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years, from 1787 until his death in 1844. This interest in 
weather led Dalton to become especially focused on the 
behavior of gases. Beginning in 1800, he presented a series 
of papers to the Manchester Literary and Philosophical 
Society describing his experiments with gases and the 
conclusions he made concerning their behavior. Dalton 
found that the variation of vapor pressure for all liquids 
was the same, if given the same variation in temperature. 
Dalton also observed that at constant pressure, different 
liquids expanded the same amount if they were subjected 
to the same increase in temperature. These observations 
led Dalton to formulate what eventually became known as 
Dalton’s law of partial pressures, which stated that the 
total pressure of a mixture of gases is equal to the sum of 
the pressures of each individual gas: PTotal = PA + PB.

As he studied the behavior of gases, Dalton found that some 
gases could only combine in specific proportions. Dalton’s 
research drew upon the work of two major contributors 
to the field of chemistry—the French chemists Antoine 
Lavoisier and Joseph Louis Proust. In 1789, Lavoisier had 
proposed the law of conservation of mass, which stated that 
during a chemical reaction, matter is neither created nor 
destroyed, and thus the mass of the reactants is equal to the 
mass of the products. Proust’s law of definite proportions, 
put forth in 1799, stated that a substance is always composed 
of the same proportion of each element. 

Building upon these concepts, Dalton proposed the law 
of multiple proportions, postulating that if two elements 
combine to form more than one compound, the ratios of 
their masses are whole numbers that are determined by 
the atomic weights of the elements involved. This finding 
led Dalton to propose his atomic theory, which is considered the first modern atomic theory. In 1808, Dalton 
published A New System of Chemical Philosophy, which presented his major conclusions on atomic behavior:

 � All matter is composed of very small, indivisible particles called atoms.
 � Atoms of the same element have the same properties (size, mass, etc.) while atoms of different elements 

will have different properties (e.g., hydrogen has different properties than lead).
 � Atoms cannot be divided any further and cannot be created or destroyed.
 � Atoms of different elements can combine in whole-number ratios to form compounds.
 � Chemical reactions can cause atoms to combine, separate, and rearrange.

Dalton’s theory was incredibly significant. Prior to his work, atomism had largely been described in general 
philosophical terms from antiquity, but Dalton put forth a detailed description of atoms that was rooted in 
scientific experimentation. We now know that not all aspects of Dalton’s atomic theory hold true. We know, for 
example, that atoms can be broken down into subatomic particles (i.e., electrons, neutrons, and protons). We also 
know, thanks to mass spectrometry, that different isotopes of the same atom can have different atomic masses. 
Yet despite these and other flaws, Dalton’s atomic theory stands as a major achievement that greatly advanced 
our understanding of matter.

Various atoms and molecules as depicted in Dalton’s A 
New System of Chemical Philosophy (1808).
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Lewis structures can be drawn for individual atoms, 
ions, and atoms in compounds. Complete Lewis 
structures sometimes show all the electrons, though 
usually only valence electrons are shown. Lewis also 
decided that covalent bonds should each have a pair 
of electrons. The structures shown in Figure 25 are 
representative Lewis structures.

Notice that the structures for CCl4, NH3, O3 have 
electron pairs in bonds, but also electron pairs that are 
not involved in bonding. These are known as non-
bonding electron pairs, or simply “lone pairs.” The 
total number of electrons in each neutral structure 
must add up to the total number of protons in the 
nuclei of the atoms. In ions, this number can differ by 
the amount of the value of the ion’s charge.

Figure 26 shows how a complete Lewis structure can 
be used to show the change as a sodium atom gives up 
its one outer valence electron to the nearly full valence 
shell of the chlorine atom to form ions of opposite 
charge that then attract one another in an ionic bond. 

Valence Bond Concept
As chemists developed the idea that electrons in atoms 
were in orbitals, they needed to fit the successful Lewis 
electron pair bond that explained compound formation 
and formulas into this picture. This was done by 
supposing that an electron in an orbital on atom A 
interacted with an electron in an orbital on atom B 
with which it formed a bond. 

