
AP Chemistry – Summer Review 
 

In order to set the 2018-2019 school year off to a great start, you must 
review the basics you learned this past year.  I am giving you some pertinent 
information from the first three AP Chemistry chapters which will be a review.  
There are some questions and problems, with the answers, to help you with your 
preparation.  I suggest that you attempt these problems because there will be a 
test the third class meeting of school year to assess the class abilities before we 
move on. 
 
CHAPTER 1 
 
 Ideally, the progress of any science occurs by use of the scientific method, 
which first makes observations of nature and then looks for patterns in the 
observations that often lead to the formation of natural laws.  A theory or model 
is then constructed to provide an interpretation of the behavior of nature.  The 
theory is tested by further experiments and is modified as necessary. 
 Quantitative observations are called measurements and always consist of 
a number and a scale or unit.  (Answers which do not include units will not 
receive credit.)  Measurement always involves some uncertainty.  Drawing 
conclusions from the results of measurements requires that the extent of the 
uncertainty be known.  This information is conveyed by using the correct number 
of significant figures.  (In AP Chemistry an answer is allowed to have one 
more or one less significant figure than is appropriate without losing 
credit.  Example:  15.0122 g – 4.502 g = 10.510 g however, you would 
be allowed one more or one less SF, thus 10.5102 g or 10.51 g would 
be acceptable as well.  Keep in mind though if you must do additional 
calculations with an answer it is generally best to retain all of the SF in 
your calculator.)    The preferred system of units among scientists is the SI 
system.  Converting results from one set of units to another is accomplished with 
unit factors (dimensional analysis).  (Students that cannot convert correctly 
between g to kg or mL to L regularly lose simple points on tests, be 
sure to master this skill.) 
 Matter can exist in three states-solids, liquids, and gas-and has many 
levels of organization.  Mixtures of compounds can be separated by methods 
involving only physical changes, such as distillation, filtration, and various forms 
of chromatography.  On the other hand, compounds can be broken down to 
elements only through chemical changes.  (Lab questions often ask what 
procedure would be appropriate to use in separating a mixture.  
Knowledge of these methods is important for these follow up style 
questions.) 
 
 



CHAPTER 2 
 
 Three fundamental laws formed the basis for early chemistry and you 
need to know them inside and out as they form a great but simple approach to 
what seem like complicated problems.   

1.  The law of conservation of mass (matter can neither be created nor 
destroyed) allows you to calculate what mass is left unreacted, has reacted or 
should have reacted.  Example:  If 12 grams Magnesium is burned to produce 20 
grams of magnesium oxide, what mass of oxygen reacted?  Simple math tells us 
8 grams and so will stoichiometry.  It’s nice when two things agree with each 
other.   

2.  The law of definite proportion (a given compound always contains 
exactly the same proportion of elements by mass).  This allows us to upscale and 
downscale mass ratios using the molar masses found upon the periodic table.  
Example:  A sample of table salt is decomposed and is found to have contained 
3.25 g of sodium, what mass of chlorine should have been evolved as a gas?  
Well the formula for table salt is NaCl, that is 22.98 g Na for every 35.45 g Cl.  
We can use this ratio 22.98 g Na :  35.45 g Cl to solve the problem.   

35.45g C = x g Cl   and therefore 5.01 g Cl evolved 
22.98 g Na  3.25 g Na 

Now in AP Chemistry we might also convert that into moles and then volume 
since it is a gas.  Remembering that chlorine is diatomic we should arrive at a 
volume around 1.58 L @ STP. 

3. The law of multiple proportions (if two elements A and B form a series 
of compounds, the ratios of the masses of A that combine with 1 gram of B can 
always be represented by small whole numbers).   

 
When data such as that above was first analyzed it was done using only the 
masses and their corresponding mass ratios.  The formulas of the compounds 
were determined by analyzing the ratio data.  The 2:1 ratio meant that since the 
amount of nitrogen was the same in both samples it was the oxygen that had 
doubled.  We now convert these masses into moles to determine the ratio of 
atoms in a compound.  The reduced ratio is called an empirical formula. 



