
Chemistry 161 – Exams Study Guide 

Chapter 1 – Chemical Foundations 
 

Know the names of the first 20 elements of the periodic 

table (given the symbol, come up with the name)! 

 

Significant Figures 

• Identify the number of significant figures or digits In 

measurements (uncertainty) 

• Be able to perform mathematical operations (add, 

subtract, multiply, divide) on measured numbers and 

keep track of the correct number of significant figures 

• Know the difference between exact and measured 

numbers 

Rounding and Scientific Notation 

• Know the rules for rounding 

• Convert numbers into scientific notation 

• Solve problems using dimensional analysis with 

conversion factors, showing all work 

Metric system 

• Know all the prefixes given in Chapter 1 packet, p. 7 

• Be able to perform metric-metric conversions using these 

prefixes 

• Know 1 cm3  ≡ 1 mL and 1 dm3  ≡ 1 L 

• Use the given metric-English conversions (1 in. ≡ 2.54 cm; 

1 lb = 453.6 g; 1 qt = 946 mL) 

o Not necessary to memorize the English -> Metric 

conversions themselves 

Volume 

Be able to calculate volume by calculation 

• Be able to calculate volume by displacement 

• Classification of matter: elements, compounds, mixtures 

o Given formulas, determine which are elements, 

compounds, or mixtures of elements and 

compounds 

o Given molecular-level images, determine which are 

elements, compounds, or mixtures and solids, 

liquids, or gases 

Density: 

• d = mass/V 

• Be able to determine density, mass, or volume given the 

other two quantities 

• Identify what items sink or float in a given liquid given the 

densities of the liquid and other substances. 

 

Percentage: ratio of parts per 100 parts 

• Given amount of part and whole, calculate % 

• Use a given % to solve for part or whole 

 

Temperature 

• Know the formulas for converting °F-to-°C or °C-to-°F and 

K-to-°C or °C-to-K 

 

Physical/Chemical Change 

Be able to identify properties and changes as physical or 

chemical  

 

Physical states of matter 

o Determine physical state of substances (solids, 

liquids, gases) given descriptions of volume, shape, 

particles moving, etc. 

• Know terms for changes of state: Melting, freezing, 

vaporizing, condensation, sublimation, deposition 

 

Chapter 2 – Atoms, Molecules, Ions 
 

Know the fundamental laws: 

1. Law of Constant/Definite Composition 

The elements in a compound are always present in the 

same mass ratio. 

2. Law of Multiple Proportions 

When two elements are in different compounds, 

comparing equivalent masses of the elements between 

compounds always produces small whole numbers. 

3. Law of Conservation of Mass 

Mass is neither created nor destroyed in chemical 

reactions. 

 

Know the main postulates of Dalton’s Atomic Theory: 

1. Elements are made of tiny, indivisible particles called 

atoms.** 

2. All atoms are identical, but the atoms of different 

elements are fundamentally different.** 

3. Compounds form when elements combine with each 

other. A given compound always has the same types and 

numbers of atoms. 

4. In chemical reactions, atoms remain unchanged. But they 

do reorganize into new configurations. 

 

** Statements 1 and 2 were later proven wrong: 

1. Atoms are divisible in nuclear reactions and during 

radioactive decay 

2. The atoms of an element can differ in the number of 

neutrons (and therefore in the weight). 

 

 



Memorize the following polyatomic ions: 

NH4
+ =   ammonium ion   

CO3
2– =   carbonate ion 

HCO3
– =   hydrogen carbonate 

SO4
2– =   sulfate ion   

SO3
2– =   sulfite ion    

OCl– =   hypochlorite ion 

C2H3O2
– =  acetate ion    

NO3
– =   nitrate ion  

CN– =   cyanide ion    

NO2– =   nitrite ion  

PO4
3– =   phosphate ion    

HPO4
2– =  hydrogen phosphate ion 

H2PO4
2- =  dihydrogen phosphate ion  

OH– =   hydroxide ion 

 

Know Rutherford’s Alpha Scattering Experiment and what 

was determined from it, i.e., the nucleus is extremely small, 

dense, and positively charged, and most of the atom is 

actually empty space. 

