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To future AP Chemistry Students, 

 

 We are very excited to have so many promising students sign-up for AP Chemistry.  Often called 

the “central science”, chemistry is truly the best class you will ever take in high school.  Our goal is to 

prepare you for the AP exam, for college chemistry and for life as an informed member of our republic.  

You will learn to move beyond the memorization of subject matter (although it is often a useful tool) and 

move towards the challenge of applying, analyzing and thinking deeply.  This will help you in every 

single subject you take henceforth!  Whether or not you plan to be a science or engineering major this 

class will help you tremendously. 

 

 You are among the best students at SBHS and we know that you are up to the challenge of AP 

Chemistry.  Be forewarned that you will be working hard in this class... much harder than you have 

worked in other classes.... and according to past students, much harder than in any high school class you 

will take.  I promise that you will be pushed!  But we also promise that you will have support when you 

need it and the help you need to achieve beyond where you ever thought you could! 

 

 THIS SUMMER ASSIGNMENT IS VOLUNTARY!!!  This assignment is a voluntary activity 

for those who wish for a bit of review or want to polish off the rust.  We will conduct a general review of 

first-year chemistry material during the first two class meetings (typically the first week of school).  then 

we will have an assessment on the material.  We will then immediately begin Big Idea 1, which involves 

chapters-4, 7.   

 You may sign-out an AP text to help you do the summer assignment if you wish.  The condensed 

version of your first-year chemistry notes follow the summer assignment and can be used as an additional 

aid. 

 

 You need to come to class next year with a large 3-ring binder (to be used only for this class), 

loose-leaf paper, dividers, a scientific calculator capable of performing two-variable statistics, a 

highlighter, pencils, and 2 colored pens (not blue or black).  This will get you started for the year...more to 

follow in September. 

 

 

We look forward to seeing you all next fall!  Enjoy your summer! 
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Show ALL work and units.  Neatly organize your work. 

Atoms and Molecules 

1. Determine the missing values for each atom listed. 

 

 

 

 

2.   Write the valence electron configuration for  

 a.  P
2-

    

 b. Al
3+

   

3. For each compound:  draw the structure, state the geometry and state the polarity. 

 a.  PF3 

 b.  C2H4O 

4. Write and name the compound formed by the combination of these ions 

 a.  Mg2+ + Br1-     

 b.  Al3+ + CO3
2-     

 c.  NH4
1+ + PO3

3-     

 d.  Ti3+ + PO3
3-     

 

Conversions 

5. A mole of hydrogen atoms contains 6.02 x 1023 atoms and occupies 22.4 L.  How many hydrogen atoms are contained in 

25.00 mL of this gas? 

6. A sample of seawater contains 0.075 g of sodium chloride per mL of solution.  How many moles of sodium chloride are 

there per liter of this solution? 

7. Convert  7.098 mol of CO2 to grams of CO2. 

8. Convert  4.12 x10
21

 molecules of SiO2 to grams of SiO2 

Significant Figures 

9. Express the answer to each of the following calculations with the correct number of significant figures. 

  a. 80 cm +  13.0 cm  

  b. (0.0130 mm)(2.4 mm)  

  c. 2.3  x  1.45  +  10.6  

  
155

25 Mn  

  Number of protons _______ 

  Number of electrons _______ 

  Number of neutrons _______ 

  Atomic number _______ 

  Atomic mass _______ 

  
375

33 As  

  Number of protons _______ 

  Number of electrons _______ 

  Number of neutrons _______ 

  Atomic number _______ 

  Atomic mass _______ 
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Reaction Prediction  

10. This is an optional, nongraded section.  It will be one free response question on the AP Exam.   For each set of reactants:  

state the type of reaction, write the formulas of the reactants and predict the products 

 a. Solid sodium carbonate is heated. 

 b. Aqueous solutions of potassium sulfate and zinc phosphate are mixed. 

 c.  Liquid bromine and sodium iodide are mixed. 

 d. Solid calcium oxide is added to water. 

Equation Writing and Balancing 

 Balance each equation.  Write the formulas where required. 

11. __Zn      +  __H2SO4 → __ZnSO4 + __H2 

12. __H2O → __H2 + __O2 

13. __HNO3 + __LiOH → _H2O + __LiNO3 

14. mercury (II) oxide → mercury  + oxygen 

15. nitrogen + hydrogen  → ammonia 

16. copper  + iron (III) nitrate →     copper (II) nitrate + iron 

Determining Oxidation Numbers 

 Determine the oxidation number of the underlined atom.  [Note – the overall charge of the molecule is equal to the sum 

of the oxidation numbers of each individual atom] 

17. Cr2O7
2-

  Cr =     

18. NiCl3  Ni =     

19. Fe2O3  Fe =     

20. P4O6  P =     

Molecular and Empirical Formulas 

21. A certain compound was analyzed and found to have the following composition:  54.6% carbon, 9.0% hydrogen and 

71.1% oxygen.  The molar mass of this compound is 90.0.  What are the empirical and molecular formulas of this 

compound? 