All three of these fundamental laws were developed by John Dalton and 
he accounted for these laws in this atomic theory.  He postulated that all 
elements are composed of atoms; that all atoms of a given element are identical; 
that chemical compounds are formed when atoms combine; and that the atoms 
themselves are not changed in a chemical reaction but the way they are grouped 
(bound together) is changed. 

Knowledge of the atom’s moving particles is essential.  Atoms consist of a 
dense nucleus containing protons and neutrons, surrounded by electrons that 
can occupy a very large volume relative to the size of the nucleus.  Electrons 
have a relatively small mass (1/1840 of the proton mass) and a negative charge.  
Protons have a positive charge equal in magnitude (but opposite in sign) to that 
on the electron.  A neutron has virtually the same mass as a proton but no 
charge. 
 Isotopes are atoms with the same number of protons (thus constituting 
the same element) but different numbers of neutrons.  That is, isotopes have the 
same atomic number but different mass numbers (total numbers of neutrons and 
protons).  Be sure you review how to determine the average atomic mass using 
the mass of isotopes and percent abundance. 
 Atoms can combine to form molecules by sharing electrons to form 
covalent bonds.  A molecule can be described by a chemical formula showing the 
numbers and types of atoms involved, a structural formula (showing which 
atoms are joined to each other), or by ball-and-stick or space-filling models that 
show the exact positions of the atoms in space.  When an atom loses one or 
more electrons, it becomes a negatively charged anion.  The interaction of 
oppositely charged ions to form an ionic compound is called ionic bonding. 
 The periodic table arranges the elements in order of increasing atomic 
number, and elements having similar chemical properties fall into vertical 
columns, or groups.  Most of the elements are metals, which tend to form 
cations in ionic compounds with nonmetals.  Nonmetals tend to form anions 
when they react with metals. 
 Compounds are named using systems of rules.  These rules vary 
depending on the type of compound being named.  For binary ionic compounds 
(those which contain a metal and a nonmetal), the metal is named first, followed 
by a name derived from the root name of the nonmetal.  In a compound that 
contains a metal that can form more than one cation, the metal name is followed 
by a Roman numeral that indicates the cation charge. 
 Polyatomic ions have special names that must be memorized along with 
their net charges.  In compounds containing polyatomic ions, the cation name is 
given first, followed by the anion name.   

For compounds containing two nonmetals, the first element is named 
using the entire element name and the second element is named as if it were an 
anion.  Prefixes are used to indicate the numbers of atoms present. 
 



CHAPTER 3 
 
 Stoichiometry deals with the quantities of materials consumed and 
produced in chemical reactions.  It is, in effect, chemical arithmetic.  The 
average atomic mass for each element is obtained by computing the average of 
the masses of the naturally occurring isotopes.  All atomic masses are based on a 
mass scale that assigns exactly 12 atomic mass units to a 12C atom. 
 A mole is a unit of measure equal to the number of carbon atoms in 
exactly 12 grams of pure 12C.  This number has been determined experimentally 
to be 6.02 x 1023, which is called Avogadro’s number.  One mole of any 
substance contains Avogadro’s number of units.  One mole of an element has a 
mass equal to the element’s atomic mass in grams. 
 The molar mass (molecular weight) of a compound is the mass in grams 
of one mole of the compound and is computed by summing the average masses 
of its constituent atoms. 
 Percent composition represents the mass percent of each element in a 
compound 
 Mass percent = mass of element in 1 mole of substance   x  100% 
    mass of 1 mole of substance 
 The empirical formula is the simplest whole-number ratio of the various 
types of atoms in a compound and can be derived from the percent composition 
of the compound.  The molecular formula is the exact formula of a molecule of a 
substance and is always an integer multiple of the empirical formula.  Example:  
A hydrogen carbon has a molar mass of 58 g/mol and the empirical formula 
(C2H5) has a mass of 29 g/mol then the molecule has twice the quantity of each 
atom present and therefore is C4H10. 
 In a chemical reaction, atoms are neither created nor destroyed; they are 
merely reorganized.  All atoms present in the reactants must be accounted for 
among the products.  A chemical equation represents the chemical reaction 
showing reactants on the left side of an arrow and products on the right.  A 
balanced equation gives the relative numbers of reactant and product molecules. 
 Amounts of reactants consumed and products formed can be calculated 
from the balanced equation for a reaction by using the mole ratios relating the 
reactants and products.  The limiting reactant is the one that is consumed first 
and thus determines how much product can be formed. 
 The theoretical yield of a product is the maximum amount that can be 
produced from a given amount of the limiting reactant.  The actual yield, the 
amount of product actually obtained in a given experiment, is always less than 
the theoretical yield.  The actual yield is usually represented as a percent yield: 
the percentage of the theoretical yield actually obtained. 
 Molarity and stoichiometry were covered in chapter 15.  Molarity is moles 
of solute per liter of solution.  Often represented as M = n/V.  Therefore 2.0 
Liters of a 4.0 M CaCl2 would have 8.0 moles of Ca2+ but 16.0 moles of Cl1-.   
 