 

Subatomic particles  

–proton (p+):  +1 charge, inside nucleus  

–neutron (n):  neutral, inside nucleus  

–electron (e–):  –1 charge, outside nucleus  

 

Determine the number of atoms of an element in a 

compound given the chemical formula. 

Electrostatic force: force resulting from a charge on 

particles/objects 

o Objects w/ like charges repel one another. 

o Objects w/ unlike charges attract each other. 

 

Atomic notation:  

  
 

= element symbol  

mass NUMBER (A):  # of protons + # of neutrons   

atomic NUMBER (Z):  # of protons = # of electrons 

(except if an ion; then Z does not equal # of electrons)  

 

Be able to give atomic notation for any element given 

element name/symbol & mass number  

Isotopes 

Know definitions of isotope, atomic mass  

Determine # of protons, neutrons, and electrons for any given 

isotope, or ion of that isotope.  

Describe how isotopes of an element differ from one 

another. 

The Periodic Table  

column = (group, family) row = (period)  

Use the Periodic Table to identify the most abundant isotope 

of any element given its naturally occurring isotopes.  

 

valence electrons:  outermost electrons  

 The group number for each element is equal to the 

number of valence electrons it has  

 Know Representative Elements usually form ions that are 

isoelectronic with a Noble Gas   

 

ionic compound: a compound consisting of metal cations and 

anions held together by ionic bonds  

ionic bond: electrostatic attraction holding cations and anions 

together in an ionic compound  

 

Recognize that ionic compounds exist as a 3-dimensional 

network of ions (ionic lattice)  

- The formula indicates the ratio of ions. 

At 25°C ionic compounds are solids with very high melting 

points.  
 

Naming ionic compounds:  

Given formula of a compound, determine name.   

• Cation name + anion name (don’t write “ion”) 

•  IA, IIA, Al, Ag, Zn, Cd don't need Roman #s  

•  All other metal ions need Roman #s  

Given the name of a compound, write the formula 

 

Naming cations:  

-Group IA, IIA, Al, Ag, Zn, Cd: element name + ion  

- All other metals - Stock system:  

- element name (charge in Roman #s) + ion   

 

Naming anions: nonmetal stem + "-ide" + ion  

Know the ions formed by the Representative (A Group) 

elements using a Periodic Table (Groups 1 – 3)  

 

covalent bond:  sharing of electrons between two nonmetal 

atoms  

molecule (or molecular compound): a compound consisting 

of nonmetal atoms held together by covalent bonds  

 

Identify a compound as an ionic compound or molecule given 

its name or chemical formula.  

 

Naming binary molecular compounds:  

- Know and use Greek prefixes to indicate number present 

when more than one atom of an element present  

- Diatomic elements: H2, N2, O2, F2, Cl2, Br2, I2 

- (Horses Need Oats For Clear Brown “Eyes”) 

 



Chapter 3 – Stoichiometry 
 

Chemical reaction: 

o reactants: starting materials 

o products: substances produced in reaction 

 

Writing chemical equations 

 Include physical state, correct formulas, coefficients, and 

subscripts 

 Identify reactants, products, and symbols over/below the 

reaction arrow (e.g., what does Δ mean?) 

 Be able to write and balance a chemical equation given a 

word equation 

 
Balancing Equations  

Change coefficients, NEVER subscripts to get the same # on 

both sides in the following order:   
1. Balance metals.  
2. Balance polyatomic ions – Keep as one unit.  
3. Balance hydrogen atoms.  
4. Balance carbon atoms.  
5. Balance oxygen atoms.  
6. Balance all other atoms.  
 

Mole Concept and Calculations 

Explain the term “mole” and describe the relationship 

between moles and atomic weight. 

Avogadro's number = 6.022x1023  

Molar Mass - Be able to get molar masses (in g/mol) for 

atoms and compounds  

Mole calculations using  

- Avogadro's Number (N): 6.022 x 1023   

- Molar masses of atoms and compounds (find by adding 

molar masses of constituent atoms)  

Examples:  

- Convert from mass  moles or moles  mass, for either 

individual elements OR compounds 

-  Find the # of atoms or molecules, given mass or moles, and 

vice versa 

 

Percentage composition:  

-Find percent composition of all elements in a compound 

given formula or name of compound  

-Use the formula or name of compound and its percent 

composition to determine the mass of one  or more elements 

in a sample of the compound.  

