the cube. Once students have tackled simple problems, they 
can move on to more complex stoichiometric relations. They will also need to learn 
to balance equations easily. 

3. The conservation of atoms in chemical reactions leads to the prin­
ciple of conservation of matter and the ability to calculate the mass 
of products and reactants. As a basis for understanding this concept: 

a. 	Students know how to describe chemical reactions by writing balanced 
equations. 

Reactions are described by balanced equations because all the atoms of the reac­
tants must be accounted for in the reaction products. An equation with all correct 
chemical formulas can be balanced by a number of methods, the simplest being by 
inspection. Given an unbalanced equation, students can do an inventory to deter­
mine how many of each atom are on each side of the equation. If the result is not 
equal for all atoms, coefficients (not subscripts) are changed until balance is 
achieved. Sometimes, reactions refer to substances with written names rather than 
to chemical symbols. Students should learn the rules of chemical nomenclature. 
This knowledge can be acquired in stages as new categories of functional groups are 
introduced. 

3. b.	 Students know the quantity one mole is set by defining one mole of 
carbon-12 atoms to have a mass of exactly 12 grams. 

The mole concept is often difficult for students to understand at first, but they 
can be taught that the concept is convenient in chemistry just as a dozen is a conve­
nient concept, or measurement unit, in the grocery store. The mole is a number. 
Specifically, a mole is defined as the number of atoms in 12 grams of carbon-12. 
When atomic masses were assigned to elements, the mass of 12 grams of carbon-12 
was selected as a standard reference to which the masses of all other elements are 
compared. The number of atoms in 12 grams of carbon-12 is defined as one mole, 
or conversely, if one mole of 12C atoms were weighed, it would weigh exactly 12 
grams. (Note that carbon, as found in nature, is a mixture of isotopes, including 
atoms of carbon-12, carbon-13, and trace amounts of carbon-14.) The definition 
of the mole refers to pure carbon-12. 

The atomic mass of an element is the weighted average of the mass of one mole 
of its atoms based on the abundance of all its naturally occurring isotopes. The 
atomic mass of carbon is 12.011 grams. If naturally occurring carbon is combined 
with oxygen to form carbon dioxide, the mass of one mole of naturally occurring 
oxygen can be determined from the combining mass ratios of the two elements. 
For example, the weight, or atomic mass, of one mole of oxygen containing mostly 
oxygen-16 and a small amount of oxygen-18 is 15.999 grams. 
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3. c.	 	Students know one mole equals 6.02 × 1023 particles (atoms or 
molecules). 

A mole is a very large number. Standard 3.b describes the mole as the number 
of atoms in 12 grams of 12C. The number of atoms in a mole has been found ex­
perimentally to be about 6.02 × 1023. This number, called Avogadro’s number, is 
known to a high degree of accuracy. 

3. d.	 Students know how to determine the molar mass of a molecule from 
its chemical formula and a table of atomic masses and how to con­
vert the mass of a molecular substance to moles, number of par­
ticles, or volume of gas at standard temperature and pressure. 

The molar mass of a compound, which is also called either the molecular mass 
or molecular weight, is the sum of the atomic masses of the constituent atoms of 
each element in the molecule. Molar mass is expressed in units of grams per mole. 
The periodic table is a useful reference for finding the atomic masses of each ele­
ment. For example, one mole of carbon dioxide molecules contains one mole of 
carbon atoms weighing 12.011 grams and two moles of oxygen atoms weighing 
2 × 15.999 grams for a total molecular mass of 44.009 grams per mole of carbon 
dioxide molecules. 

The mass of a sample of a compound can be converted to moles by dividing its 
mass by the molar mass of the compound. This process is similar to the unit con­
version discussed in the introduction to Standard Set 3. The number of particles in 
the sample is determined by multiplying the number of moles by Avogadro’s num­
ber. The volume of an ideal or a nearly ideal gas at a fixed temperature and pressure 
is proportional to the number of moles. Students should be able to calculate the 
number of moles of a gas from its volume by using the relationship that at standard 
temperature and pressure (0°C and 1 atmosphere), one mole of gas occupies a vol­
ume of 22.4 liters. 

3. e. Students know how to calculate the masses of reactants and products 
in a chemical reaction from the mass of one of the reactants or 
products and the relevant atomic masses. 

Atoms are neither created nor destroyed in a chemical reaction. When the 
chemical reaction is written as a balanced expression, it is possible to calculate the 
mass of any one of the products or of any one of the reactants if the mass of just 
one reactant or product is known. 

Students can be taught how to use balanced chemical equations to predict the 
mass of any product or reactant. Teachers should emphasize that the coefficients 
in the balanced chemical equation are mole quantities, not masses. Here is an ex­
ample: How many grams of water will be obtained by combining 5.0 grams of 
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hydrogen gas with an excess of oxygen gas, according to the following balanced 
equation? 

2H2 + O2 → 2H2O 

This calculation is often set up algebraically, for example, as 

and can be easily completed by direct calculation and unit cancellation (dimen­
sional analysis). Students should learn to recognize that the coefficients in the bal­
anced equations refer to moles rather than to mass. 

3. f.* Students know how to calculate percent yield in a chemical reaction. 

Students can use a balanced equation for a chemical reaction to calculate from 
the given masses of reactants the masses of the resulting products. The masses so 
calculated represent the theoretical 100 percent conversion of reactants to products. 
When one or more of the products are weighed, the masses are often less than the 
theoretical 100 percent yield. One explanation is that the reaction may not go to 
completion and therefore will not convert all the reactants to products. A second 
possible explanation is that product material is lost in the separation and purifica­
tion process. A third reason is that alternative reactions are taking place, leading to 
products different from those predicted. Percent yield is a standard way to compare 
actual and theoretical yields. It is defined as 

3. g.* Students know how to identify reactions that involve oxidation and 
reduction and how to balance oxidation-reduction reactions. 

Oxidation of an element is defined as an increase in oxidation number, or a loss 
of electrons. Reduction of an element is defined as a decrease in oxidation number, or 
a gain in electrons. The assignment of oxidation numbers, or oxidation states, is a 
bookkeeping device. This process may be defined as the charge assigned to an atom, 
as though all the electrons in each bond were located on the more electronegative 
atom in the bond. Students should be taught how to assign oxidation numbers to 
atoms in free elements and in compounds. Lists of rules for this procedure are com­
monly found in chemistry textbooks. 

In many important chemical reactions, elements change their oxidation states. 
These changes are called redox, or oxidation-reduction reactions. Respiration and 
photosynthesis are common examples with which students are familiar. 

Any chemical reaction in which electrons are transferred from one substance to 
another is an oxidation-reduction reaction. Transfer can be determined by check­
ing the oxidation states of atoms in reactants and products. A single displacement 
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reaction, such as zinc metal in a copper sulfate solution, is a typical redox reaction 
because the zinc atoms lose two electrons and the copper ions gain two electrons. 
Redox reactions may be balanced by ensuring that the number of electrons lost in 
one part of the reaction equals the number of electrons gained in another part of 
the reaction. This principle and the conservation of atoms will hold true in any 
balanced oxidation/reduction reaction. 