Reaction Chemistry:  Every test all year long will contain at least two 
questions from the following list of reactions.  These questions will represent 8% 
of your test score.  It will consist of the reaction with a follow up question 
regarding that reaction.  IF there are any spectator ions they must be removed 
from the equation. 
Double displacement.  

Precipitation (two aqueous compounds react to produce an insoluble 
product) 

Neutralization (an acid and base react to produce water) 
Gas forming (two aqueous compounds produce a gas which leaves the 

solution) 
If H2CO3 is formed in water then replace it with H2O & CO2 

 Example:  Solutions of silver nitrate and sodium chloride are mixed 
together 
  AgNO3  +  NaCl  ↔  NaNO3 +  AgCl   

 
HOWEVER, according to our solubility rules the Na+ and NO3

- would 
be aqueous during the entire reaction and therefore they don’t 
react at all.  They are called Spectator Ions and should not be in 
the Net Reaction. 
The Net Reaction is Ag+   + Cl-  ↔   AgCl   
 

KEY SOLUBILITY RULES BE MEMORIZED 
1. Salts of ammonium (NH4

+) and Group I are always soluble. 
2. All Cl-, Br-, I- are soluble except with Ag+, Hg2 

2+ , and Pb 2+ which are insoluble. 
3. Chlorate, nitrate, and acetate (ClO3

-, NO3
-, and CH3COO-) are always soluble.   

4. SO4
-2 are soluble except with; Sr 2+, Ba2+ , Hg2

2+ , Pb2+, which are insoluble≈(Ca 2+ ) 

 
Single displacement or redox replacement: (metals displace metals and 
nonmetals displace nonmetals) 
 Check the activity series.  IF the solid metal added to solution is lower on 
the list then the aqueous metal cation, then the solid metal will replace the 
aqueous metal.  If the nonmetal is higher on the list then it will replace 
nonmetals below it.   
 Example:  A piece of potassium is dropped into magnesium nitrate. 
 2 K +   Mg(OH)2  ↔  Mg + 2 KOH 
 Remove the aqueous spectator ions, in this case OH- 
 2 K +   Mg2+  ↔  Mg + 2 K+ 
 
Combination or synthesis = two reactants result in a single product 

• Metal oxide + water ↔ metallic hydroxide (base) 
• Nonmetal oxide + water ↔ nonbinary acid 
• Metal oxide + nonmetal oxide ↔ nonbinary salt 

Example:  Na2O  +  H2O  ↔  2 NaOH  



Decomposition = one reactant becomes several products usually by heating the 
reactant or passing an electric current through it. 
• Metallic hydroxide ↔ metal oxide + water 
• Nonbinary acid ↔ nonmetal oxide + water 

• Nonbinary salt ↔ metal oxide + nonmetal oxide 
• Metallic chlorates ↔ metallic chlorides + oxygen 

• Electrolysis decompose compound into elements (water in dilute acids or 
solutions of dilute acids) 
• Hydrogen peroxide ↔ water + oxygen 
• Metallic carbonates ↔ metal oxides + carbon dioxide 

• Ammonium carbonate ↔ ammonia, water and carbon dioxide. 
 
Example:  Na2SO4  heat  ??????    