Use mass percent information to determine the empirical 

formula. 

Given molar mass and mass percent information, determine 

the molecular formula of a compound 

 

Stoichiometry 

 Use mole-to-mole ratios to relate and calculate amounts 

of reactants/products in a reaction 

 Given masses of reactants, be able to predict (calculate) 

moles of reactant/product (and vice versa) 

 

Limiting Reactant Problems  

 Calculate the mass of product that can be made using the 
given amounts of each reactant and the balanced 
chemical equation.  
 
– Either solve for amounts of products made with each 
reactant or solve using the least-reactant method (i.e., 
determine if there is enough of one reactant to react 
completely with the other)  
 

 Indicate the limiting reactant (or reagent) and the 
reactant(s) in excess.  

 Calculate the amount of reactant in excess that remains 
after the reaction.  

 

Yields of Reactions  

 Theoretical yield: amount of product predicted using the 
balanced equation when limiting reagent is used up (can 
be calculated)  

 Actual yield: amount of product actually obtained in the 
reaction; it is less than the theoretical yield 

 Percent yield: Divide the actual yield by the theoretical 
yield and multiply by 100% 

 

EXAM 1 COVERS THE MATERIAL ABOVE 
 

Chapter 4 – Chemical Reactions and 

Solution Stoichiometry 
 

Electrolytes 

Know the relative conductivity of solutions of strong, weak, 

and non-electrolytes 

 Strong electrolytes: soluble ionic compounds, strong 

acids (HCl, HI, HBr, HClO4, HNO3) strong bases (KOH, 

NaOH, LiOH, RbOH, Ba(OH)2) 

 Weak electrolytes: weak acids and bases (any acids or 

bases that are not strong) 

 Non electrolytes: soluble covalent compounds like sugar, 

methanol, ethanol, etc. 

 

Concentration: 

 Calculate molarity = mol/L 

 Be able to use the dilution equation to calculate molarity 

upon changes in solution volume 

 Calculate changes in molarity upon serial dilution of a 



solution (as in the homework) 

 

 

Precipitation Reactions 

Be able to complete a precipitation reaction equation by 
predicting the formulas and physical states of products; and 
balance the resulting equation correctly 
 

 Be able to draw the major species (ions or compounds) 
present in solution, given a chemical formula or chemical 
equation.  

 Know that ionic compounds and strong acids/bases 
dissolve by breaking into separate, solvated ions 

 Know how to use the Solubility Rules to determine if 

an ionic compound is soluble or insoluble 
 
Molecular Equations and (Net) Ionic Equations  
 

 Molecular Equation: compounds shown intact  

 Complete/Total Ionic Equation:  
– shows strong electrolytes as separated ions  

 Spectator Ions:  
-– ions that remain unchanged  during a reaction  

 Net Ionic Equation:  
– Shows what substances change in a chemical reaction, 
i.e., reactants and products that …   

 … form a new solid (e.g., BaSO4 (s), Fe(s)) 

 … form a new gas or liquid (e.g., CO2, H2, H2O, NH3, 

etc.) 

 ... form a new kind of ion (e.g., Fe
2+

 from Fe
3+

) 

 

Guidelines for writing Net Ionic Equations:  
1. Complete and balance the molecular/chemical equation  
2. Leave solids, liquids, gases, weak electrolytes as 

compounds; break strong electrolytes into ions  
3. Cancel spectator ions  
4. Simplify coefficients if possible  
5. If all reactants and products cancel (they are all spectator 

ions), then write → NR  
 

Acid-Base Reactions 

 Be able to identify the acid and base in a chemical 
reaction 

 Write the net ionic reaction for the reaction between an 
acid and a base (producing the product water) 

 Identify weak acids vs. strong acids 

 Define the difference between a weak acid vs. a strong 
acid (strong ionizes 100%, weak ionizes less so, usually < 
3%) 

 

Oxidation Reduction Reactions 

 Be able to define oxidation (loss of electrons) and 
reduction (gain of electrons) 

 Define oxidizing agent and reducing agent 

 Be able to determine oxidation numbers for all the 

elements/atoms/ions in a chemical equation.  

 Use oxidation numbers to determine if a chemical 
equation represents a redox reaction.  