Students should be taught how to use the half-reaction method for balancing 
redox equations. This method divides the reaction into an oxidation portion and a 
reduction portion, both of which are balanced separately and then combined into 
an overall equation with no net change in number of electrons. 

Standard Set 4 requires a knowledge of applicable physical 
concepts and sufficient skills in mathematical problem solv­
ing to describe (1) gases at the molecular level; (2) the be­
havior of gases; and (3) the measurable properties of gases. 

As background, students should know the physical states of matter and their prop­
erties and know how mixtures, especially homogeneous mixtures, differ from pure 
substances. Students should know that temperature measures how hot a system is, 
regardless of the system’s size, and that heat flows from a region of higher tempera­
ture to one of lower temperature. Familiarity with the Celsius and Kelvin tempera­
ture scales is necessary. Knowledge of the motion of particles (and objects) and of 
kinetic energy is also required. Students should have the mathematical background 
to recognize and use directly and inversely proportional relationships. The ability to 
solve algebraic equations with several given quantities and one unknown is essential. 

STANDARD SET 4. Gases and 
Their Properties 

The main assumptions of the kinetic molecular theory should be covered in 
presenting this material, and a connection should be made to the behavior of ideal 
gases. Students are often more comfortable with studying the volume and tempera­
ture of a gas, but the concept of pressure also needs to be dealt with thoroughly. 
With knowledge of the kinetic molecular theory, students should see how motions 
and collisions of particles produce measurable properties, such as pressure. 

4. The kinetic molecular theory describes the motion of atoms and 
molecules and explains the properties of gases. As a basis for 
understanding this concept: 

a. Students know the random motion of molecules and their collisions with 
a surface create the observable pressure on that surface. 

Fluids consist of molecules that freely move past each other in random direc­
tions. Intermolecular forces hold the atoms or molecules in liquids close to each 
other. Gases consist of tiny particles, either atoms or molecules, spaced far apart 
from each other and reasonably free to move at high speeds, near the speed of 
sound. In the study of chemistry, gases and liquids are considered fluids. 
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Pressure is defined as force per unit area. The force in fluids comes from colli­
sions of atoms or molecules with the walls of the container. Air pressure is created 
by the weight of the gas in the atmosphere striking surfaces. Gravity pulls air mol­
ecules toward Earth, the surface that they strike. Water pressure can be understood 
in the same fashion, but the pressures are much greater because of the greater den­
sity of water. Pressure in water increases with depth, and pressure in air decreases 
with altitude. However, pressure is felt equally in all directions in fluids because of 
the random motion of the molecules. 

4. b.	 Students know the random motion of molecules explains the diffusion 
of gases. 

Another result of the kinetic molecular theory is that gases diffuse into each 
other to form homogeneous mixtures. An excellent demonstration of diffusion is 
the white ammonium chloride ring formed by simultaneous diffusion of ammonia 
vapor and hydrogen chloride gas toward the middle of a glass tube. The white ring 
forms nearer the region where hydrogen chloride was introduced, illustrating both 
diffusion and the principle that heavier gases have a slower rate of diffusion. 

4. c.	 	Students know how to apply the gas laws to relations between the 
pressure, temperature, and volume of any amount of an ideal gas or 
any mixture of ideal gases. 

A fixed number of moles n of gas can have different values for pressure P, vol­
ume V, and temperature T. Relationships among these properties are defined for 
an ideal gas and can be used to predict the effects of changing one or more of these 
properties and solving for unknown quantities. Students should know and be able 
to use the three gas law relationships summarized in Table 1, “Gas Law Relation­
ships.” 

Table 1
 

Gas Law Relationships
 


Expression of 
gas laws 

Fixed 
values 

Variable 
relationships 

Form for 
calculations 

PV = constant n, T Inverse P1V1 = P2V2 

V/T = constant n, P Direct V1/T1 = V2/T2 

P/T = constant n, V Direct P1/T1 = P2/T2 

The first expression of the gas law shown in Table 1 is sometimes taught as 
Boyle’s law and the second as Charles’s law, according to the historical order of 
their discovery. They are both simpler cases of the more general ideal gas law intro­
duced in Standard 4.h in this section. For a fixed number of moles of gas, a com­
bined gas law has the form PV/T = constant, or P1V1 = P2V2/T2. This law is/T1 

useful in calculations where P, V, and T are changing. By placing a balloon over the 
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mouth of an Erlenmeyer flask, the teacher can demonstrate that volume divided by 
temperature equals a constant. When the flask is heated, the balloon inflates; when 
the flask is cooled, the balloon deflates. 

4. d.	 Students know the values and meanings of standard temperature 
and pressure (STP). 

Standard temperature is 0°C, and standard pressure (STP) is 1 atmosphere (760 
mm Hg). These standards are an agreed-on set of conditions for gases against which 
to consider other temperatures and pressures. When volumes of gases are being com­
pared, the temperature and pressure must be specified. For a fixed mass of gas at a 
specified temperature and pressure, the volume is also fixed. 

4. e.	 Students know how to convert between the Celsius and Kelvin 
temperature scales. 

Some chemical calculations require an absolute temperature scale, called the 
Kelvin scale (K), for which the coldest possible temperature is equal to zero. There 
are no negative temperatures on the Kelvin scale. In theory if a sample of any mate­
rial is cooled as much as possible, the lowest temperature that can be reached is 0 K, 
experimentally determined as equivalent to −273.15°C. The Kelvin scale starts with 
absolute zero (0 K) because of this theoretical lowest temperature limit. A Kelvin 
temperature is always 273.15 degrees greater than an equivalent Celsius temperature, 
but a Kelvin temperature is specified without the degree symbol. The magnitude of 
one unit of change in the K scale is equal to the magnitude of one unit of change on 
the °C scale. 

4. f.	 Students know there is no temperature lower than 0 Kelvin. 

The kinetic molecular theory is the basis for understanding heat and tempera­
ture. The greater the atomic and molecular motion, the greater the observed tem­
perature of a substance. If all atomic and molecular motion stopped, the temperature 
of the material would reach an absolute minimum. This minimum is absolute zero, 
or −273.15°C. The third law of thermodynamics states that this temperature can 
never be reached. Experimental efforts to create very low temperatures have resulted 
in lowering the temperature of objects to within a fraction of a degree of absolute 
zero. 

4. g.* Students know the kinetic theory of gases relates the absolute 
temperature of a gas to the average kinetic energy of its molecules 
or atoms. 

The value of the average kinetic energy for an ideal gas is directly proportional 
to its Kelvin temperature. Average kinetic energy can be related to changes in pres­
sure and volume as a function of temperature. At 0 K all motion in an ideal mon­
atomic gas ceases, meaning that the average kinetic energy equals zero. 
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4. h.* Students know how to solve problems by using the ideal gas law in the 
form PV = nRT. 

The relationships among pressure, volume, and temperature for a fixed mass of 
gas can be expressed as the ideal gas law, PV = nRT, where n represents moles and 
R represents the universal gas constant, which is 0.0821 liter-atmosphere per mole-
Kelvin (this unit can be abbreviated as (L atm)/(mol K) or as L atm mol−1 K−1). 

