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As the semester draws to a close, the prospect of a General Chemistry 1 final exam can feel
overwhelming. You have covered a vast landscape of concepts, from the structure of the atom to the
intricacies of chemical bonding and reaction stoichiometry. The key to success is not simply
memorizing facts, but building a cohesive understanding of how these fundamental principles
interconnect. This guide is designed to be your roadmap. It will break down the core topics you need
to review, provide strategic study approaches, and help you approach your final with confidence.
Whether you are aiming for a top grade or just hoping to solidify your grasp of the material, this
comprehensive resource will help you focus your efforts effectively.

A successful study plan for your General Chemistry 1 final requires more than just reading your
notes. It demands active recall and application. Before you dive into the specific content areas,
gather your class notes, textbook, homework assignments, and any practice exams. This guide will
serve as a scaffold upon which you can build your review. Let us begin by breaking down the
essential building blocks of matter and energy, then we will progress to the more complex
interactions that define chemical systems.

The Foundation: Atomic Structure and
Periodic Trends

Any meaningful study of chemistry must begin with the atom. Your final exam will almost certainly
test your understanding of atomic theory and its evolution from Dalton to the quantum mechanical
model. You need to be comfortable with the concept of quantized energy levels and how electrons
occupy orbitals. Key models to review include the Bohr model for hydrogen and the modern
guantum mechanical view of electron clouds, defined by quantum numbers. The principle quantum
number (n), angular momentum quantum number (l), magnetic quantum number (ml), and spin
quantum number (ms) are not just abstract concepts; they dictate the shape, size, and orientation of
atomic orbitals.

The arrangement of electrons, specifically the electron configuration for elements, is a cornerstone
skill. You should be able to write full and noble gas shorthand configurations, understanding the
Aufbau principle, Hund's rule, and the Pauli exclusion principle. A common exam question involves

identifying an element based on its electron configuration or predicting the charge of an ion based
on its tendency to achieve a noble gas configuration (the octet rule). This leads directly into periodic
trends, a high-yield topic. You must be able to explain and predict trends in atomic radius, ionization
energy, electron affinity, and electronegativity across periods and down groups. For example,
understanding why fluorine has a higher ionization energy than iodine is crucial for explaining the
properties of compounds. These trends are not just facts to memorize; they are tools for predicting
chemical behavior.

The Language of Chemistry: Compounds,
Nomenclature, and Bonding

Once you have a handle on atoms, you need to understand how they combine. Nomenclature, or the
naming of chemical compounds, is a foundational skill that will be tested throughout your exam. You
must be able to confidently name and write formulas for ionic compounds (including those with
transition metals that have variable charges) and covalent (molecular) compounds. Pay special
attention to binary acids and oxyacids, as these often trip students up. A quick tip: if the anion ends
in "-ate," the corresponding acid is "-ic acid"; if it ends in "-ite," the acid is "-ous acid."

Beyond naming, you need to understand the forces that hold atoms together. This is the realm of
chemical bonding. You should be able to differentiate between ionic bonds (electron transfer
between a metal and a nonmetal) and covalent bonds (electron sharing between nonmetals).
Mastering the Lewis dot structure is non-negotiable. You must be able to draw Lewis structures for
molecules, calculate formal charges to determine the most plausible structure, and understand the
concept of resonance when multiple structures are needed to describe a molecule. For example, the
ozone molecule (Os) requires resonance to explain its equal bond lengths. Do not forget about
exceptions to the octet rule, such as molecules with incomplete octets (like BFs), expanded octets
(like PCls and SFs), and odd-electron species (like NO2).

Predicting Molecular Shape: VSEPR Theory
and Polarity

Knowing the connectivity of atoms in a molecule is just the first step. The Valence Shell Electron Pair
Repulsion (VSEPR) theory allows you to predict the three-dimensional shape of a molecule. Your
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General Chemistry 1 final will likely ask you to determine the electron domain geometry and the
molecular geometry from a Lewis structure. You must be aware that lone pairs of electrons occupy
more space than bonding pairs, repelling them and reducing bond angles. Review the common
geometries: linear, trigonal planar, tetrahedral, trigonal pyramidal, bent, trigonal bipyramidal, and
octahedral. For instance, water (H20) has a tetrahedral electron domain geometry but a bent
molecular geometry due to its two lone pairs, resulting in a bond angle of about 104.5 degrees.

Finally, the shape of a molecule directly determines its polarity. A molecule is polar if it has a net
dipole moment, which requires polar bonds and an asymmetric shape. You should be able to draw
molecular dipoles and determine if a molecule is polar or nonpolar. This has profound implications
for physical properties like boiling point and solubility, which often appear on exams. For example,
carbon dioxide (COz2) is linear and nonpolar, while water (H20) is bent and polar. This difference
explains why oil (nonpolar) does not dissolve in water (polar).

The Central Science: Stoichiometry and
the Mole Concept

Stoichiometry is the quantitative heart of chemistry, and it will be a significant portion of your final
exam. The mole is the central unit, serving as the bridge between the atomic world and the
macroscopic world we can measure. You must be able to convert between grams, moles, and atoms
or molecules. The key relationships are: Moles = Mass / Molar Mass, and Moles = Number of Entities
/ Avogadro's Number (6.022 x 1023). You should be comfortable with percent composition and
empirical/molecular formula problems. For example, if a compound contains 40.0% carbon, 6.7%
hydrogen, and 53.3% oxygen by mass, can you find its empirical formula?