 Use oxidation numbers to determine which  reactant was 
oxidized (acted as reducing agent) and which  reactant 
was reduced (acted as oxidizing agent)  
 

Chapter 5 – Gases 
 

Kinetic Molecular Theory 

 State the postulates about the nature of a gas that are a 

part of the kinetic theory of gases. 

 Describe the relationship between temperature and 

molecular motion according to the Kinetic Theory of 

Gases. 

o What does this imply about molecular motion at 

absolute zero? 

 Describe or graph the distribution of speeds for gases of 

different molar mass and/or different temperature 

 Describe the molecular level events that create pressure 

in a gas 

 

Experimental Gas Laws 

Describe how a mercury barometer works, and explain what 

is meant by atmospheric pressure.   

Give verbal and mathematical definitions of the following 

laws, and state the special conditions under which each 

applies: 

 Boyles’ Law 

 Charles’ Law 

 Graham’s law of effusion 

 The perfect gas law (PV = nRT) 

 Dalton’s law of partial pressure 

 

Dalton’s Law of Partial Pressure: 

– Use Dalton’s Law (Ptotal = P1 + P2 + P3 + …) to solve for total 

pressure or the partial pressure of one gas in a mixture 

– Recognize that when a gas is collected over water, the total 

pressure is due to water vapor and the gas 

 

Gas law calculations 

Solve for a variety of problems involving gases 

• Given 2 sets of conditions, solve problems using 
    

  
 

    

  
, including canceling variables that stay 

the same to simplify. Recognize the temperatures 

(T’s) must be in Kelvins. 

• Use the ideal gas law (PV=nRT) to solve for P, V, n, or T or 

density or molar mass 
 

Note:          
     

     
   will be given, along with gas laws 



equations 

 

Examples of Gas Law calculations 

• Find the new V, P, or T of a gas given information about 

the other variables 

• Determine the molar mass of a gas given volume, 

pressure, temperature, and gas density. 

• Find # atoms and/or molecules in gas at STP given mass 

or volume (PV = nRT) 

• If given the volume, temp, and/or pressure of a gas, find 

the volume, temp, and/or pressure under new conditions 

(P1V1 / T1 = P2V2 / T2 … combined gas law) 

  

Standard temperature & pressure (STP): T=0°C and P=1.00 

atm  

Molar volume: 1 mole of any gas at STP occupies 22.4 L   

-Molar volume at STP: 22.4L/mole  

Examples 

 Find # atoms and/or molecules in volume of element or 

compound at a given pressure, temp, volume  

 Find mass of gas at a given pressure, temp, volume 

 Calculate the volume of one mole of an ideal gas at STP. 

 Calculate changes in volume, pressure, temp, etc., using 

gas laws under changing conditions 

 Perform calculations involving any of the gas laws, 

including their use with "wet" gases (i.e., perform 

calculations on gases collected over water, which include 

water vapor). Define vapor pressure 

 Be able to calculate the molar mass of a gas, given the 

relative rate at which it effuses/diffuses compared to a 

gas of known molar mass 

 Calculate the root mean square speed of a gas 

 

Gas Stoichiometry 

Use the gas laws in working out stoichiometric relationships 

in reactions involving gases. 

 

Real Gases 

 Explain the assumptions that define an ideal gas from the 

point of view of the kinetic theory, and explain the 

factors that make real gases behave differently. 

 Discuss the van der Waals equation in terms of applying 

corrections to the ideal gas law. 

 Make correlations between the sizes of the van der 

Waals constants and the sizes of gas molecules and the 

possible forces of attraction between them. 

 

 

EXAM 2 COVERS THE MATERIAL ABOVE 
 

Chapter 6 – Thermochemistry 
Sections: 6.1 – 6.4 only (not 6.5 and 6.6, on alternative energy 

sources) 

 

Distinguish between kinetic energy and potential energy.   