4. i. * Students know how to apply Dalton’s law of partial pressures to 
describe the composition of gases and Graham’s law to predict 
diffusion of gases. 

It is important to distinguish clearly between diffusion and effusion. Diffusion is 
the process by which separate atoms or molecules intermingle as a result of random 
motion. Effusion is the process by which gas molecules pass from one container to 
another at lower pressure through a very small opening. 

Graham’s law states that the rates of effusion of two gases at the same tempera­
ture and pressure are inversely proportional to the square roots of their molar 
masses. Graham’s law also approximately applies to rates of diffusion for gases, 
although diffusion is a more complicated process to describe than effusion. 

Dalton’s law of partial pressures states that total pressure in a gas-filled con­
tainer is equal to the sum of the partial pressures of the component gases. This law 
can be introduced by showing that ideal gases have properties based solely on the 
number of moles present in the sample, without regard to the chemical identities of 
the gas particles involved. 

Students who learn the concepts in this standard set will 
be able to understand and explain aqueous acid–base reac­
tions, properties of acids and bases, and pH as a measure 
of acidity and basicity. Careful thought should be given to 
how this standard set best fits with the other chemistry 

standards. It may be desirable to cover Standard Set 6, “Solutions,” in this section 
first so that students will know about the aqueous dissolving process and about 
concentration calculations and units. Familiarity with Standard Set 9, “Chemical 
Equilibrium,” in this section may help students to conceptualize the strengths of 
acids and bases. 

STANDARD SET 5. Acids and Bases 

Students should be able to represent and balance chemical reactions. They 
should also be able to interpret periodic trends in electronegativity for the upper 
two rows of the periodic table (see Standard Set 1, “Atomic and Molecular Struc­
ture,” in this section). Hydrogen with its low electronegativity easily forms the 
positive hydrogen ion, H+. Students need to know the charge and formula of the 
hydroxide ion, OH−. With knowledge of polar covalent bonding, students should 
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be able to distinguish between two important types of neutral molecular com­
pounds: those that dissolve in an aqueous solution and remain almost completely as 
neutral molecules and those that dissolve in an aqueous solution and partially or 
almost completely produce charged ions (see Standard Sets 1 and 2 in this section). 

Students should be able to compare the three descriptions of acids and bases— 
the Arrhenius, Brønsted-Lowry, and Lewis acid–base definitions—and recognize 
electron lone pairs on Lewis dot structures of molecules (see Standard Set 2, 
“Chemical Bonds,” in this section). To calculate pH, students should understand 
and be able to use base-10 logarithms and antilogarithms and know how to obtain 
logarithms by using a calculator. Students should become proficient at converting 
between pH, pOH, [H+], and [OH−]. 

5. Acids, bases, and salts are three classes of compounds that form 
ions in water solutions. As a basis for understanding this concept: 

a.	 Students know the observable properties of acids, bases, and salt 
solutions. 

Comparing and contrasting the properties of acids and bases provide a context 
for understanding their behavior. Some observable properties of acids are that they 
taste sour; change the color of litmus paper from blue to red; indicate acidic values 
on universal indicator paper; react with certain metals to produce hydrogen gas; 
and react with metal hydroxides, or bases, to produce water and a salt. Some ob­
servable properties of bases are that basic substances taste bitter or feel slippery; 
change the color of litmus paper from red to blue; indicate basic values on universal 
indicator paper; and react with many compounds containing hydrogen ions, or 
acids, to produce water and a salt. 

These properties can be effectively demonstrated by using extracted pigment 
from red cabbage as an indicator to analyze solutions of household ammonia and 
white vinegar at various concentrations. When the indicator is added, basic solu­
tions turn green, and acidic solutions turn red. Students can also use universal indi­
cator solutions to test common household substances. Students need to follow 
established safety procedures while conducting experiments. 

5. b.	 Students know acids are hydrogen-ion-donating and bases are 
hydrogen-ion-accepting substances. 

According to the Brønsted-Lowry acid–base definition, acids donate hydrogen 
ions, and bases accept hydrogen ions. Acids that are formed from the nonmetals 
found in the first and second rows of the periodic table easily dissociate to produce 
hydrogen ions because these nonmetals have a large electronegativity compared 
with that of hydrogen. Once students know that acids and bases have different ef­
fects on the same indicator, they are ready to deepen their understanding of acid– 
base behavior at the molecular level. Examples and studies of chemical reactions 
should be used to demonstrate these definitions of acids and bases. 
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5. c.	 	Students know strong acids and bases fully dissociate and weak acids 
and bases partially dissociate. 

Acids dissociate by donating hydrogen ions, and bases ionize by dissociating to 
form hydroxide ions (from a hydroxide salt) or by accepting hydrogen ions. Some 
acids and bases either dissociate or ionize almost completely, and others do so only 
partially. Nearly complete dissociation is strong; partial dissociation is weak. The 
strength of an acid or a base can vary, depending on such conditions as temperature 
and concentration. 

5. d.	 Students know how to use the pH scale to characterize acid and 
base solutions. 

The pH scale measures the concentrations of hydrogen ions in solution and the 
acidic or basic nature of the solution. The scale is not linear but logarithmic, mean­
ing that at pH 2, for example, the concentration of hydrogen ions is ten times 
greater than it is at pH 3. The pH scale ranges from below 0 (very acidic) to above 
14 (very basic). Students should learn that pH values less than 7 are considered 
acidic and those greater than 7 are considered basic. 

5. e.* Students know the Arrhenius, Brønsted-Lowry, and Lewis acid–base 
definitions. 

Other acid–base definitions beside Brønsted-Lowry (see Standard 5.b in this 
section) are the Arrhenius and Lewis definitions. An Arrhenius base must contain 
hydroxide, such as in the chemical KOH. NH3 does not contain hydroxide and 
therefore would not be a base according to the Arrhenius definition. However, be­
cause NH3 accepts hydrogen ions, it would be a base according to the Brønsted-
Lowry definition. A Lewis acid is an electron pair receptor, and a Lewis base is an 
electron pair donor. Using the Lewis definition extends the concept of acid–base 
reactions to nonaqueous systems. The compound BF3, for example, is an acid be­
cause it accepts a lone electron pair, but BF3 would not be an acid according to the 
Brønsted-Lowry definition because the hydrogen ion is not present. 

5. f.*	 Students know how to calculate pH from the hydrogen-ion
 

concentration.
 


The pH scale is defined as −log10[H
+], where [H+] is the hydrogen-ion concen­

tration in moles per liter of solution. Students should be taught to convert between 
hydrogen-ion concentration and pH. 

5. g.* Students know buffers stabilize pH in acid–base reactions. 

A buffer is a solution that stabilizes H+ concentration levels. Such a solution 
may release hydrogen ions as pH rises or consume hydrogen ions as pH decreases. 
A critically important, but extremely complex example is the equilibria between 
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carbon dioxide, carbonic acid, bicarbonate, carbonate, and solid calcium carbonate 
that keeps the world’s oceans at a nearly constant pH of about 8. Another measure 
students should learn is pOH, which is the negative logarithm of the OH− concen­
tration expressed in moles per liter of solution. The sum of pH and pOH is always 

14.0 for a given solution at 25°C. 