22. A gaseous compound is found to have the following composition:  30.5% nitrogen, and the rest oxygen.  The molar 

mass of this gas is 91.8.  What are the empirical and molecular formulas of the compound? 

Acid Base Problems 

23. If a solution has a hydrogen ion concentration of 1.0 x 10
-7

 M, what is the pH of the solution?  

24. What is the pOH of a solution that has a hydrogen ion concentration, [H
+
], of 2.4 x 10

-5
? 

Gas Law Problems 

25. A gas collected on a 27.5 C day when the atmospheric pressure was 1.12 atm had a volume of 252.4 mL.  A day later 

when the temperature was 25.0 C, that volume had changed to 248.8 mL.  What was the atmospheric pressure on the 

second day? 
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26. Calculate the density of carbon monoxide gas at STP. 

27. What mass of oxygen is contained in a 3.50 L tank where the temperature is 50.0 C and the pressure is maintained at 

4.5 atm? 

28. What pressure will be exerted by each of the gases in the following mixture if the total pressure of the mixture amounts 

to 768.8 torr?   0.500 g H2, 0.245 g O2 and 0.335g N2 

Energy 

29. Calculate the amount of heat needed to heat 40.0 g of water, specific heat of 4.184 J/g C, from 25.0 C to 60.0 C.   

30. How much heat is needed to evaporate 125 g of Sb if the heat of vaporization is 380 cal/g? 

31. A reaction begins with the reactants at 120.0 J of energy.  When the reaction is over the products have 95.0 J of energy.  

What is the heat of reaction?  Is this reaction exothermic or endothermic? 

Stoichiometry 

32. When aluminum is heated with oxygen, aluminum oxide is produced.   What mass of oxygen is needed to react with 

25.0 g of aluminum?  Al  +  3/2O2    Al2O3 

33. When sodium carbonate reacts with hydrochloric acid, the carbonic acid that is formed immediately breaks down into 

carbon dioxide and water.  What mass of sodium carbonate would have been originally present if 5.0 L of carbon 

dioxide was produced?  [hint - molar volume of a gas is 22.414 L/mol]  Na2CO3  +  HCl    NaCl  +  CO2  +  H2O 

34. In the human body, the toxic compound hydrogen cyanide is neutralized by the acid, H2S2O3, according to the reaction:   

HCN  +  H2S2O3     HCNS   +   H2SO3.  If 1.000 mg of H2S2O3, is available in the body, will this be enough to 

neutralize 2.000 mg of HCN swallowed by a person?  [hint – focus on the mole ratios needed] 

Half-Life      This is not review, however if you know that for radioactive decay l 
  ]A[nt]A[n

2
1t

2n 







 , where ]A[ is 

the original concentration or mass, [A] is the present concentration or mass, t is time, and t1/2 is the half-life. 

35. A radioactive isotope of radon has a half-life of 3.8 days.  How long will it be before only 1/16 of the original sample of 

radon remains? 

36. A meteorite strikes the earth in western Wyoming.  Chemical analysis shows that it contains 44.62 kg if radioactive 
59Fe.  How much of this isotope will remain in the meteorite after 220 days? 

37. A sample of 67Ga was ordered by a research lab.  When received in the lab the mass was 492 g.  Today the mass is only 

15 g.  How long ago was the 67Ga received in the lab? 

Half Life of Selected Isotopes 

Isotope Half-Life Isotope Half-Life Isotope Half-Life Isotope Half-Life 

14C 5720 y 59Fe 44.3 d 40K 9.9 x 108 y 232Th 1.4 x 1010 y 

60Co 5.26 y 131I 8.0 d 226Ra 1620 y 235U 7.1 x 108 y 

67Ga 75 h 15O 1.97 m 24Na 15.0 h 238U 4.5 x 109 y 

198Au 2.69 d 32P 14.3 d 90Sr 28.8 y 187W 24 h 

3H 12.5 y 239Pu 24,360 y 99Tc 2 x 105 y 197Pt 18 h 
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Measuring and Calculating 

 Precision Reproducibility of the measurement 

 Accuracy Closeness of a measurement to the actual value 

 Significant Figures Digits in the number that represent the error in the measurement 

A digit is significant if it is a counting number, a zero between two significant figures 

or a zero after a decimal and a significant figure. 