It would be Na2SO4  heat  Na2O  +  SO3     
 
(Why?  Well it looks like the third reaction pattern on the list.  So for the metal 
oxide, I looked up the charges for Na+1 and O-2 so Na2O?  Why SO3 well that’s 
what was left over after removing the Na2O. )  
 
REVIEW QUESTIONS – Complete on separate paper.  Problems should 
be neat and organized.   
 
1.  How many significant figures are in each of the following? 
 a.  0.0012  d.  106   g.  2006 
 b.  437,000  e.  125,904,000 h.  3050 
 c.  900.0  f.  1.0012  i.  0.001060 
      Express each number in scientific notation. 
 
2.  Complete the following conversions  

(memorize all conversions, there are several odd ones in here): 
 a.  1 km = _____ m = _____ mm = _____pm 
 b.  1 g =   _____ kg = _____ mg = _____ ng 
 c.  1 mL = _____ L = _____ dm3 = _____ cm3 

 d.  1 mg = _____ kg = _____ g = _____ g = _____ ng = _____ pg  

 e.  1 s = _____ ms = _____ ns 
 
3. A person has a temperature of 102.5 F.  What is this temperature on the 

Celsius scale?  on the Kelvin scale? 
 

4. Diamonds are measured in carats, and 1 carat = 0.200 g.  The density of 
diamond is 3.51 g/cm3.  What is the volume of a 5.0 carat diamond? 

 
 
 



5.  Classify each of the following as a mixture or a pure substance. 
 a.  water  d.  iron   g.  wine 
 b.  blood  e.  brass   h.  leather 
 c.  the oceans f.  uranium   i.  table salt 
  
6.  Perform the indicated mathematical operations and express each result to the  
     correct number of significant figures. 
 a.  3.894 x 2.66   d.  2.46 x  2 
 b.  2.96 + 8.1 + 5.0214  e.  9.146 - 9.137 
 c.  485 / 9.231   f.  2.17  +  4.32  +  401.278  +  21.826 
 
7. What are the symbols of the following nonmetals:  fluorine, chlorine,      

bromine, sulfur, oxygen, phosphorus? 
 
8. Give the names of the metals that correspond to the following symbols:  Sn, 
      Pt, Co, Ni, Mg, Ba, K. 
 
9. Give the number of protons and neutrons in the nucleus of each of the 

following atoms: 
 a.      Pu  c.      Cr  e.      Co 
 b.      Cu  d.      He  f.       Cr 
 
10. Would you expect each of the following atoms to gain or lose electrons when 

forming ions?  What ion is the most likely in each case? 
 a.  Na  b.  Sr  c.  Ba  d.  I  e.  Al  f.  S 
 
11.  Name each of the following compounds: 
 a.  CrO2  c.  Al2O3  e.  SeO3  g.  PCl3 
 b.  Cr2O3  d.  SeO2  f.  NI3   h.  SF2 

 

12.  Name each of the following compounds:   
MEMORIZE the POLYATOMICS NOW in such a way as you won’t 
forget all year long. 

 a.  HNO3  e.  Na2SO4   i.  Ru(NO3)3 
 b.  HNO2  f.  Ca(HSO3)2   j.  V2O5 

 c.  H3PO4  g.  NaBrO3   k.  PtCl4 
 d.  H3PO3  h.  Fe(IO4)3   l.  FePO4 
 
13.  Write the formula for each of the following compounds: 
 a.  cesium bromide   e.  silicon tetrachloride 
 b.  barium sulfate   f.  chlorine trifluoride 
 c.  ammonium chloride  g.  beryllium oxide 
 d.  chlorine monoxide  h.  magnesium fluoride 
 



14.  Write the formula for each of the following compounds: 
 a.  sulfur difluoride   g.  ammonium acetate 
 b.  sulfur hexafluoride  h.  ammonium hydrogen sulfate 
 c.  sodium dihydrogen phosphate i.  cobalt (II) nitrate 
 d.  lithium nitride   j.  mercury (I) chloride 
 e.  chromium (III) carbonate k.  potassium chlorate 
 f.  tin (II) fluoride   l.  sodium hydride 
 