Figure 27 illustrates the idea that the electron orbital 
shapes, which represent the map of electron density, 
overlap between the atoms to provide the attractive 
force in the bond. Such a bond is called a “single” 

covalent bond.

In some cases, atoms can overlap more than one orbital 
at the same time to form “double” or even “triple” 
bonds as shown in Figure 28. Carbon and oxygen share 
two pairs of electrons in forming two double bonds in 
carbon dioxide, while nitrogen atoms share three pairs 
of electrons in forming a triple bond in nitrogen gas.

Hybridization of Atomic Orbitals as 
an Explanation for Molecular Shapes
Sometimes the interaction of the two atomic orbitals 
doesn’t seem to predict the correct shapes of the 
molecules. In response to this concern, chemists 
developed the idea that two (or more) electron orbitals 
in an atom could combine to form new orbitals that 
had a different shape. This process is known as 
hybridization and can be used to rationalize the 
symmetric shapes of many molecules. Figure 29 
shows how one s and one p type orbital can hybridize;  
consequently, hybridization of one s and three p 
orbitals yields four equivalent sp3 orbitals.

The Formation of Molecular Orbitals
When two or more atoms combine to form a chemical 
molecule, the bonding electrons take up new physical 
arrangements between the atoms, pulling the 
atoms together and forming the bond. Theoretical 
(mathematical) models can trace out the “electron 
waves” that constitute these electron positions and 

FIGURE 26

A Lewis structure depicting the formation of an ionic bond 
between sodium and chlorine.

FIGURE 28

A depiction of double and triple covalent bonds.

FIGURE 27

A depiction of a single covalent bond.
Image courtesy of Dr. Gary Trammell, University of Illinois at Springfield.
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zero volume at a very low temperature. Scientists were 
surprised to find that this plot worked for every gas 
they tried, and that the “zero volume” temperature was 
always the same, namely –273 ℃. See Figure 45 for a 
graphical depiction of this phenomenon.

Since it seemed that no temperature can ever go lower 
than –273 ℃ (and this has been found to be the rule), 
this temperature was called “absolute zero.” Since 
that time, it has been agreed that this temperature 
is a fundamental starting point for temperature 
measurements, so a scale called the Kelvin scale (unit 
K) is used that starts at –273 ℃, which is defined as 
0 K. To convert from the more familiar ℃ (degrees 

Celsius), you simply add 273. So, on this scale, 70 ℃ 
is 70 + 273 = 343 K. Notice that since the Kelvin unit 
is defined as “degrees Kelvin” no degree (°) sign is 
placed in front of the K. Since the Kelvin temperature 
scale is linear and starts from 0, it is this unit that must 
be used in all equations relating to Charles’s law.

Combining Boyle’s law and Charles’s law algebraically 
is quite simple. If P x V = C, and V/T = D, then PV/T 
= CD, a new constant. In using this relationship, 
we usually consider a set of pressure, volume, and 
temperature conditions (1) changing to a new set of 

conditions (2), so we can then write 
2
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This relationship can be applied both qualitatively and 
quantitatively to predict new conditions. 

For example, consider the following problems:

1. A sample of gas is in a cylinder with a movable 
piston (See Figure 45). If the pressure is 
increased while the temperature is unchanged, 
will the volume increase, decrease, or remain 
the same? 
 
Answer: The volume will decrease to balance 
the pressure increase.

2. A sample of gas in a rigid container of volume 
1.0 liter has a pressure of 2.0 atmospheres 
at a temperature of 200 K. What will be the 
pressure at 400 K?  
 
Answer: The volume and amount of gas is 
constant, so P/T must stay constant. And, if T 
doubles from T1 to T2, then P must also double, 
so the new pressure, P2, is 4.0 atmospheres. 