 When multiplying:  the answer has the least number of significant figures 

 When adding:  the answer has the least number of decimal places 

 Percent Error Percentage by which a measurement differs from the actual value  

  %100error%
valueaccepted

valuemeasuredvalueaccepted



 

 Density Ratio of mass to volume.  This is temperature dependent. 

  
3cm

g

mL

g

V
m orunitsd   

 Specific Heat Capacity Amount of heat needed to raise the temperature of 1.0 g of a substance by 1 C. 

 Units are 
Cg

J


 

Matter 

 Matter Anything that occupies space 

 Mass The amount of matter in a given space 

 Weight The force of gravity on mass 

 Conservation of Mass Mass can neither be created nor destroyed in ordinary chemical reactions 

 Conservation of Energy Energy can neither be created nor destroyed in ordinary chemical reactions 

 Cons. of Mass and Energy The total of all mass and energy in the universe is a constant 

 Physical Change No new molecules are formed.   Ex:  phase changes, cutting 

 Chemical Change New molecules are formed.    Ex:  burning, gas evolution, precipitation 

 Mixture A physical mixing of substances 

 Molecule Two or more atoms held together by covalent bonds  

 Compound A molecule that contains at least two different elements. 

 Heterogeneous Mixture Two or more substances unevenly mixed 

 Homogeneous Mixture Two or more substances evenly mixed 

 Ranges of motion solid – vibrational 

 liquid – vibrational and rotational 

 gases –  vibrational, rotational and translational 

 Phase changes exothermic – freezing (l→s), condensing (g→l), and deposition (g→s) 

 endothermic – melting (s→l), boiling (l→g), and sublimation (s→g) 

 temperature is constant during a phase change, but the potential energy continues to 

increase (heating) or decrease (cooling) 
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 Phase diagram  

  solid liquid  phase changes occur on the boundary between 

 pressure   phases 

  gas  triple point occurs at the boundary intersection 

   m. pt’s and b. pt’s can be determined by moving  

  temperature  from the boundary to the temperature axis 

Atomic Structure 

 Basic Subatomic Particles electron negative charge (–) located in electron cloud mass of 0 u 

 proton positive charge (+) located in nucleus mass of 1 u 

 neutron neutral (  ) located in nucleus mass of 1 u 

 Note that for an individual atom, the number of protons and neutrons never changes in ordinary reactions. 

 Charge atom – number of excess protons or electrons  

 molecule – the sum of the oxidation numbers for each atom 

 Oxidation Number the apparent charge of an atom in the molecule.  Oxidation numbers can often be 

found from the atom’s location on the periodic table, but for polyatomic 

molecules/ions the oxidation numbers are found by .. Group 1 is +1, Group 2 is +2, H 

is +1 (or -1 in hydrides), O is -2 (-1 is peroxides), in binary ionic compounds the 

halogens are -1. 

 for a single atom :   the charge is the oxidation number 

 for a molecule:  the charge equals the sum of the oxidation number of each atom  

 example:  given, NaClO4, Na = +1, O = -2, since Na + Cl + 4 O = 0, then Cl = +7. 

 Ion a charged atom or molecule 

 Cation positive ion, lost electrons 

 Anion negative ion, gained electrons 

 Oxidation  loss of electrons; increase in oxidation number 

 Reduction gain of electrons, decrease in oxidation number 

 Atomic Mass, Y the sum of the protons and neutrons.   p  +  n 

 Atomic Number, Z number of protons.   This defines the element. 

 Isotope same number of protons, different number of neutrons.   

 Percent Abundance the percentage of one isotope for an element 

 Average Atomic Mass, Yavg a weighted average of all known isotopic masses for an element 

  21avg YYY  where X  = percent abundance as a decimal 

    Y1 and Y2 are isotopic masses 

 Historical Atomic Models John Dalton  smallest, indivisible part of an element – solid sphere 

Neils Bohr  “planetary” model – the nucleus is surrounded by electrons 

orbiting in rings 

 J.J. Thompson “plum-pudding” model – negative electrons (plums) are located 

in a positively charged pudding 

 Hantaro Nagaoka “Saturnian” model – large nucleus with electrons orbiting in 

rings 

 Ernest Rutherford small, positive, central nucleus containing the mass is 

surrounded by a cloud of negative electrons  [correct model] 