As background for this standard set, students must know 
the physical states of matter and the corresponding proper­
ties. Specifically, the properties of the liquid state are im­
portant because most discussions will focus on liquid 
solutions. Students also need an understanding of mol­

ecules and ions and sufficient mathematical skills (especially an understanding of 
unit conversions) to describe solutions at the ionic or molecular level, describe the 
dissolution process, and quantify solution concentrations. Moreover, students 
should be able to calculate mass and volume in a variety of units and work with 
ratios, percentages, and moles (see Standard Set 3, “Conservation of Matter and 
Stoichiometry”). 

STANDARD SET 6.  Solutions 

The sequencing of instruction regarding these standards deserves special atten­
tion and consideration. The knowledge of mixtures (especially of homogeneous 
mixtures), which will be acquired from the study of these standards, can be helpful 
in reinforcing the concepts of electronegativity, covalent bonding, shapes of mol­
ecules, and ionic compounds (see Standard Set 1, “Atomic and Molecular Struc­
ture,” and Standard Set 2, “Chemical Bonds”). Some of these standards may also be 
helpful prerequisite knowledge for understanding Standard Set 5, “Acids and 
Bases.” These standards also help prepare students to study the separation or purifi­
cation of solution components as covered in Standard Set 9, “Chemical Equilib­
rium.” Toward that end, instruction in these standards should include the concept 
of solubility as an equilibrium between solid and solute forms of a substance and 
the study of reactions that lead to precipitate formation. 

6. Solutions are homogeneous mixtures of two or more substances. 
As a basis for understanding this concept: 

a. Students know the definitions of solute and solvent. 

Simple solutions are homogeneous mixtures of two substances. A solute is the 
dissolved substance in a solution, and a solvent is, by quantity, the major compo­
nent in the solution. 

6. b.	 Students know how to describe the dissolving process at the 
molecular level by using the concept of random molecular motion. 

The kinetic molecular theory as applied to gases can be extended to explain how 
the solute and solvent particles are in constant random motion. The kinetic energy 
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of this motion causes diffusion of the solute into the solvent, resulting in a homo­
geneous solution. When a solid is in contact with a liquid, at least some small de­
gree of dissolution always occurs. The equilibrium concentration of solute in 
solvent will depend on the surface interactions between the molecules of solute and 
solvent. Equilibrium is reached when all competing processes are in balance. Those 
processes include the tendency for dissolved molecules to spread randomly in the 
solvent and the competing strength of the bonds and other forces among solute 
molecules, among solvent molecules, and between solute and solvent molecules. 
When salts dissolve in water, positive and negative ions are separated and sur­
rounded by polar water molecules. 

6. c.	 	Students know temperature, pressure, and surface area affect the 
dissolving process. 

In a liquid solvent, solubility of gases and solids is a function of temperature. 
Students should have experience with reactions in which precipitates are formed or 
gases are released from solution, and they should be taught that the concentration 
of a substance that appears as solid or gas must exceed the solubility of the solvent. 

Increasing the temperature usually increases the solubility of solid solutes but 
always decreases the solubility of gaseous solutes. An example of a solid ionic solute 
compound that decreases in solubility as the temperature increases is Na2SO4. An 
example of one that increases in solubility as the temperature increases is NaNO3. 
The solubility of a gas in a liquid is directly proportional to the pressure of that gas 
above the solution. It is important to distinguish solubility equilibrium from rates 
of dissolution. Concepts of equilibrium describe only how much solute will dis­
solve at equilibrium, not how quickly this process will occur. 

6. d.	 Students know how to calculate the concentration of a solute in 
terms of grams per liter, molarity, parts per million, and percent 
composition. 

All concentration units listed previously are a measure of the amount of solute 
compared with the amount of solution. Grams per liter represent the mass of solute 
divided by the volume of solution. Molarity describes moles of solute divided by 
liters of solution. Students can calculate the number of moles of dissolved solute 
and divide by the volume in liters of the total solution, yielding units of moles per 
liter. Parts per million, which is a ratio of one part of solute to one million parts of 
solvent, is usually applied to very dilute solutions. Percent composition is the ratio 
of one part of solvent to one hundred parts of solvent and is expressed as a percent. 
To calculate parts per million and percent composition, students determine the 
mass of solvent and solute and then divide the mass of the solute by the total mass 
of the solution. This number is then multiplied by 106 and expressed as parts per 
million (ppm) or by 100 and expressed as a percent. 
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6. e.* Students know the relationship between the molality of a solute in 
a solution and the solution’s depressed freezing point or elevated 
boiling point. 

The physical properties of the freezing point and boiling point of a solution are 
directly proportional to the concentration of the solution in molality. Molality is 
similar to molarity except that molality expresses moles of solute dissolved in a kilo­
gram of solvent rather than in a liter of solution. In other words, molality is the 
amount of solute present divided by the amount of solvent present. Molality is a 
convenient measure because it does not depend on volume and therefore does not 
change with temperature. Sometimes physical properties change with concentration 
of solute; for example, salt, such as sodium chloride or calcium chloride, is 
sprinkled on icy roads to lower the freezing point of water and melt the snow or ice. 
The freezing point is lowered, or depressed, in proportion to the amount of salt 
dissolved. 

6. f.*	 Students know how molecules in a solution are separated or purified 
by the methods of chromatography and distillation. 

Chromatography is a powerful, commonly used method to separate substances 
for analysis, including DNA, protein, and metal ions. The principle takes advantage 
of a moving solvent and a stationary substrate to induce separation. A useful, inter­
esting example is paper chromatography. In this laboratory technique a mixture of 
solutes, such as ink dyes, is applied to a sheet of chromatographic paper. One end 
of the paper is dipped in a solvent that moves (wicks) up or along the paper. Solutes 
(the various ink dyes, for example) separate into bands of colors. Solutes with great 
affinity for the paper move little, those with less move more, and those with very 
little affinity may travel with the leading edge of the solvent. 

Mixtures can sometimes be separated by distillation, which capitalizes on differ­
ences in the forces holding molecules in a liquid state. Crude oil, for example, is 
processed by commercial refineries (by a catalytic reaction called “cracking”) and 
separated by heat distillation to give a variety of commercial products, from highly 
volatile kerosene and gasoline to heavier oils used to lubricate engines or to heat 
homes. 

Students should know the relationship between heat and 
temperature and understand the concepts of kinetic energy 
and motion at the molecular level. They should also know 
how to differentiate between chemical and physical change 

and understand that both types of change entail the loss of free energy, a process 

STANDARD SET 7. Chemical 
Thermodynamics 

that results in increased stability. The standards marked with an asterisk in this 
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section require students to know the concepts presented in the physics section of 
this chapter, Standard Set 3, “Heat and Thermodynamics.” Those standards pro­
vide a foundation for understanding the kinetic molecular model and introduce 
students to concepts of heat and entropy. 

7. Energy is exchanged or transformed in all chemical reactions 
and physical changes of matter. As a basis for understanding this 
concept: 

a. Students know how to describe temperature and heat flow in terms of 
the motion of molecules (or atoms). 