FIGURE 45

A graphical depiction of determining absolute zero 
temperature.

JACQUES CHARLES AND CHARLES’S LAW
While many early chemists were motivated by an interest in alchemy, wishing to transmute lead into gold, or by an 
interest in developing medical treatments, the French scientist Jacques Charles (1746−1823) was largely motivated 
by his interest in hot air balloons. Charles studied the conclusions of the Anglo-Irish chemist Robert Boyle 
(1627−91) that had been published about a century earlier in the mid-seventeenth century. Boyle had been the first to 
suggest the relationship between the pressure and volume of a gas, namely that the pressure of a fixed amount of an 
ideal gas at a constant temperature is inversely proportional to the volume of the gas. As he studied the properties of 
gases, Charles came up with the idea that hydrogen could be used as a lifting agent for balloon flight.

Charles developed a design for such a craft and worked with engineers and brothers Anne-Jean Robert 
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(1758−1820) and Nicolas-Louis Robert (1760−1820) 
to make his design a reality. To the great wonder of 
a crowd of spectators (which incidentally included 
Benjamin Franklin) Charles and the Roberts launched 
the first hydrogen-powered balloon on August 27, 
1783. The flight was a success, lasting about forty-
five minutes, though it came to a rather violent end as 
startled peasants at the landing site attacked the strange 
balloon with their pitchforks.

A couple months later, on December 1, 1783, Charles 
and the Roberts again worked together to launch a 
hydrogen-fueled balloon, but this time the balloon had 
passengers, namely Charles and Nicolas-Louis Robert. 
The flight was again a success, this time lasting just 
over two hours. It was only the second manned balloon 
flight ever, and the first had occurred only about a week 
and a half prior. This time, thankfully, the balloon 
was not destroyed by frightened peasants, and Charles 
decided to try to ascend once again. He suffered ear 
pain due to the rapid ascent and thus decided to land 
a short while later. This was Charles’s last balloon 
flight though the Roberts brothers continued to be avid 
balloonists. The hydrogen balloon came to be referred 
to as a Charlière in Charles’s honor.

Though he never flew in a hydrogen balloon again, 
Charles did remain fascinated with the potential power in heating hydrogen and other gases, and it was his 
work with gases, more so than his fascination with balloons, that became his greatest legacy. In c. 1787, Charles 
conducted an experiment in which he filled five balloons with the same volume of five different gases. Charles 
observed that when he increased the temperature, the volume of each of the five balloons increased the same 
amount. This led Charles to conclude that under 
conditions of constant pressure, a heated gas will 
expand in volume. Charles never published his findings, 
but when Joseph-Louis Gay-Lussac (1778−1850) 
published a paper on the relationship between the 
volume and temperature of a gas in 1802, he credited 
Charles. To this day, we utilize Charles’s law, which 
states that at constant pressure, the volume of a gas 
is directly proportional to its absolute temperature 
(i.e., the measurement of temperature beginning at 
absolute zero on the Kelvin scale), meaning that as the 
temperature increases, the volume increases, and as the 
temperature decreases, the volume decreases. Charles’s 

law is expressed by the following formula: 
V1

T1
 = 

V2

T2
.

Portrait of Jacques Charles by Adélaïde Labille-Guiard,  
c. 1798.

A drawing of villagers attempting to destroy the balloon built 
by Jacques Charles and the Roberts brothers.
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Until the battery is used, it retains its potential or 
voltage. When all the reaction has been completed and 
the system reaches chemical equilibrium, the battery 
has run down (is dead).

Each half-reaction described in the previous section can 
be assigned a potential. Such a potential can be found 
in a table of reduction potentials, where the direction of 
the reaction is assumed to be electron gain, also known 
as reduction. These are relative voltages that have been 
measured under the standard conditions of a 1 molar 
solution of the appropriate ion and at 1 atmosphere of 
pressure. All standard half-cell potentials are measured 
relative to the reaction 2H+ + 2e– → H2 (gas). 