 Edwin Schroedinger mathematical wave equation led to prediction of the possible 

states for an electron   [correct, part of orbital theory] 
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 Werner Heisenberg “uncertainty” principle correctly states that it is impossible to 

predict the exact position and momentum of an electron 

 Rutherford Experiment experiment: involved shooting alpha particles (He
2+

) at a sheet of gold foil  

 results: most particles went straight through, while some deflected back 

conclusions: atom is mostly empty space, with almost all the mass in a small 

positively charged nucleus 

 Radioactivity the release of energy and/or particles resulting from an unstable nucleus (
p
n  1) 

 Alpha Radiation release of a helium nucleus from a nucleus 

 Beta Radiation release of a high energy electron from a nucleus formed from n    p  +  e 

 Gamma Radiation release of a gamma ray (high energy) from the nucleus 

 Nuclear Transformations a change in the number of protons and /or neutrons in the nucleus as a result of 

radioactive decay 

o Beta Decay, e0

1  high energy e
-
 is ejected from the nucleus  (n p + e

-
),  P32

15  e0

1 + S32

16  

o , Alpha Particle, He4

2  positive He nucleus ejected from the nucleus , Fr223

87  He4

2 + At219

85  

o , Gamma Rays  high energy photon emitted as nucleus moves from excited to lower energy state 

*232

90Th 
232

90Th + 
0

0 *  (*=excited state) 

o Positron Emission, e0

1  positive particle ejected from nucleus (p n1

0  + e0

1 ), P30

15  e0

1 + Si30

14  

o EC-electron capture  e
- 
falls into nucleus combining with a proton and forming a neutron, 

Tl202

81 +
0

1e  Hg202

80  

Electrons 

 Electron Spin from probability, electrons are said to spin up (↿) or spin down (⇂). 

 Electron Pair (↿⇂) - combination of a spin up (↿) with a spin down (⇂).  Pairing requires energy. 

 Valence electrons electrons in outermost energy level.  These are the electrons involved in bonding and 

reactions. 

 Aufbau Principle lowest energy orbitals fill first with electrons  (fill diagram from the bottom – up) 

 Hund’s Rule of Multiplicity if two or more orbitals of equal energy are available, electrons will occupy them singly 

before filling them by pairing 

 Pauli Exclusion Principle no two identical electrons can occupy the same orbital – means that only electrons of 

opposite spin may be in the same orbital 

 Orbitals region of space, where it is most probable to find an electron.  Contains 0, 1, or 2 e’s 

s: 1 type, total of 2 e’s, 1 pr p: 3 types, total of 6 e’s, 3 pr’s 

d: 5 types, total of 10 e’s, 5 pr’s f: 7 types, total of 14 e’s, 7 prs 

 

 (n)s  (n)p 

 

  (n-1)d  

 

   (n-2)f 

 Electron configuration states the arrangement of electrons within the electron cloud; includes the energy level, 

orbital type and number of electrons. 

examples:   H = 1s
1
 N = 1s

2
 2s

2
 2p

3
 

Notes -  All families have the same valence electron configuration 

  noble gas configuration ns
2
np

6
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  halogen configuration ns
2
np

5
 

  chalcogen (O-family) configuration ns
2
np

4
 

Periodic Table 

 Dmitri Mendeleev  Wrote the 1
st
 periodic table based on increasing atomic mass and similar properties. 

   Left gaps where necessary in order to line-up families with similar properties. 

   Predicted products of missing elements that, when discovered, would fill-in the gaps 

 Henry Mosely  Created the modern periodic table based on increasing atomic number 

Periodic Law  The physical and chemical properties of the elements are periodic functions of their 

atomic number. 

Period  Horizontal rows 

  A period is likened to an energy level when completing energy level diagrams. 

  Moving left to right, the attraction between the valence electrons and the nucleus 

increases, this causes the atomic radius to decrease, and electronegativity and 

ionization energy to increase. 

Group/Family  A vertical column 

  Elements in the same family have the same valence e-config, and thus similar 

properties 

  When moving down a group the distance (# of energy levels) between the nucleus and 

the valence electrons increases causing the attraction between them to decrease, so 

atomic radius increases down a group while the electronegativity and ionization energy 

decrease. 

Periodic Trends 

Electronegativity  the ability to attract electrons in a covalent bond   trend  =  ↑ 

First Ionization Energy  the energy needed to remove one electron   trend  =  ↑ 

Atomic Radius  distance from the nucleus to the valence energy level  trend  =  ↓ 

 examples: Which is more electronegative, K or Cl?   ans = Cl 

   Which has the larger atomic radius, S or As?  ans = As 

Chemical Formulas 

Ionic Compounds  Compounds that contain a metal and a nonmetal bonded ionically (attraction of 

opposite charges).  Most are binary (only two types of atoms) 