Temperature is a measure of the average kinetic energy of molecular motion in a 
sample. Heat is energy transferred from a sample at higher temperature to one at 
lower temperature. Often, heat is described as flowing from the system to the sur­
roundings or from the surroundings to the system. The system is defined by its 
boundaries, and the surroundings are outside the boundaries, with “the universe” 
frequently considered as the surroundings. 

7. b.	 Students know chemical processes can either release (exothermic) 
or absorb (endothermic) thermal energy. 

Endothermic processes absorb heat, and their equations can be written with heat 
as a reactant. Exothermic processes release heat, and their equations can be written 
with heat as a product. The net heat released to or absorbed from the surroundings 
comes from the making and breaking of chemical bonds during a reaction. Stu­
dents understand and relate heat to the internal motion of the atoms and mol­
ecules. They also understand that breaking a bond always requires energy and that 
making a bond almost always releases energy. The amount of energy per bond de­
pends on the strength of the bond. 

The potential energy of the reaction system may be plotted for the different 
reaction stages: reactants, transition states, and products. This plot will show reac­
tants at lower potential energy than products for an endothermic reaction and reac­
tants at higher potential energy than products for an exothermic reaction. A higher 
energy transition state usually exists between the reactant and product energy states 
that affect the reaction rate covered in Standard Set 8, “Reaction Rates,” in this 
section. 

7. c.	 	Students know energy is released when a material condenses or 
freezes and is absorbed when a material evaporates or melts. 

Physical changes are accompanied by changes in internal energy. Changes of 
physical state either absorb or release heat. Evaporation and melting require energy 
to overcome the bonds of attractions in the corresponding liquid or solid state. 
Condensation and freezing release heat to the surroundings as internal energy is 
reduced and bonds of attraction are formed. 
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7. d.	 Students know how to solve problems involving heat flow and tem­
perature changes, using known values of specific heat and latent heat 
of phase change. 

Qualitative knowledge that students gained by mastering the previous stan­
dards will help them to solve problems related to the heating or cooling of a sub­
stance over a given temperature range. Specific heat is the energy needed to change 
the temperature of one gram of substance by one degree Celsius. The unit of spe­
cific heat is joule/gram-degree. 

During phase changes, energy is added or removed without a corresponding 
temperature change. This phenomenon is called latent (or hidden) heat. There is a 
latent heat of fusion and a latent heat of vaporization. The unit of latent heat is 
joule/gram or kilojoule/mole. Students should be able to diagram the temperature 
changes that occur when ice at a temperature below zero is heated to superheated 
steam, which has temperatures above 100°C. 

7. e.* Students know how to apply Hess’s law to calculate enthalpy 
change in a reaction. 

As samples of elements combine to make compounds, heat may be absorbed 
from the environment. If one mole of a compound is formed from elements and all 
substances begin and end at 25°C and are under standard atmospheric pressure, the 
heat absorbed during the compound’s synthesis is known as its standard enthalpy of 
formation, Hf . If heat is not absorbed but released, Hf is negative. Values for the 
enthalpy of formation of thousands of compounds are available in reference books. 

Hess’s law states that if a chemical reaction is carried out in any imaginable 
series of steps, the net enthalpy change (heat absorbed) in the reaction is the sum 
of the enthalpy changes for the individual steps. For example, a reaction can be 
imagined to proceed in just two steps: first, making its reactants into elements, and 
second, making those elements into products. The enthalpy change in a reaction 
aA + bB = c C + d D is the quantity Δ H r

o defined as “the heat absorbed when a 
moles of chemical A and b moles of B react to make c moles of C and d moles of 
D.” Through the use of Hess’s law and the two steps of the example, the enthalpy 

ochange for this reaction can be expressed in terms of the enthalpy of formation Hf 

of each of the chemicals: the enthalpy change is the (weighted) sum of the heat of 
formation for each of the products minus the sum for each of the reactants, or 

oΔHr	 = [c Hf
o(C) + d Hf

o(D)] − [a Hf
o(A) + b Hf

o(B)] 

By using the balanced equation for a chemical reaction and the enthalpy of 
formation for each chemical, students can calculate the heat absorbed or released 
when a given quantity of a reactant is consumed. 



209 

7. f.*	 Students know how to use the Gibbs free energy equation to 
determine whether a reaction would be spontaneous. 

Endothermic and exothermic reactions can be spontaneous under standard 
conditions of temperature and pressure. Therefore, releasing heat and going to a 
lower energy state cannot be the only force driving chemical reactions. The ten­
dency to disorder, or entropy, is the other driving force. A convenient conceptual 
way to account for the balance between these two driving forces, enthalpy changes 
and changes in disorder, was developed by J. Willard Gibbs and is called the Gibbs 
free-energy change ΔG. 

In the Gibbs free-energy equation (shown below), Δ H is the change in en­
thalpy, T is the Kelvin temperature, and ΔS is the change in entropy. (Note that 
students may need to be introduced to the basics of entropy, as presented in Stan­
dard Set 3 for physics in this chapter). 

ΔG = Δ H − ΤΔS 

The Gibbs free-energy change is used to predict in which direction a reaction will 
proceed. A negative value for the Gibbs free-energy change predicts the formation 
of products (a spontaneous reaction); a positive value predicts, or favors, reactants 
(a nonspontaneous reaction). Standard values for the Gibbs free energy of elements 
and compounds at a specified temperature are available in tables. 

To describe rates of chemical reactions, factors affecting 
rates, and the energy changes involved, students need to 
know that chemical reactions consume reactants and form 
products (see Standard Set 3, “Conservation of Matter and 
Stoichiometry,” in this section). Students should be able to 

explain chemical reactions at the molecular level and know how kinetic energy at 
the molecular level is measured by temperature (see Standard Sets 3 and 7 in this 
section). Students have acquired knowledge of pressure and volume relationships 
for gases (see Standard Set 4, “Gases and Their Properties,” in this section) and can 
plot potential energy versus course of reaction for endothermic and exothermic 
reactions (see Standard Set 7, “Chemical Thermodynamics,” in this section). The 
ability to calculate rates of change from slopes of lines and curves is required. 

STANDARD SET 8.  Reaction Rates 
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8. Chemical reaction rates depend on factors that influence the 
frequency of collision of reactant molecules. As a basis for 
understanding this concept: 

a. Students know the rate of reaction is the decrease in concentration of 
reactants or the increase in concentration of products with time. 

Students may have an intuitive idea that reaction rate is a measure of how fast 
reactions proceed, but a quantitative measure for reaction rate also is needed. For 
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example, explosive reactions are very fast, as are many biological reactions in the 
cell; and other reactions, such as iron rusting, are very slow. Reaction rate is defined 
as the rate of decrease in concentration of reactants or as the rate of increase in con­
centration of products, and these reciprocal changes form a balanced equation that 
reflects the conservation of matter. Students can see from the balanced equation 
that as the reaction proceeds, the concentration of reactants must decrease, and the 
concentration of products must increase in proportion to their mole ratios. 

8. b.	 Students know how reaction rates depend on such factors as 
concentration, temperature, and pressure. 