A major application of the mole is in reaction stoichiometry. Given a balanced chemical equation,
you must be able to relate the amount of one substance to another. This is a multi-step process:
convert the given substance to moles, use the mole ratio from the balanced equation, and then
convert to the desired substance. Pay careful attention to the limiting reactant concept. In a
chemical reaction, the reactant that is completely consumed first will limit the amount of product
formed. You must be able to identify the limiting reactant and then calculate the theoretical yield of
the product. From there, you can find the percent yield using the formula: (Actual Yield / Theoretical
Yield) x 100%. A common exam scenario involves mixing two solutions and asking for the mass of a
precipitate formed or the concentration of ions left in solution.

Chemical Reactions and Solution

Chemistry

A deep understanding of reaction types is essential. Your general chemistry 1 final exam will expect
you to identify and balance various kinds of chemical reactions. Review synthesis, decomposition,
single displacement, double displacement (including precipitation reactions), and combustion
reactions. For precipitation reactions, you must be able to use solubility rules to predict which
product forms a solid. For example, when you mix silver nitrate (AgNOs) and sodium chloride (NaCl),
you get solid silver chloride (AgCl). You should also be able to write complete ionic equations and
net ionic equations, which show only the species that actually change in the reaction. This is known
as metathesis chemistry.

Solution chemistry is another major topic. You need to be comfortable with molarity (M = moles of
solute / liters of solution), and how to perform dilution calculations using the formula MiVi = M2Va. A
classic exam problem involves preparing a dilute solution from a concentrated stock solution. You
also need to understand the concept of electrolytes: strong electrolytes (like NaCl) dissociate
completely, weak electrolytes (like acetic acid) dissociate partially, and nonelectrolytes (like sugar)
do not dissociate at all. Finally, be prepared for solution stoichiometry problems where you use
molarity as a conversion factor to relate the volume of one reactant to the moles of another.

The Science of Heat: Thermochemistry

Thermochemistry, the study of heat changes in chemical reactions, is a critical topic to review. The
first law of thermodynamics, which states that energy cannot be created or destroyed (only
transferred or converted), governs all of chemistry. You need to understand the difference between
an exothermic reaction (releases heat, AH < 0) and an endothermic reaction (absorbs heat, AH > 0).
A key skill is being able to draw enthalpy diagrams showing the relative energy of reactants and
products. Look for the activation energy barrier, which is the energy required to start the reaction.

You will need to calculate the heat absorbed or released by a chemical system. The fundamental
equation is g = mcAT, where g is heat (in Joules or calories), m is mass, c is specific heat capacity,
and AT is the change in temperature. You must know the specific heat capacity of water (4.184
J/9°C) by heart. Calorimetry problems, where you measure temperature changes in a calorimeter to
find the enthalpy of a reaction, are very common. Look at both coffee-cup calorimetry (constant
pressure, giving AH directly) and bomb calorimetry (constant volume, giving AE). Finally, review
Hess's law, which states that the total enthalpy change for a reaction is the sum of the enthalpy
changes for each step in the reaction. This also means you should be comfortable working with
standard enthalpies of formation (AH°f) to calculate the enthalpy of a reaction using the formula:
AH°reaction = ZAH°f(products) - ZAH f(reactants).
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Gases: The Kinetic Molecular Theory and
Gas Laws

Gases are a distinct state of matter with unique properties, and the gas laws are a staple of any
General Chemistry 1 final exam. You should be able to solve problems using the ideal gas law: PV =
NRT. Remember that R is the ideal gas constant, and you must choose the correct value (0.0821
L-atm/mol-K is the most common). You should also know the other gas laws that are derived from
the ideal gas law: Boyle's law (P1V1 = P2V: at constant T and n), Charles's law (V1/T1 = V2/T2 at
constant P and n), and Avogadro's law (Vi/n1 = V2/n2 at constant T and P). A typical exam problem
might involve a gas undergoing a change in two or more conditions, requiring you to use the
combined gas law (P1V1/T1 = P2V2/T2).

Understanding the kinetic molecular theory (KMT) of gases is essential for explaining the gas laws on
a molecular level. The KMT states that gas particles are in constant, random motion and that their
collisions are elastic (no net loss of kinetic energy). The theory explains that the average kinetic
energy of gas particles is directly proportional to the absolute temperature. This means that at the
same temperature, heavier gas molecules move slower than lighter ones (Graham's law of effusion).
You should also be comfortable with Dalton's law of partial pressures, which states that the total
pressure of a gas mixture is the sum of the partial pressures of each component (P, = P1 + P2 + P3
+ ...). A common application involves collecting a gas over water and correcting for the vapor

pressure of water. Finally, spend some time reviewing the deviations from ideal behavior at high
pressures and low temperatures, where intermolecular forces and molecular volume become
significant.

Advanced Bonding and Molecular Orbital
Theory

While VSEPR gives you the shape of a molecule, it does not fully explain the nature of the bonds
themselves. For your final exam, you may need to understand Valence Bond Theory and Molecular
Orbital (MO) Theory. Valence Bond Theory describes bonding as the overlap of atomic orbitals to
form a sigma (o) bond and pi () bonds. A single bond is a 0 bond, a double bond is one 0 and one
bond, and a triple bond is one o and two n bonds. You should understand that o bonds form from
head-on overlap (like an s-s or s-p orbital), while m bonds form from sideways overlap of p orbitals.

Molecular Orbital Theory provides a more complete picture, especially for predicting the magnetic
properties of diatomic molecules. In MO theory, atomic orbitals combine to form molecular orbitals
that are spread over the entire molecule. Bonding orbitals (lower in energy) are constructed from
constructive interference, and antibonding orbitals (higher in energy) from destructive interference.
You should be able to fill MO diagrams for simple homonuclear diatomic molecules (like Oz, N2, F2).
The bond order is calculated as (number of bonding electrons - number