  Formula Writing – crisscross the charges, and then reduce to achieve neutrality 

  example: Mg
2+

 + O
2-

    MgO 

   Mg
2+

 + PO4
3- 

 Mg3(PO4)2 

  Dissociating into Ions – split  into metal cation and nonmetal anion  

     “un-crisscross” subscripts and check with the per. tble. 

  example: MgO  Mg
2+

 + O
2-

    

   Mg3(PO4)2
 
 Mg

2+
 + PO4

3-
  

  Naming –  always name the ions not the formulas (cation then anion).  Name tells the 

type of ions involved not how many of each ion 

   cations: name the element; if more than one oxidation state is possible (d-block) 

follow with the charge in Roman numerals in parentheses 

   anions: if monatomic then use the elemental name but with an –ide ending  

    if polyatomic then use the memorized name 

   example: Mg
2+

 + N
3-

    Mg3N2 magnesium nitride 
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   Cu
2+

 + SO4
3- 

 CuSO4 copper (II) sulfate 

List of Common Polyatomic Anions 

 phosphate PO4
3- 

sulfate SO4
2- 

nitrate NO3
1- 

carbonate CO3
2-

 

 phosphite  PO3
3-

 sulfite SO3
2- 

nitrite NO2
1-

 cyanide CN
1-

 

 hydroxide OH
1-

 ammonium  NH4
1+

 mercury (I) Hg2
2+

 acetate C2H3O2
1-

 

Covalent Compounds  Compounds that contain two nonmetals bonded covalently (overlap of atomic orbitals 

creating a shared pair of electrons) 

  Naming –  name each element, typically with a prefix on the element denoting the 

number of that atom in the molecule  

  example: CCl4  carbon tetrachloride      P2O5   diphosphorus  pentoxide 

List of Prefixes 

 mono- one di- two tri-  three tetra- four penta- five 

 hexa-  six hepta- seven octa-  eight nona- nine deca- ten 

Empirical Formulas  Formulas written with the simplest ratio of atoms, not the exact ratio. 

  example: molecular formula C6H12O6 M = 180 g/mol 

   empirical formula C1H2O1 M = 30 g/mol 

 To calculate the empirical formula 

o 1st
 change percentages to grams 

o 2nd
 convert grams to moles 

o 3rd
 develop mole ratios by dividing each number of moles by the smallest  

 Round – 1
st
 decimal place <2 round down, >8 round up and in-between 

multiply by a constant 

o 4th
 write the formula by using the whole numbers as the subscripts 

  To determine the molecular formula from the empirical formula – divide the molar 

mass of the molecular formula by the molar mass of the empirical formula you get a 

constant, then multiply the empirical formula subscripts by this constant. 

   180/30  = 6 ...  {C1H2O1}  x 6  =   C6H12O6 

Molecular Structures 

Lewis Dot Diagram  Same as a Lewis Structure with all electrons shown as dots. 

Lewis Structure  3-dimensional arrangement of atoms in a molecule 

  electron pairs are drawn as either dots or straight lines  

  bonded pairs are between atoms while nonbonded pairs are only on one atom 

 To draw a structure,  

o calculate the total number of valence electron pairs in your molecule.  Next bond 

all atoms to the least electronegative atom.  Complete octets (except for atoms that 

form duets or sextets), beginning with the most electronegative atom, until all 

valence electron pairs are used.  If there are any extra valence electron pairs place 

them on the central atom.  If there are not enough pairs to complete octets then 

form multiple bonds until all octets are completed. 

Or 

o Draw all atoms with valence electrons as dots.   Bond all single electrons with 

single electrons on other atoms.   

 The “pieces”   

 Possible Geometries  linear tetrahedral pyramidal bent linear 

    planar 

    linear 
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Using the Families:   Because every atom within a family has the same valence electron configuration, they 

all form the same number of bonds and are drawn the same way. 

   Examples: H2O H2S H2Se 

     

Chemical Bonding 

Ionic Bond  Atoms are held together by the attraction of opposite charges between a metal cation 

and a nonmetal anion.   No individual molecules, just an arrangement of ions in space 

  example: NaCl, sodium chloride 

Covalent Bond  atoms are held together by the sharing of a pair of electrons, which involves an overlap 

of the electron clouds and thus forms a strong bond and forms  individual molecules. 

Occurs between nonmetal atoms. 

  Nonpolar covalent bond – very low electronegativity difference, results in a nearly 

equal sharing of the electron pair and thus no partial charge development, (often C-H) 

  example:  nonpolar covalent bonds are found in  methane, CH4, and nitrogen,  N2. 

  Polar covalent bond – larger electronegativity difference, results in an unequal sharing 

of the electron pair and thus partial charge development 

  example:  polar covalent bonds are found in  water, H2O. 