15. Write chemical formulas for the following acids:  
a. Perchloric Acid    f. Nitrous Acid  

b. Nitric Acid     g. Hydrochloric Acid  

c. Hydroiodic Acid    h. Hydrobromic Acid  

d. Acetic Acid    i. Chlorous Acid  

e. Iodic Acid     j. Bromic Acid  
 
16. Write chemical formulas for the following hydrates:  

a. Magnesium perchlorate hexahydrate  

b. Calcium chromate dihydrate  

c. Aluminum chloride hexahydrate  

d. Copper (II) sulfate pentahydrate  

e. Iron (III) chloride hexahydrate  

f. Barium chloride dihydrate  
 
17. Calculate the number of moles of each element present in 1.0 mol of each  
       of the following substances: 
 a.  NH3   b.  N2H4  c.  (NH4)2Cr2O7 
 
18.   Calculate the molar masses of Al2O3 and Na3AlF6. 
 
19.   Determine the mass in grams of the following: 
 a.  3.00 x 1020 N2 molecules  e.  2.00 x 10-15 mol N2 
 b.  3.00 x 10-3 mol N2   f.  18.0 picomoles of N2 
 c.  1.5 x 102 mol N2    g.  5.0 nanomoles of N2 
 d.  a single N2 molecule 
 
20. Arrange the following substances in order of the increasing percent of 
       phosphorus. 
 a.  Na3PO4  b.  PH3  c.  P4O10  d.  (NPCl2)3 
 
21. Calculate the mass percent of Cd in CdS, CdSe, and CdTe. 
 
 



22.  Calculate the percent composition by mass of the following compounds that 
are important starting materials for synthetic polymers: 

 a.  C3H4O2  b.  C4H6O2  c.  C3H3N 
 
The techniques in these problems are useful for chemical analysis.  Be sure you 
understand it backward and forward.  The questions can be asked 4 or 5 
different ways and you need to think about how you can solve them given similar 
but different data. 
 
23.  A compound that contains only carbon, hydrogen, and oxygen is 48.38 % C 
      and 8.12 % H by mass.  What is the empirical formula of this substance? 
 
24.  A compound that contain only nitrogen and oxygen is 30.4 % N by mass;       

the molar mass of the compound is 92 g/mol.  What is the empirical      
formula of the compound?  What is the molecular formula of the       
compound? 

 
25. Determine the molecular formulas to which the following empirical formulas      

and molar masses pertain: 
 a.  SNH (188.35 g/mol)  c.  CoC4O4 (341.94 g/mol) 
 b.  NPCl2 (347.64 g/mol)  d.  SN (184.32 g/mol) 
 
26.  Balance each of the following equations: 
 a.  Cu (s)  +  AgNO3 (aq)      Ag (s)  +  Cu(NO3)2 (aq) 

 b.  Zn (s)  +  HCl (aq)      ZnCl2 (aq)  +  H2 (g) 

 c.  Au2S3 (s)  +  H2 (g)      Au (s)  +  H2S (g) 

 d.  Ca (s)  +  H2O (l)      Ca(OH)2 (aq)  +  H2 (g) 

 
 
Stoichiometry – Stoichiometry – Stoichiometry – Stoichiometry – one more time 
 
Stoichiometry You need to master these molar relationships. 
 
27. What mass of NH4ClO4 should be used in the fuel mixture for every kilogram     

of Al? 3 Al  +  3 NH4ClO4      Al2O3  +  AlCl3  +  3 NO  +  6 H2O 

 
28. a.  What mass of C6H8O7 should be used for every 1.0 x 102 mg NaHCO3? 
       b.  What mass of CO2 could be produced from such a mixture? 

  3 NaHCO3  +  C6H8O7      3 CO2  +  3 H2O  +  Na3C6H5O7 

 
29. When copper is heated with an excess of sulfur, copper (I) sulfide is     

formed.  In a given experiment, 1.50 g copper was heated with excess sulfur     
to yield 1.76 g copper (I) sulfide.  What is the theoretical yield?  What was     
the percent yield? 