Give examples of both at the molecular scale 

 Kinetic energy: velocity and mass 

o Rotations, Vibrations, Translations 

o ½ mv2 

 Potential energy:  Energy due to position 

o A person on the second floor: held in position by the 

floor, but attracted to the center of the earth 

o chemical bonds: two atoms in permanent position, 

electrostatically attracted to each other 

o electrons in orbitals, attracted to a nucleus but 

orbiting at a certain distance  

o ions in an ionic lattice, held in position in the midst of 

electrostatic attractions 

 

Name the SI unit of energy and define it. (Hint: starts with a J) 

 

Define the terms:  

system  

surroundings  

endothermic change  

exothermic change 

enthalpy 

state function  

calorimeter 

specific heat capacity 

molar heat capacity 

Hess’s law 

standard enthalpy of formation 

enthalpy of reaction 

standard state 

 

Distinguish between heat and temperature.  

 heat = flow of thermal energy (random molecular 

motion) from one substance to another 

 temperature: a measure of the average kinetic energy of 

particles in a substance 

 

Define heat and work in terms of the flow of energy into and 

out of a system 

 heat flow out  q is negative 

 heat flow in  q is positive 

 work done on system  w is positive 

 work done by system  w is negative 

Distinguish between exothermic and endothermic 

processes.   



 

Calculate PV work given appropriate values of internal 

energy, heat flow, volume change, pressure, etc. 

 Convert PV work (in units of L·atm) to Joules 

o 1 L·atm = 101.3 J (conversion given on exam) 

 

Know the conventional definition of standard states for 

thermodynamic functions (such as enthalpy change) (p. 255, 

Zumdahl) 

 

Define specific heat capacity (c), molar heat capacity (Cm), 

and heat capacity (C), so that the concepts are 

distinguishable.  

 

Heat Capacity calculations 

 q = mcΔT = nCmΔT = CΔT 

 Convert specific heat capacity to molar heat capacity 

for an element/compound 

 Use specific heat and heat capacity in calculations, as 

in the chapter homework problems and laboratory 

 Calculate the heat capacity of a calorimeter using the 

temperature change occurring when hot and cold 

water are mixed in the calorimeter (as in the lab) 

 Use heat capacity data and temperature changes 

that occur in a calorimeter to calculate ∆Hrxn for 

constant-pressure changes.  

 

Hess’s Law thermochemistry calculations 

 Hess’s Law: The heat change for a reaction is the 

same whether the reaction occurs in a single step or 

separate steps, i.e., the heat changes of all the steps 

in a reaction are the same as the heat change for the 

overall reaction 

 Given the molar enthalpy change for a reaction in 

kJ/mol, calculate the amount of heat flow given 

amounts of products/reactants in the reaction 

 Use Hess’s law to calculate the enthalpy change for a 

reaction, by summing/multiplying a set of given 

reactions (see Zumdahl problems 69 – 74) 

 Use standard enthalpies of formation (ΔHf
0) to 

calculate the enthalpy of reaction 

 

Chapter 7 – Atomic Structure 
 

Define/describe the following terms 

 wave function 

 quantization 

 orbital 

 de Broglie wavelength 

 wave-particle duality 

 photoelectric effect 

 electromagnetic wave 

 probability distribution function 

 radial probability distribution function 

 standing wave 

 Heisenberg uncertainty principle 

 photon 

 node 

 

Be able to draw or label an electromagnetic wave, showing 

 wavelength (λ, meters): distance between peaks  

 frequency (f or ν, Hz): number of waves per second 

 speed (c, m/s): speed of light, 3.00 x 108 m/s 

 amplitude: height of waves 

 

Determine frequency, wavelength, energy, mass of an 

electron or photon, given other information 

 

Equations 

c = λν 

  
 

  
 (de Broglie wavelength) 

        
  

 
              (

 

      
  

 

        
 ) 

        
  

 
 = hν = ΔE of electron changing E level 

 

 Calculate the wavelength of different frequencies of 

light, and vice-versa 

 Determine wavelength of emitted/absorbed light or 

change of energy (given wavelength) when electrons 

change energy levels in the hydrogen atom 

 Calculate the ionization energy of a hydrogen-like 

(hydrogenic) atom 

 Calculate the wavelength of light emitting by various 

electronic transitions  

 Calculate the energy of light of a certain wavelength, and 

vice-versa  

 Be able to derive the de Broglie wavelength, given E = 

mc2 =  
  

 
, substituting ν for c. 