Conductivity  Ability of a compound to conduct electricity when dissolved in water. 

  Ionic cpds  conduct  light bulb lit brightly  strong electrolyte 

    ↳ light bulb lit dimly  weak electrolyte 

  Covalent cpds  do not conduct  light bulb not lit   nonelectrolyte 

Mole Concept (conversions) 

Mole  a unit of counting similar to a dozen, except where a dozen is 12 of anything a mole is 

6.022 x 10
23

 of anything (Avogadro’s number, N) 

  Avogadro’s number is used to convert between moles and the number of molecules 

Molar Mass, M  the mass of one mole of a substance.  Units are g/mol.  Calculate by adding all the 

individual atomic masses within a molecule. 

  example:  MgCl2,  M = 1Mg  +  2Cl  =  24.31 g/mol  +  2(35.45 g/mol)  =  95.21 g/mol 

Percent Composition   the percent by mass of a substance.  Calculate by dividing the appropriate term in a 

molar mass calculation by the molar mass.. 

  example: % Cl = 
2Cl

1Mg 2Cl
 x 100%;   %Cl = 

2(35.45)

(24.31) 2(35.45)
 x 100%  =  74.47%  

Molarity, M  the concentration of a solute via moles of solute per total volume of solution.  

  Units are 
L

mol ; and molarity is symbolized by [ ]’s around a formula, e.g.  [MgCl2] 

General Conversions  used to change one unit into another unit.  Accomplished by multiplying the given 

quantity by a conversion factor that cancels the given unit and leaves the wanted unit. 

  example:   general format   unitwantedgivenunit#.#
unitgiven

unitwanted   

g  mol conversions  divide the given by the molar mass 

  example:  convert 2.00 g of H2O to moles of H2O   mol111.0g00.2
g02.18

mol1
  

mol  g conversions  multiply the given by the molar mass 

  example:  convert 0.0123 mol of CH4 to g of CH4   g1974.0mol0123.0
mol1

g05.16
  

mol  mol conversions  multiply the given by the mole/mole ratio (coefficients) in the chemical equation 
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  example:   2NaCl  +  Br2    2NaBr  +  Cl2 

   How many moles of bromine react with 2.5 moles of sodium chloride? 

     2NaClmol2

Brmol1
Brmol3.1NaClmol5.2 2   

g  g conversions  multiply the given by the three parentheses of a stoichiometry problem 

  example:  2NaCl  +  Br2    2NaBr  +  Cl2 

   How many grams of chlorine can be made from 2.5 g of sodium chloride? 

       2Clmol1

Clg90.70

NaClmol2

Clmol1

NaClg44.58

NaClmol1
Clg52.1NaClg5.2

2

22   

mol  molecule conv’s  multiply the given by Avogadro’s number 

  example:  How many molecules are in 0.012mol of H2O? 

    
23 216.022 10

1
0.012 7.2 10x molecules

mol
mol x molecules  

molecule   mol conv’s  divide the given by Avogadro’s number 

  example:  How many moles are in  4.05x 10
21

 moeculesl of CH4? 

    23

121

6.022 10
4.05 10 0.0067

mol

x molecule
x molecule mol  

Chemical Equations 

Chemical equation    a description of a chemical change in which reactants are converted into products. 

  reactants     products where ”” is read as yields 

    The reactants are the molecules with which you start, while the products are the 

molecules you create. 

Limiting Reactant  the reactant that will be completely consumed by the reaction 

Excess Reactant  the reactant that will have some amount remaining after the limiting reactant is 

consumed 

Yield  the amount of product made from a given amount of reactant 

Theoretical Yield  the amount of product calculated from a given amount of reactant 

Percent Yield  the ratio of the actual amount of product isolated to the theoretical yield of product; 

expressed as a percentage:   %100yield%
yieldltheoretica

amountactual
  

Balancing  Due to the law of conservation of mass, the number of each type of atom as a reactant 

must equal that as products.  Select a coefficient that when multiplied by the subscript 

will yield the same number of each type of atom on each side. 