A brief table showing standard reduction potentials 
is shown in Figure 69. Since all the reactions are 
reductions, the reaction that is oxidation is just the 
reverse of these, and the potential of the cell is the 
same, but the sign is changed. For example, if the 
oxidation reaction is Cu → Cu2+ + 2e–, then the E° 
(standard oxidation potential) of the half-cell is –0.34 
V.

Half-cell potentials are combined to provide 
information on a complete reaction. The potential 
value is not affected by the balancing of the reaction 
equation. The possible voltage is the difference 
between the reduction potential of the reduction 
reaction and the reduction potential of the oxidation 
reaction (i.e., Eo

red – Eo
ox). If the total voltage is a 

positive value, then the reaction will proceed in the 
forward direction (from left to right as written). If the 
voltage is negative, then the reaction will proceed in 
the reverse direction, or from product to reactant. 

Let’s look at some examples that illustrate this. For the 
reaction Cu + 2Ag+ → Cu2+ + 2Ag described earlier, 
the voltage of the reaction is determined by first 
identifying the potential of each half reaction:

Cu → Cu2+ +2e– E0 = –0.34 V
Ag+ + 1e– → Ag E0 =+0.80 V

The sign of the Cu half-reaction voltage was 
changed since it was the oxidizing half-reaction. (Or, 
alternatively, you can think of it as subtracting the 
reduction potential of the oxidation reaction from the 
reduction potential of the reduction reaction.) Now, the 
two half-reactions are added together (–0.34 + 0.80) 
for a complete cell voltage of + 0.46 V. Since this is a 
positive number, this is a naturally occurring reaction 
or, as chemists say, spontaneously occurring. 

An example of a nonspontaneous reaction is Li+ + Fe2+ 
→ Li + Fe3+. The two half-reactions are as follows:

 Li+ + e– → Li   E° = –3.05 V
 Fe2+ → Fe3+ + e– E° = –0.77 V

The combination of the two half-reactions –3.05 V 
+ (–0.77 V) gives us a cell voltage of –3.82 V. This 
reaction will occur naturally only in the reverse 
direction, or Li + Fe3+ → Li+ + Fe2+ when the cell 
voltage is +3.82 V.

Figure 70 illustrates the components of a typical 
galvanic electrochemical cell and shows how its 
voltage could be measured. In a galvanic cell, the 
electrodes at which the two half reactions are occurring 
are identified by the terms anode and cathode. The 
anode is the electrode where oxidation occurs, and the 
cathode is the electrode where reduction occurs.

This oxidation half-cell has a potential of +0.76 
V which combined with the reduction half-cell of 
+0.34 V gives the overall cell potential of +1.10 V. 
This is a positive value, so this reaction will happen 
spontaneously under standard conditions. This cell 
was invented by the English scientist J. F. Daniell in 
1836 and was the earliest reliable battery. Spontaneous 
reactions are clearly quite useful in providing us with 
batteries to power our electrical devices.

LUIGI BRUGNATELLI AND THE DEVELOPMENT OF ELECTROPLATING

The idea of coating an object in metal to protect it or keep it from tarnishing is a concept that has been 
experimented with since ancient times. Yet it is the Italian chemist Luigi Brugnatelli (1761−1818) who is most 
frequently given credit for developing the modern process of electroplating. Electricity was a burgeoning field of 
research and fascination in the late eighteenth and early nineteenth centuries. In the 1780s, the Italian physician and 
scientist Luigi Galvani (1737−98) found that when he dissected frogs hung on metal hooks, the frogs would twitch if 
touched with another piece of metal. Galvani believed this resulted from electricity that originated within the body 



2022–2023 Science Resource Guide • Revised Page December 21, 2022
70

Students of chemistry may take it as a given that chemical 
compounds are comprised of constant and defined ratios of 
elements. We know, for example, that carbon dioxide, CO2, 
contains one carbon atom and two oxygen atoms, and thus 
the mass of carbon dioxide adheres to the fixed ratio of 12:32 
(which can be simplified to 3:8) since the atomic mass of carbon 
is twelve and the atomic mass of oxygen is sixteen (thus, the 
two oxygen atoms yield a mass of thirty-two).19 However, this 
knowledge was not always accepted as a given. In fact, through 
the late eighteenth century, many leading scientists believed that 
elements did not necessarily mix together in fixed ratios.