Concentration, temperature, and pressure should be emphasized because they 
are major factors affecting the collision of reactant molecules and, thus, affecting 
reaction rates. Increasing the concentration of reactants increases the number of 
collisions per unit time. Increasing temperature (which increases the average kinetic 
energy of molecules) also increases the number of collisions per unit time. Though 
the collision rate modestly increases, the greater kinetic energy dramatically in­
creases the chances of each collision leading to a reaction (e.g., the Arrhenius ef­
fect). Increasing pressure increases the reaction rate only when one or more of the 
reactants or products are gases. With gaseous reactants, increasing pressure is the 
same as increasing concentration and results in an elevated reaction rate. 

8. c. Students know the role a catalyst plays in increasing the reaction rate. 

A catalyst increases the rate of a chemical reaction without taking part in the net 
reaction. A catalyst lowers the energy barrier between reactants and products by 
promoting a more favorable pathway for the reaction. Surfaces often play important 
roles as catalysts for many reactions. One reactant might be temporarily held on the 
surface of a catalyst. There the bonds of the reactant may be weakened, allowing 
another substance to react with it more quickly. Living systems speed up life-
dependent reactions with biological catalysts called enzymes. Catalysts are used in 
automobile exhaust systems to reduce the emission of smog-producing unburned 
hydrocarbons. 

8. d.* Students know the definition and role of activation energy in
 
a chemical reaction.
 

Even in a spontaneous reaction, reactants are usually required to pass through a 
transition state that has a higher energy than either the reactants or the products. 
The additional energy, called the activation energy, or the activation barrier, is re­
lated to such factors as strength of bonding within the reactants. The more energy 
required to go from reactants to activated transition complex, the higher the activa­
tion barrier, and the slower a reaction will be. Catalysts speed up rates by lowering 
the activation barrier along the reaction pathway between products and reactants. 
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Chemical equilibrium is a dynamic state. To understand 
the factors affecting equilibrium and to write expressions 
used to quantify a state of equilibrium, students will need a 
thorough knowledge of reaction rates (see Standard Set 8, 
“Reaction Rates,” in this section) and of chemical thermo­

dynamics (see Standard Set 7, “Chemical Thermodynamics,” in this section). 
Changes in heat accompanying chemical reactions and spontaneity of chemical 
reactions are key topics. Students should be able to identify the physical states of 
substances undergoing chemical reactions and use knowledge of substances at the 
atomic and molecular levels (see Standard Set 3, “Conservation of Matter and Sto­
ichiometry,” in this section). 

STANDARD SET 9.  Chemical Equilibrium 

Students need to know how gases respond to changes in pressure and volume 
(see Standard Set 4, “Gases and Their Properties,” in this section). Students need to 
be able to calculate concentration and molarity for solutions, particularly for aque­
ous solutions (see Standard Set 6, “Solutions,” in this section). Students familiar 
with acid–base reactions (see Standard Set 5, “Acids and Bases,” in this section) and 
precipitation reactions (see Standard Set 6 in this section) will have an advantage in 
learning the concept of equilibrium. 

To calculate equilibrium constants, students should be able to balance chemical 
equations (see Standard Set 3 in this section), work readily with concentration and 
pressure units (see Standard Sets 4 and 6 in this section), and use exponents in 
mathematical calculations. 

Students often have difficulty in understanding that equilibrium, which is a 
dynamic process, occurs when no net changes in a product or reactant concentra­
tion take place. An analogy can be made with a pair of escalators operating between 
two floors. If the same number of people go up as go down in a ten-minute inter­
val, the rate of people moving up equals the rate of people moving down. Overall, 
any extra people arriving on one floor are canceled out by others leaving the floor. 
Therefore, the number of people on each floor will be constant over time, and the 
population of the two floors is in dynamic equilibrium. This analogy can be ex­
tended to a chemical reaction by considering that if the number of moles produced 
in one direction of the reaction is the same as the number consumed in the opposite 
direction, then the reaction has reached a state of dynamic equilibrium. Students 
will learn that when a stress is applied to a chemical reaction in equilibrium, a shift 
will occur to partly relieve the stress. 

9. Chemical equilibrium is a dynamic process at the molecular level. 
As a basis for understanding this concept: 
a. Students know how to use Le Chatelier’s principle to predict the effect 

of changes in concentration, temperature, and pressure.

 Le Chatelier’s principle can be introduced by emphasizing the balanced na­
ture of an equilibrium system. If an equilibrium system is stressed or disturbed, the 
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system will respond (change or shift) to partially relieve or undo the stress. A new 
equilibrium will eventually be established with a new set of conditions. When the 
stress is applied, the reaction is no longer at equilibrium and will shift to regain equi­
librium. For instance, if the concentration of a reactant in a system in dynamic equi­
librium is decreased, products will be consumed to produce more of that reactant. 
Students need to remember that heat is a reactant in endothermic reactions and a 
product in exothermic reactions. Therefore, increasing temperature will shift an en­
dothermic reaction, for example, to the right to regain equilibrium. Students should 
note that any endothermic chemical reaction is exothermic in the reverse direction. 

Pressure is proportional to concentration for gases; therefore, for chemical reac­
tions that have a gaseous product or reactant, pressure affects the system as a whole. 
Increased pressure shifts the equilibrium toward the smaller number of moles of gas, 
alleviating the pressure stress. If both sides of the equilibrium have an equal number 
of moles of gas, increasing pressure does not affect the equilibrium. Adding an inert 
gas, such as argon, to a reaction will not change the partial pressures of the reactant 
or product gases and therefore will have no effect on the equilibrium. 

9. b.	 Students know equilibrium is established when forward and reverse 
reaction rates are equal. 

Forward and reverse reactions at equilibrium are going on at the same time and 
at the same rate, causing overall concentrations of each reactant and product to re­
main constant over time. 

9. c.* Students know how to write and calculate an equilibrium constant 
expression for a reaction. 

Because the concentrations of substances in a system at chemical equilibrium are 
constant over time, chemical expressions related to each concentration will also be 
constant. Here is a general equation for a reaction at equilibrium: 

aA + bB ↔ c C + d D 
The general expression for the equilibrium constant of a chemical reaction is Keq, 

defined at a particular temperature, often 25°C. Its formula is 

When K eq is being calculated, only gaseous substances and aqueous solutions are 
considered. Equilibrium concentrations of products, in moles per liter, are in the 
numerator, and equilibrium concentrations of reactants are in the denominator. The 
exponents are the corresponding coefficients from the balanced chemical equation. 
A large K eq means the forward reaction goes almost to completion; that is, little re­
verse reaction occurs. A very small K eq means the reverse reaction goes almost to 
completion, or little forward reaction occurs. The solubility product constant K sp is 
the equilibrium constant for salts in solution. 
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A solid understanding of chemical and biological concepts 
is required to describe the versatility with which carbon 
atoms form molecules and to illustrate the structure of 
organic and biological molecules and the polymers they 

form. An understanding of these concepts is also necessary to be able to name or­
ganic molecules and to identify organic functional groups. Students also need to 
know the material in atomic and molecular structure (see Standard Set 1, “Atomic 
and Molecular Structure,” in this section), especially as the concepts pertain to car­
bon and nearby nonmetals and to electronegativity. 