   Never change the formula in anyway. 

   example: unbalanced – __NaCl  +  __Br2    __NaBr  +  __Cl2 

    balanced –  2 NaCl  +   1 Br2     2 NaBr  +   1 Cl2 

Types of Reactions 

 Single Replacement A + BC  AC + B 3 Cu + FeBr3   3 CuBr +  Fe 

 Double Replacement AB + CD  AD + CB AgNO3  +  NaCl   AgCl   + NaNO3 

 Composition/Synthesis A + B  AB   2 H2O +  O2   2 H2O2 

 Decomposition AB    A + B CaCO3       CaO +  CO2 

 Combustion reaction with oxygen to produce oxides  CH4  + 2O2   CO2 + 2H2O 

 

Gas Laws 

pressure, P  force per unit area, (collisions)  units:  1 atm = 101.3 kPa = 760 torr = 760 mm Hg 

partial pressure, p  pressure due to one individual gas in a mixture of gases 

volume, V  available space, (space)  units:  1 dm
3
 = 1 L = 1000 cm

3
 = 1000 mL 

temperature, T  average kinetic energy of all the particles in the system, (speed)  unit:  K = C +273 

number of moles, n  number of particles in the system, may be of one type of gas or of all gases 
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mole fraction,   percentage of a gas in a mixture expressed as a decimal 

diffusion  the movement of gases from high concentration (high pressure) to areas of low 

concentration (low pressure).  The movement of a gas is independent of other gases. 

gas constant, R  
Kmol

mmHgL

Kmol

torrL

Kmol

atmL

Kmol

kPaL
















 4.624.6208206.0314.8  

Combined Gas Law  
22

22

11

11

Tn

VP

Tn

VP
  use when there are two sets of data, cancel anything held constant or 

not mentioned 

Ideal Gas Law  PV = nRT use when there is only one set of P,V,T data 

Dalton’s Law  Ptotal = p1  +  p2  +  p3  ...  the total pressure is the sum of the individual partial pressures 

   x Ptotal = pi   

Density of Gases  M = 
P

dRT  the density of a gas is directly related to the molar mass  

Molar Volume, Vm  
mol
L

m 414.22V   only at standard temperature and pressure 

Boyle’s Law  P1V1  = P2V2 at constant T and n; inverse relationship 

Charles’ Law  1 2

1 2

V V

T T
  at constant V and n; direct relationship 

Gay-Lusac’s Law  1 2

1 2

P P

T T
  at constant P and n; direct relationship 

Avogadro’s Law  1 2

1 2

n n

V V
   at constant P and T where n is the coef.; direct relationship 

The Graphs: 

 P vs V (constant T & n)  V vs T    (constant P & n) P vs T  (constant V & n)  
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Acids, Bases, pH 

acid  H
+
 donor, creates H3O

+
 in water examples:  HCl, HNO3, H2CO3 

base  H
+
 acceptor, creates OH

-
 in water examples:  NaOH, K2CO3, NH3 

Lewis acid  electron pair acceptor,  examples:  metal cations, Zn
2+

; Al or B compounds, BH3 

Lewis base  electron pair donor, ex:  compounds with atoms that have lone pairs, such as NH3 

amphoteric, amphiprotic  able to act as either an acid or a base example:  H2O, HSO4
1-

, HPO3
2-

 

Hydronium, H3O
+
  the way that H

+
 actually exists in an aqueous solution:  H

+
  +  H2O    H3O

+
 

pH  a measurement of the concentration of hydronium ion:  pH  =  -log[H
+
] 

pOH  a measurement of the concentration of hydroxide ion:  pOH  =  -log[OH
-
] 

pH scale  because  pH  +  pOH  =  14, most pH’s range from 0 – 14. 

  overall: acidic pH < 7 high [H
+
] and low [OH

-
] 

   neutral pH = 7 [H
+
]  =  [OH

-
] 

   basic pH > 7 low [H
+
] and high [OH

-
] 

indicator  a weak acid that is a specific color in solution, but changes color when it donates the 

H
+
 and becomes the conjugate base.  The pH at which equal amounts of the acid and 

base are present will be a blend of the two colors and is the pKa of the indicator. 

neutralization reaction  the process of reacting a stoichiometric amount of base with an acid; when done with a 

strong acid and base this will produce a salt and water 

conjugate acids and bases  Acids form conjugate bases after donating the proton, while bases form conjugate 

acids after accepting the proton.  Generally conjugates can be readily identified in the 

reactions by considering the “non-proton” portion of the formulas.   

 example  HNO2  +  HCO3
1-

    NO2
1- 

 +  H2CO3.   
  acid base conj-base conj-acid 

buffer  A conjugate acid/base pair that is added to a reaction solution to maintain the pH. 

Thermodynamics 

endothermic   heat is absorbed;  H > 0 (+);  products have more energy than reactants;  feels cold 

exothermic  heat is released;  H > 0 (–);  products have less energy than reactants;  feels hot 

heat of reaction, H  energy change over the course of a reaction;  H  =  Eprod  –  E react 

activation energy, Ea  energy that must be added to start a reaction 

catalyst  substance that increases the rate of a reaction by lowering the activation energy and is 

not consumed by the reaction 

reaction rate  the amount of time needed to convert a certain amount of reactant to product 

  rate is typically expressed as 
s

mol  or also in terms of concentration as 
s
M  

  rate is directly affected by changes in temp, concentration, pressure and surface area 

entropy, S  measure of the disorder or randomness of a system. {more randomness, more entropy} 

  Solids are more ordered than liquids, which are more ordered than gases.  Typically 

the more particles that are randomly moving then the more entropy (so S is directly 

dependent on T).  