 

 

Know which type of light has higher energy (red or blue) 

(blue light has shorter wavelength -> higher energy) 

 

Be able to discuss how the emission and absorption spectra 

of the elements provides evidence that electron energies are 

quantized 

 



Be able to explain the photoelectric effect, Einstein’s 

proposed solution, and how it provides evidence that light is 

fundamentally quantized 

 

Explain briefly how the double-slit experiment provides 

evidence that electrons can behave as waves 

 

Know the essential features of the Bohr model of the atom 

 

Quantum Mechanics: Electronic Structure of the Atom 

Know shapes of the subshells: s and p orbitals 

 Know how many orbitals are in an “s” subshell vs. a “p” 

subshell 

 Know how many electrons can fit in a single orbital 

 Explain what nodes are in orbitals in terms of probability 

(radius where probability = 0) 

 Identify the four quantum numbers (n, l, ml, and ms) and 

be able to use them to identify or label an electron in an 

atom. 

 

Electron Configurations: 

 Define isoelectronic (same number of electrons) 

 Explain why the orbitals of polyelectronic atoms are not 

degenerate 

 Be able to write electron configurations for all elements 1 

– 56, using full notation (where Na = 1s2 2s2 2p6 3s1) and 

core notation where Na = [Ne] 3s1). 

 Predict, write, and explain the anomalous electron 

configurations of Cu, Ag, Cr, Mo, etc., and ions 

isoelectronic with them.  

 Write accurate electron configurations for ions, including 

transition metal ions (whose 4s, 5s, 6s electrons are 

ionized first) 

 

Know the following terms: 

 Penetration: Areas of high electron density near the 

nucleus for some orbitals 

 Screening/shielding: The reduction in effective nuclear 

charge that occurs when an inner electron moves 

between the nucleus and an outer electron 

 Degenerate: Having the same energy 

 Valence electrons: the electrons in the outermost 

principal quantum level of an atom 

 Core electrons: All electrons that are not valence 

electrons. 

 Nodes: regions of zero probability density in an orbital 

 

 

 

Heisenberg Uncertainty Principle 

 Calculate the uncertainty in position or momentum, given 

Δx · Δ(mν) = h/4π 

 Compare the relative uncertainty associated with small 

mass objects (electrons, protons, etc.) to the uncertainty 

of larger mass objects (baseballs). 

 

Schrodinger Equation 

 Describe the physical meaning of the wave function, 

where ψ2 = probability of finding an electron in a specific 

location 

 Explain radial probability distribution functions as the 

probability of finding an electron on a surface of area 

4πr2: 

o Probability = 4πr2ψ2 

 

Be able to identify the largest or smallest species in a series of 

isoelectronic ions and atoms, and/or assess the relative size of 

the ionization energy of these species (hint: only the # of 

protons differs in these…) 

 

EXAM 3 COVERS THE MATERIAL FROM 

EXAM 2 TO HERE 
 

Periodic Trends 

Be able to define atomic radius, ionization energy, and 

electron affinity 

Atomic radius: 

 Increases down a group 

 Decreases left to right along a period 

Ionization Energy (energy to remove an electron) 

 Runs opposite of atomic radius 

Ionic size 

 Cations are smaller than their parent atoms 

 Anions are larger than their parent atoms 

 Trends mirror trends for atomic size, except that anions 

are larger than cations across a period 

o O2- is larger than Na+ 

Electron Affinity (energy to add an electron to an atom) 

 Most relevant for halogens and other non-metals (which 

actually form anions) 

 Runs opposite of atomic size: small size atoms have 

larger electron affinities 

 Usually this is opposite in sign to ionization energy 

o Energy in: causes electrons to ionize 

o Adding electrons: causes electron to be released 

 

Explain periodic trends by using terms such as electron 

shielding, electron repulsion, effective nuclear charge, etc. 

 



Chapter 8 – Bonding  

 

Know how Coulomb’s law predicts the energy of interaction 

between two charged particles, as both the charges of the 

particles and the radius between them change: 

 

    (
    

 
) 

 

Be able to draw and explain Figure 8.1, showing potential 

energy vs. internuclear distance. 