The French chemist Joseph-Louis Proust (1754−1826) is 
credited with establishing the fact that elements do combine in 
defined ratios to form compounds, and thus the law of definite 
proportions is sometimes referred to as Proust’s law. In the 
1790s and into the early 1800s, Proust conducted experiments in 
which he carefully studied the composition of water and copper 
carbonate. Based on his observations, Proust concluded that 
elements combine to form compounds in constant and defined 
ratios that are determined by their mass. When he published his 
findings, Proust’s idea was rejected by some leading scientists, 
most notably the French chemist Claude Louis Berthollet 
(1748−1822). However, others, such as the noted English scientist John Dalton, supported Proust’s conclusions. 
Dalton’s atomic theory—which proposed that each element is comprised of a particular type of atom and that 
atoms combine in fixed proportions to form compounds—both supported and was supported by Proust’s law of 
definite proportions. Proust’s law is an essential basis for stoichiometry.

Engraved portrait of Joseph-Louis Proust.
Source: Wellcome Collection

JOSEPH-LOUIS PROUST AND THE LAW OF DEFINITE PROPORTIONS

1 g/mol, and the molar mass of O = 16 g/mol. Simple 
math can then be used to establish that 2H2 has the 
mass of 4 moles of H, that O2 has the mass of 2 moles 
of O, and that molar masses are additive in calculating 
that water has a molar mass of 18 g/mol.

A very common problem in chemistry is determining 
a “limiting reactant” where exact stoichiometric 
amounts are not present. This is also easy to relate to 
cooking. If a recipe calls for four cups of flour, and you 
only have two cups, it will limit the amount of product, 
for example cake, that you can make. A chemist uses 
a balanced equation to determine how much of each 
ingredient (i.e., reactant) will be needed for a reaction 
and how much product can be made.

Let’s consider the same sample reaction we just 
discussed: 2H2 + O2 → 2H2O. If there are initially 12 g 
of H2 and 32 g of O2, which reactant is limiting? And 

how much water product can be made? 

Answer: Since balanced equations are in moles, 12 
g of H2 must be changed to moles by dividing by its 
molar mass of 2 g/mol. This gives us 6 moles of H2. 
Doing the same for the O2, we have 32 divided by the 
molar mass of O2, which is 32 g/mol. This gives us 1 
mole of O2. With 6 moles of H2, the balanced equation 
indicates that 3 moles of O2 would be needed for a 
complete reaction since the ratio of H2 to O2 is 2:1. 
Since we only have 1 mole of O2, there is not enough 
O2 to react with all the H2. This means that 4 moles of 
H2 will be left over since only 2 moles of H2 can react 
with the 1 mole of O2. Therefore, the H2 is said to be in 
excess, and the O2 is said to be the “limiting reagent.” 
The total amount of product that can be made, called 
the reaction yield, will be 2 moles of water, or 2 mol x 
18 g/mol = 36 grams. 
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SECTION III SUMMARY
 � The starting substances in reactions are called 

reactants, and the ending substances are called 
products. 

 � Synthesis reactions combine substances 
to make one product while decomposition 
reactions start with one reactant and break it 
apart.

 � Double replacement reactions have two 
reactants that trade anions to make new 
products. 

 � Single replacement reactions have an atom and 
a compound as reactants and then trade to have 
a different atom and compound as products. 

 � Metal atoms can replace metal ions based on 
the activity series of the metals.