  Because gases have more ranges of motion than liquids and solids, at constant 

temperature gases tend to have more entropy followed by liquids and solids 

  example: An ice cube is placed on a hot skillet.   1
st
 as it melts the entropy increases,  

2
nd

 as the liquid evaporates the entropy increases further.  3
rd

 if the steam 
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condensed to a liquid the entropy would decrease.  4
th

 if the liquid were to 

freeze solid then the entropy would decrease.  5
th

 realize that every time the 

temp increases or decreases the entropy of the system increases or decrease. 

forward reaction  the “normal” reaction: reactants    products 

reverse reaction  the reaction of products to reactants:  reactants    products 

potential energy diagrams   

  exothermic endothermic 

 

   react     prod 

 Energy   Energy 

 

    prod  react 

 

 

   Reaction pathway   Reaction Pathway 

Equilibrium 

equilibrium  a dynamic condition in which the rate of the forward reaction is equal to the rate of the 

reverse reaction 

equilibrium expression  the ratio of the concentration of products to the concentration of reactants.  

Coefficients are exponents in the equilibrium expression 

  Only gases and aqueous solutes are included, solids and pure liquids are not included 

because they are not part of the equilibrium system 

  example: aA  +  bB  ⇌  cC  +  dD, leads to K =
   
   ba

dc

BA

DC
 

  example:  Cr2O7
2-

 (aq)  +  H2O (l)    2CrO4
2-

 (aq)  + 2H
+
 (aq) 

12
72

222
4

]OCr[

]H[]CrO[
K





  

equilibrium constant, K  the numerical equivalent of the equilibrium expression 

  when K  > 1, more prods than reacts,  so prods are favored 

  when K  < 1, more reacts than prods,  so reacts are favored 

le Chatelier’s principle  If an equilibrium system is stressed (change in temp, concentration, total pressure or 

individual pressure), the system will shift (dominance of forward or reverse reaction) 

to relieve the stress. 

  In other words, if you change an equilibrium system, one rate (forward or reverse) will 

be greater than the other so that the system will prefer to run in one direction only (the 

shift) until the change has been overcome by the effect (end result effect (end result, 

decrease or increase in amount of reactant or product) 

  to solve:  1
st
 identify the stress, 2

nd
 determine the shift (towards decreases, away from 

increases), 3
rd

 use the shift to determine the effects 

  example:  What will occur if the [H
+
] is increased in the following equilibrium system? 

   Cr2O7
2-

 (aq)  +  H2O (l)    2CrO4
2-

 (aq)  + 2H
+
 (aq)  

   ⇧ ⇧ ← ⇩ ⇑ 

 (effect) (effect) (shift) (effect) (stress) 
  Note:  when stress is pressure changes (via a volume change {AP}) 

   increase pressure – shift to side with fewer moles (molecules) 

   decrease pressure – shift to side with more moles (molecules) 

Solutions 

solute  that which is being dissolved 

solvent   that which does the dissolving 
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like-dissolves-like  to create a solution, the solute and solvent must have the same polarity, i.e. both polar 

freezing point depression  a liquid with solute dissolved will have a lower freezing point, Tfpt, than the pure liquid 

  Tfpt  =  m kf i where m is the molality and   m = 
solventkg

solutemoles
 

    kf is a constant characteristic of the solvent  

    i  is the van’t Hoff factor which is the equivalents dissolved 

    Tfpt   is the change in the freezing point 

boiling-point elevation  a liquid with solute dissolved will have a higher boiling point, Tbbt, than the pure liquid 

  Tbpt  =  m kb i where m is the molality and   m = 
solventkg

solutemoles
 

    kb is a constant characteristic of the solvent  

    i  is the van’t Hoff factor which is the equivalents dissolved 

    Tbpt   is the change in the boiling point 

heat of fusion, Hf  the heat that must be added to melt one mole of a solid.  The units are kJ/mol. 

  example: What amount of heat will melt 5.6 g of FeO with a Hf of 32.2 
mol
kJ ? 

      kJ54.2g6.5
mol1

kJ2.32

g85.71

mol1
  

heat of vaporization, Hvap  the heat that must be added to boil one mole of a liquid.  The units are kJ/mol. 
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