 

Define and use the following terms appropriately: 

Bond length and bond strength 

Covalent bonding vs. ionic bonding 

Bond order 

Bond length 

Lone pair vs. bonded pair 

Octet vs. duet rule 

Polar covalent 

Dipole moment 

Partial positive vs. partial negative charge 

Lattice Energy 

Bond energy 

 

electronegativity (EN): ability of an atom in a bond to draw 

electrons to itself  

– Know F is most electronegative, further  away from 

F, less electronegative an atom.  

Polar covalent: a bond containing two non-metal atoms with 

differing electronegativities (i.e., two different non-metals) 

 

polar covalent: unequal sharing of electrons by 2 atoms with 

different EN values   

nonpolar covalent: equal sharing of electrons by two atoms 

with equal EN  

Draw dipole arrows to indicate which atom in a bond is more 

electronegative  
 

bond length: distance between nuclei of 2 bonded atoms  

• shorter the bond, the stronger the bond  

• single bonds are the longest and weakest  

• double bonds are shorter and stronger  

• triple bonds are the shortest and strongest  

 

Calculating ∆H from bond energies: 

∆H = (sum of bond energies for reactants) – (sum of bond 

energies for products)  

 Be able to calculate ∆Hrxn from a table of bond energies 

 

 

Ionic size 

 Cations are smaller than their parent atoms 

 Anions are larger than their parent atoms 

 Trends mirror trends for atomic size, except that anions 

are larger than cations across a period 

 

 

 

Lattice Energy 

The energy released when one mole of gaseous cations react 

with one mole of gaseous anions to make an ionic solid 

X+(g) + Z-(g)  XZ(s) or X2+(g) + 2Z-(g)  XZ2(s), etc. 

 Be able to calculate lattice energy or another related 

energy, given the appropriate energies (enthalpies of 

vaporization, dissociation, etc., ionization energy, 

electron affinity); see Zumdahl 8e problem 8.55). 

 Predict how lattice energy changes for doubly-charged 

ionic solids (MgO or MgCl) vs. singly-charged ionic solids 

(NaCl).  

 Predict lattice energy changes as ionic sizes change, e.g., 

NaCl, LiCl, KCl, etc. 

 Remember LE ~ Q1Q2/r 

 

Lewis Structures 

Draw correct Lewis Electron Dot Symbols for atoms, ions, 

covalent molecules, and polyatomic ions. 

 The central atom will be underlined (it is usually the least 

electronegative atom (never H)).  

 Distribute lone pair atoms and multiple bonds correctly 

 Use formal charge analysis to choose the correct Lewis 

structure when more than one arrangement of 

atoms/bonds is possible 

 Draw resonance structures to show all possible 

arrangements of atoms and bonds (exclude Lewis 

structures with atoms with |formal charge| > 2 

  

octet rule:  atoms bond such that each has 8 electrons, 

except H only needs 2 electrons (duet rule) 

Expanded octets: Period 3 and higher elements can serve as 

central atoms with up to 12 valence electrons. 

Formal charge:  A bookkeeping system for keeping track of 

valence electrons in bonds and as lone pairs 

 

F.C. = # of valence e’s – ½ # of bonds – # of lone pair electrons 

 

Resonance:  The drawing of more than one valid Lewis 

structure in order to describe a molecule whose actual 

structure is a some average of the resonance structures. 

 

Be able to use delta notation to assign partial positive (δ+) 

and partial negative (δ-) charges to a dipole 



 

Valence Shell Electron Pair Repulsion Theory (VSEPR) 

Determining Molecular Shapes and Polarity  

 

Use Lewis structures to get 3D shape and bond angles:  

- AX2  →  linear   → 180°  

 - AX3  →  trigonal planar  → 120°  

 - AX4  →  tetrahedral  → 109.5°  

 - AX2E  →  bent   → <120°  

 - AX3E  →  trigonal pyramidal → <109.5°  

 - AX2E2  →  bent   → <109.5°  

  

Be able to sketch a molecules and use arrows to indicate the 

more electronegative atom in a polar covalent bond.  

Given a molecule, determine if it’s polar or nonpolar using the 

3D shape and dipoles.  

 

Percent Ionic Character  

 High ionic character = more polar covalent 

 You do not need to know how to calculate this, but be 

prepared to rank bonds from most ionic to least ionic 

(i.e., from most polar covalent to least polar covalent) 

based on electronegativity differences 

 

 

 
 

 