 � Combustion reactions involve substances 
reacting with oxygen. If the reaction is with an 
organic molecule, the products will be carbon 
dioxide and water.

 � Antoine Lavoisier’s experiments led to the 
naming of oxygen and a better understanding 
of the process of combustion as well as the 
principle of conservation of mass.

 � The pH scale is a measure used to define the 

acidity of a water solution. Acidic solutions 
have a pH that is lower than seven, and basic 
solutions have a pH that is greater than seven. 
The Arrhenius and Brønsted-Lowry theories 
can explain why some substances are acids and 
others are bases. 

 � The equation for determining the pH is pH = 
– log[H3O

+], where H3O
+ is called hydronium 

or simply hydrogen ion concentration in pH = 
–log[H+]. 

 � An amphoteric substance can behave as either 
an acid or a base. Water is an example of an 
amphoteric substance.

 � A titration is a method used when acids and 
bases are mixed, and the pH is monitored as 
different amounts react. A titration uses a piece 
of equipment called a buret to measure the 
volume of solution added. 

 � In a titration, when the amount of acid equals 
the amount of base, the equivalence point 
or endpoint has been reached. This can be 
indicated by graphing, by using a pH indicator 
that changes color at the appropriate pH, or by 
using a pH meter.

 � Salts are products of acid-base reactions. Salts 
can be acidic, basic, or neutral depending upon 

FIGURE 77

Relationships among ∆G°, K, and E°cell .
Image from Chemistry, 7th edition, by Raymond Chang, published by McGraw-Hill, © 2002.
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Base  – any substance that produces an excess of OH– 
ions in aqueous solution

Beta decay  – radioactive atom decay that emits a 
charged particle; if this particle is negative, then 
it is an electron; if it is positive, then it is called a 
positron.

Beta particle  – a negatively charged or positively 
charged particle with the mass of an electron that 
is emitted in beta decay

Binary  – describes a substance made of two elements

Body-centered cubic  – a unit cell of a crystal where 
there is a particle at each corner of a cube and one 
in the center

Bohr model of the atom  – a model of the atom where 
electrons orbit the nucleus like planets around the 
sun, but at predetermined distances; electrons can 
transition from one orbit to a different empty one.

Boiling point  – the temperature at which the 
vapor pressure of a liquid substance equals the 
atmospheric pressure; normal boiling points are 
defined at 1 atmosphere of pressure.

Boltzmann constant  – defines the relation between 
absolute temperature and the kinetic energy 
contained in each molecule of an ideal gas; it is 
equal to 1.380649×10−23 J∙K−1.

Boyle’s law  – a gas law stating that the volume of a 
gas is inversely proportional to its pressure when 
the number of gas molecules and the temperature 
remain constant; P1V1 = P2V2

Brass  – an alloy of primarily copper and zinc with 
varying proportions of each metal

Brønsted-Lowry acid-base theory  – an acid-base 
theory based on the transfer of a proton; according 
to this theory, an acid is a proton donor, and a base 
is a proton acceptor.

Buret  – a liquid measuring device used in titrations; 
the liquid is dispensed through the bottom of the 
device via a stopcock that opens and closes to 
control the flow of liquid.

Calorimetry  – the measurement of heat evolution or 
absorption in chemical reactions

Calx  − the powdery substance that remains after a 
metal or mineral is burnt; now known as an oxide

Catalyst  – a substance that increases the rate of a 
chemical reaction by lowering the activation 
energy needed for the reaction by altering the 
reaction pathway

Cathode  – the negative electrode of an electrolytic 
cell and the site of reduction

Cation  – any positively charged ion

Cell potential  – electromotive force (emf) or cell 
voltage; the electrical potential difference between 
the two electrodes in an electrolytic cell

Charles’s law  − a gas law that states that at constant 
pressure, the volume of a fixed amount of gas is 
proportional to its absolute temperature

Chemical bond  – an attractive force that exists 
between two atoms such that the combination 
of atoms behaves as a unit that requires force 
(energy) to break apart