STANDARD SET 10. Organic 
and Biochemistry 

Chemical bonds (see Standard Set 2, “Chemical Bonds,” in this section), espe­
cially the topics of covalent bonding and Lewis dot structures, should also be well 
understood. Students should know the importance of biochemical compounds— 
proteins, carbohydrates, and nucleic acids—and understand their roles in living 
organisms. They must be familiar with single, double, and triple bonds to name 
organic molecules correctly (see Standard Set 2 in this section) and with the cova­
lent bonding and electronegativity of nitrogen and oxygen to identify functional 
groups of organic molecules and to understand amino acids and proteins (see Stan­
dard Sets 1 and 2 in this section). 

10. The bonding characteristics of carbon allow the formation of 
many different organic molecules of varied sizes, shapes, and 
chemical properties and provide the biochemical basis of life. 
As a basis for understanding this concept: 

a. Students know large molecules (polymers), such as proteins, nucleic 
acids, and starch, are formed by repetitive combinations of simple 
subunits. 

Students can readily visualize large molecules called polymers as consisting of 
repetitive and systematic combinations of smaller, simpler groups of atoms, includ­
ing carbon. All polymeric molecules, including biological molecules, such as pro­
teins, nucleic acids, and starch, are made up of various unique combinations of a 
relatively small number of chemically simple subunits. For example, starch is a 
polymer made from a large number of simple sugar molecules joined together. 

10. b.	 Students know the bonding characteristics of carbon that result in 
the formation of a large variety of structures ranging from simple 
hydrocarbons to complex polymers and biological molecules. 

Building on what they learned in grade eight about the unique bonding charac­
teristics of carbon, students explore in greater depth the incredible diversity of 
carbon-based molecules. They are reminded that, given carbon’s four bonding 
electrons and four vacancies available to form bonds, carbon is able to form stable 
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covalent bonds—single or multiple—with other carbon atoms and with atoms of 
other elements. 

Students learn how the presence of single, double, and triple bonds determines 
the geometry of carbon-based molecules. The variety of these molecules is enor­
mous: over 16 million carbon-containing compounds are known. The compounds 
range from simple hydrocarbon molecules (e.g., methane and ethane) to complex 
organic polymers and biological molecules (e.g., proteins) and include many manu­
factured polymers used in daily life (e.g., polyester, nylon, and polyethylene). 

10. c. Students know amino acids are the building blocks of proteins. 

Proteins are large single-stranded polymers often made up of thousands of rela­
tively small subunits called amino acids. The bond attaching two amino acids, 
known as the peptide bond, is identical for any pair of amino acids. The chemical 
composition of the amino acid itself varies. Variation in composition and ordering 
of amino acids gives protein molecules their unique properties and shapes. These 
properties and shapes define the protein’s functions, many of which are essential to 
the life of an organism. The blueprint for building the protein molecules is deoxyri­
bonucleic acid (DNA). Biotechnology is advancing rapidly as more is learned about 
DNA, amino acid sequences, and the shapes and functions of proteins. 

10. d.*	 Students know the system for naming the ten simplest linear 
hydrocarbons and isomers that contain single bonds, simple 
hydrocarbons with double and triple bonds, and simple mole­
cules that contain a benzene ring. 

Organic molecules can be simple or extremely complex. The naming system for 
these molecules, however, is relatively straightforward and reflects the composition 
and structure of each molecule. Each name is made up of a prefix and a suffix. The 
prefix tells the number of carbon atoms in the longest continuous sequence of the 
molecule, and the suffix indicates the kind of bond between carbon atoms. For 
example, the four simplest hydrocarbon molecules are methane, ethane, propane, 
and butane. The prefixes, meth-, eth-, prop-, and but- refer to one, two, three, and 
four carbons, respectively. The -ane ending indicates that there are only carbon-
carbon single bonds. Ene endings are used for double bonds and -yne for triple 
bonds. Benzene, C6H6, is a flat hexagonally shaped molecule of six carbon atoms 
bonded to each other. Many compounds can be built by substitutions on straight-
chain hydrocarbons and benzene rings. 

10. e.*	 Students know how to identify the functional groups that form the 
basis of alcohols, ketones, ethers, amines, esters, aldehydes, and 
organic acids. 

Organic molecules are grouped into classes based on patterns of bonding be­
tween carbon and noncarbon atoms (e.g., nitrogen and oxygen). Groups based on 
unique patterns of bonding are called functional groups. Examples of these groups 
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are alcohols, ketones, ethers, amines, esters, aldehydes, and organic (carboxylic) 
acids. 

10. f.*	 	Students know the R-group structure of amino acids and know 
how they combine to form the polypeptide backbone structure 
of proteins. 

Amino acid molecules have a well-known structure, and all contain a side chain 
called an R-group. Differences in the R-group are the basis for differences between 
the amino acids. Bonding two amino acids creates a dipeptide, bonding three cre­
ates a tripeptide, and adding more creates a polymer called a polypeptide. Polypep­
tides made biologically are called proteins. 

This section requires a knowledge of chemical and physical 
concepts and sufficient mathematical skills to describe the 
nucleus and its subatomic particles. Topics covered are 
nuclear reactions and their accompanying changes in en­
ergy and forms of radiation and quantification of radioac­

tive decay as a function of time. Students should know about nuclear structure and 
properties, the mass and charge of the proton and neutron, and the use of the peri­
odic table to determine the number of protons in an atom’s nucleus (see Standard 
Set 1, “Atomic and Molecular Structure,” in this section). Students should also 
know how to calculate and use percentages to determine the amount of radioactive 
substance remaining after a time interval of disintegration. 

STANDARD SET 11.  Nuclear Processes 

Students should be introduced to this standard set with a review of the nucleus 
and its constituent protons and neutrons. Simple hydrogen, deuterium, and tritium 
nuclei can be used to introduce and define isotopes. Students should be reminded of 
the difference between an element’s average atomic mass and the mass number for 
a specific isotope. They should already know that electrons and protons attract each 
other as do any particles of opposite charge, but they probably do not know what 
holds the protons and neutrons in the nucleus together. Teachers should introduce 
students to the strong nuclear force and explain how it holds protons and neutrons 
together and how it can overcome the repulsion between charged protons at very 
close distances. Students should also be introduced to quarks as the constituents of 
protons and neutrons. 
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11. Nuclear processes are those in which an atomic nucleus 
changes, including radioactive decay of naturally occurring 
and human-made isotopes, nuclear fission, and nuclear fusion. 
As a basis for understanding this concept: 

a. Students know protons and neutrons in the nucleus are held together 
by nuclear forces that overcome the electromagnetic repulsion 
between the protons. 

The nucleus is held together by the strong nuclear force. The strong nuclear 
force acts between protons, between neutrons, and between protons and neutrons 
but has a limited range comparable to the size of an atomic nucleus. The nuclear 
force is able to overcome the mutual electrostatic repulsion of the protons only 
when the protons and neutrons are near each other as they are in the nucleus of an 
atom. 