Chemical formula  – a written expression using 
symbols and subscripts to indicate the number 
and type of each atom in a chemical unit

Chrome plating  – the technique of electroplating a 
thin layer of chrome onto an object

Close-packed hexagonal  – a crystal structure based 
on a hexagonal unit cell layering

Colligative properties  – physical properties of 
solutions that depend on the ratio of the amount of 
solute to the solvent

Collision model  – a model used to explain reaction 
rates using the number of molecules colliding per 
second with a certain required minimum energy

Combustion  – a reaction involving oxygen as a 
reactant

Compound  – a group of atoms from at least two 
different elements chemically combined in a fixed 
ratio.

Concentration  – the measurement of how much solute 
is in a given amount of solution; depending on the 
type of problem, different types of concentration 
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Molality  – a measure of concentration in moles of 
solute per kilogram of solvent

Molarity  – a measure of concentration in moles of 
solute per liter of solution

Mole  – the amount of a substance containing 6.022 x 
1023 particles of the substance

Mole fraction  – a measure of concentration based on 
the number of moles of one substance compared 
to the total number of moles of all substances 
present

Molecular orbital theory  – a model that describes 
a molecule as a collection of nuclei and electrons 
in which the electrons occupy orbitals that extend 
over the entire molecule

Molecular solid  – a solid held together by weak 
intermolecular forces between the molecules; 
typical molecular solids have relatively low 
melting points and boiling points.

Molecule  – a group of atoms held together in a 
constant ratio by strong covalent bonds

Net ionic equation  – a type of chemical equation 
where spectator ions have been eliminated to 
highlight the actual chemical reaction taking place

Neutron  – a fundamental particle of matter found 
in the nucleus that has a mass of 1.009 amu but 
no electric charge; first identified by Sir James 
Chadwick in 1932

Nonpolar molecules  – a molecule without a net 
permanent dipole

Nonspontaneous  – describes a reaction that does not 
naturally occur in the direction indicated (from 
left to right)

Nucleus  – the very dense positively charged center 
part of the atom that contains the protons and 
neutrons and, consequently, most of the mass of 
the atom

Nuclide  – a nuclear species of an atom characterized 
by mass (protons + neutrons), charge (protons), 
and energy content

Octane  – a hydrocarbon with eight carbons in its 
chain, all of which are single bonded together and 

fully surrounded by hydrogen atoms; the chemical 
formula for octane is C8H18.

Orbital  – in an atom, the area in space around the 
nucleus where an electron is found; each orbital 
holds only one or two electrons. 

Organic  – describes compounds in which carbon is 
bonded, often to itself, in chains or rings; organic 
compounds usually contain many hydrogen 
atoms.

Oxidation number  – the number of electrons that 
must be added to or subtracted from an atom 
of an element in a compound to convert it to its 
elemental state of zero charge

Oxidation-reduction  – a type of reaction where one 
reactant loses one or more electrons while another 
reactant gains those electrons; often abbreviated 
“redox”

Oxidation state  – essentially equivalent to oxidation 
number (see above); the number that indicates the 
oxidation state is equal to the effective charge on 
an atom.

Period  – a row on the periodic table; period 1 has 
only H and He

Periodic table  – a table showing all the elements, 
symbols, and masses arranged into seven rows and 
eighteen columns according to increasing proton 
number and similar electron configurations

pH  – a number scale that indicates whether a solution 
is acidic or basic; in aqueous solutions, a pH below 
seven indicates an acid while a pH above seven 
indicates a base

pH indicator  – a species that has a different color 
at different pH values, typically one color in acid 
and a different color in base; this color change can 
indicate the endpoint of a reaction.

pH meter  – an instrument used to indicate the pH of 
a solution

Phase  – a state of matter such as a solid, liquid, or gas

Phase diagram  – a diagram that shows the temperature 
and pressure conditions of a pure substance as it 
changes from one state of matter to another