11. b.	 Students know the energy release per gram of material is much 
larger in nuclear fusion or fission reactions than in chemical reac­
tions. The change in mass (calculated by E = mc2 ) is small but 
significant in nuclear reactions. 

Two major types of nuclear reactions are fusion and fission. In fusion reactions 
two nuclei come together and merge to form a heavier nucleus. In fission a heavy 
nucleus splits apart to form two (or more) lighter nuclei. The binding energy of a 
nucleus depends on the number of neutrons and protons it contains. A general 
term for a proton or a neutron is a nucleon. In both fusion and fission reactions, the 
total number of nucleons does not change, but large amounts of energy are released 
as nucleons combine into different arrangements. This energy is one million times 
more than energies involved in chemical reactions. 

11. c. Students know some naturally occurring isotopes of elements are 
radioactive, as are isotopes formed in nuclear reactions. 

Sometimes atoms with the same number of protons in the nucleus have differ­
ent numbers of neutrons. These atoms are called isotopes of an element. Both natu­
rally occurring and human-made isotopes of elements can be either stable or 
unstable. Less stable isotopes of one element, called parent isotopes, will undergo 
radioactive decay, transforming to more stable isotopes of another element, called 
daughter products, which can also be either stable or radioactive. For a radioactive 
isotope to be found in nature, it must either have a long half-life, such as potas­
sium-40, uranium-238, uranium-235, or thorium-232, or be the daughter product, 
such as radon-222, of a parent with a long half-life, such as uranium-238. 
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11. d.	 Students know the three most common forms of radioactive decay 
(alpha, beta, and gamma) and know how the nucleus changes in 
each type of decay. 

Radioactive isotopes transform to more stable isotopes, emitting particles from 
the nucleus. These particles are helium-4 nuclei (alpha radiation), electrons or 
positrons (beta radiation), or high-energy electromagnetic rays (gamma radiation). 
Isotopes of elements that undergo alpha decay produce other isotopes with two less 
protons and two less neutrons than the original isotope. Uranium-238, for in­
stance, emits an alpha particle and becomes thorium-234. 

Isotopes of elements that undergo beta decay produce elements with the same 
number of nucleons but with one more proton or one less proton. For example, 
thorium-234 beta decays to protactinium-234, which then beta decays to uranium­
234. Alpha and beta decay are ionizing radiations with the potential to damage 
surrounding materials. After alpha and beta decay, the resulting nuclei often emit 
high-energy photons called gamma rays. This process does not change the number 
of nucleons in the nucleus of the isotope but brings about a lower energy state in 
the nucleus. 

11. e.	 Students know alpha, beta, and gamma radiation produce different 
amounts and kinds of damage in matter and have different 
penetrations. 

Alpha, beta, and gamma rays are ionizing radiations, meaning that those rays 
produce tracks of ions of atoms and molecules when they interact with materials. 
For all three types of rays, the energies of particles emitted in radioactive decay are 
typically for each particle on the order of 1MeV, equal to 1.6 × 10−13 joule, which 
is enough energy to ionize as many as half a million atoms. 

Alpha particles have the shortest ranges, and matter that is only a few millime­
ters thick will stop them. They will not penetrate a thick sheet of paper but will 
deposit all their energy along a relatively short path, resulting in a high degree of 
ionization along that path. 

Beta particles have longer ranges, typically penetrating matter up to several cen­
timeters thick. Those particles are electrons or positrons (the antimatter electron), 
have one unit of either negative or positive electric charge, and are approximately 
1/2000 of the mass of a proton. These high-energy electrons have longer ranges 
than alpha particles and deposit their energy along longer paths, spreading the ion­
ization over a greater distance in the material. 

Gamma rays can penetrate matter up to several meters thick. Gamma rays are 
high-energy photons that have no electric charge and no rest mass (the structural 
energy of the particle). They will travel unimpeded through materials until they 
strike an electron or the nucleus of an atom. The gamma ray’s energy will then be 
either completely or partially absorbed, and neighboring atoms will be ionized. 
Therefore, these three types of radiation interact with matter by losing energy and 
ionizing surrounding atoms. 

Chapter 5 
The Science 

Content 
Standards for 
Grades Nine 

Through 
Twelve 

Chemistry 



218 

Chapter 5 
The Science 
Content 
Standards for 
Grades Nine 
Through 
Twelve 

Chemistry 

Alpha radiation is dangerous if ingested or inhaled. For example, radon-222, 
a noble gas element, is a naturally occurring hazard in some regions. Living organ­
isms or sensitive materials can be protected from ionizing radiation by shielding 
them and increasing their distance from radiation sources. 

Because many people deeply fear and misunderstand radioactivity, chemistry 
teachers should address and explore the ability of each form of radiation to pen­
etrate matter and cause damage. Students may be familiar with radon detection 
devices, similar to smoke detectors, found in many homes. Discussion of biolog­
ical and health effects of ionizing radiation can inform students about the risks and 
benefits of nuclear reactions. Videos can be used in the classroom to show demon­
strations of the penetrating ability of alpha, beta, and gamma radiation through 
paper, aluminum, and lead or through other dense substances of varying thick­
nesses. Geiger counter measurements can be used to record radiation data. The 
order of penetrating ability, from greatest to least, is gamma > beta > alpha, and 
this order is the basis for assessing proper shielding of radiation sources for safety. 

There are a number of naturally occurring sources of ionizing radiation. One 
is potassium-40, which can be detected easily in potash fertilizer by using a Geiger 
counter. The other is background cosmic and alpha radiation from radon. This 
radiation can be seen in cloud chambers improvised in the classroom. 

11. f.*	 	Students know how to calculate the amount of a radioactive sub­
stance remaining after an integral number of half-lives have passed. 

Radioactive decay transforms the initial (parent) nuclei into more stable 
(daughter) nuclei with a characteristic half-life. The half-life is the time it takes for 
one-half of a given number of parent atoms to decay to daughter atoms. One-half 
of the remaining parent atoms will then decay to produce more daughter atoms in 
the next half-life period. It is possible to predict only the proportion, not the indi­
vidual number, of parent atoms that will undergo decay. Therefore, after one half-
life, 50 percent of the initial parent nuclei remain; after two half-lives, 25 percent; 
and so forth. The intensity of radiation from a radioactive source is related to the 
half-life and to the original number of radioactive atoms present. 

11. g.*	 Students know protons and neutrons have substructures and 
consist of particles called quarks. 

Just as atoms consist of subatomic nuclear particles (protons and neutrons), so 
do protons and neutrons have constituent particles called quarks. Quarks come in 
six different types, but only two types are involved in ordinary matter: the up quark 
and the down quark. 

For enrichment beyond the content in the standard, the following description 
is included: Protons and neutrons each contain three quarks. A proton consists of 
two up quarks and one down quark. A neutron consists of two down quarks and 
one up quark. Quarks have fractional electric charges; therefore, the charge of an 
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up quark is +²−units, and the charge of a down quark is −−¹units. It is believed that ³ ³ 
it is not possible to isolate a free quark. All the common matter in the material 
world is made up of just three fundamental particles: the up quark, the down 
quark, and the electron. 
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