 
30. When a mixture of silver metal and sulfur is heated, silver sulfide is formed: 
   16 Ag  +  S8      8 Ag2S 

a. What mass of Ag2S is produced from a mixture of 2.0 g Ag and  
     2.0 g S8? 

 b.  What mass of which reactant is left unreacted? 
 
31. Calculate the molar mass for each of the following: 
 a.  NaBrO3  b.  H3PO4 c.  (C2F4)500  d.  Cu(H2O)6Cl2 
 
32. An element X forms both a dichloride (XCl2) and a tetrachloride (XCl4).  
       Treatment of 10.00 g XCl2 with excess chlorine forms 12.55 g XCl4. 

         Calculate the atomic mass of X, and identify X. 
 
Determine the balanced net ionic equation for each of the following reactions.  
Remove any ions that are not involved in the net ionic reaction: 
33.      a.  35.0 grams of solid ammonium carbonate decomposes as it is heated 

 b.  What volume of gas could be collected at STP from this reaction? 
 
34.      a.  Chlorine gas is bubbled through a solution of sodium bromide 
 b.  Determine the oxidation state of chlorine before and after the reaction 
 
35.      a.  A solution of sodium hydroxide is poured into a solution of lead (II) 

nitrate 
b. Before being mixed both of the solutions were 1.0 L and 1.0 M.  

Determine the moles of solid produced? 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 



ANSWERS 
 
1.   a.  2 , 1.2 x 10-3  b.  3 , 4.37 x 105  c. 4 , 9.000 x 102 

         d.  3, 1.06 x 102 e.  6 , 1.25904 x 108 f.  5 , 1.0012 x 100 
      g.  4 , 2.006 x 103 h.  3 , 3.05 x 103  i.  4 , 1.060 x 10-3 
   
2.  a.  1 km = 103 m = 106 mm = 1015 pm 
     b.  1 g = 10-3 kg = 103 mg = 109 ng 
     c.  1 mL = 10-3 L = 10-3 dm3 = 1 cm3 

     d.  1 mg = 10-6 kg = 10-3g =103 g = 106 ng = 109 pg 

     e.  1 s = 103 ms = 109 ns 
 
3. 39.2 C, 312.4 K 

 
4.  0.28 cm3 
 
5.  a.  pure  b.  mixture  c.  mixture  d.  pure 
     e.  mixture f.  pure  g.  mixture  h.  mixture 
     i.  pure 
 
6.  a.  10.4  b.  16.1  c.  52.5   
     d.  5  e.  0.009  f.  429.59 
 
7.  fluorine , F chlorine , Cl  bromine , Br 
     sulfur , S  oxygen , O  phosphorus , P 
 
8.  Sn, tin  Pt, platinum  Co, cobalt 
     Ni, nickel  Mg, magnesium Ba, barium 
     K, potassium 
 
9.  a.  94 p, 144 n  b.  29 p, 36 n c.  24 p, 28 n 
     d.  2 p, 2 n   e.  27 p, 33 n  f.  24 p, 30 n 
 
10.  a.  lose, Na+  b.  lose, Sr2+  c.  lose, Ba2+ 
       d.  gain, I-  e.  lose, Al3+  f.  gain, S2- 
 
11.  a.  chromium (VI) oxide b.  chromium (III) oxide 
       c.  aluminum oxide  d.  selenium dioxide 
       e.  selenium trioxide  f.  nitogen triiodide 
       g.  phosphorus trichloride h.  sulfur dioxide 
 
12.  a.  nitric acid   b.  nitrous acid 
       c.  phosphoric acid  d.  phosphorous acid 
       e.  sodium sulfate  



       f.  calcium hydrogen sulfite (calcium bisulfate) 
       g.  sodium bromate  h.  iron (III) periodate 
       i.  ruthenium (III) nitrate j.  vanadium (V) oxide 
       k. platinum (IV) chloride l.  iron (III) phosphate 
 
13.  a.  CsBr  b.  BaSO4 c.  NH4Cl d.  ClO e.  SiCl4 
       f.  ClF3  g.  BeO h.  MgF2  
 
14.  a.  SF2  b.  SF6  c.  NaH2PO4  d.  Li3N              
       e.  Cr2(CO3)3 f.  SnF2 g.  NH4C2H3O2 h.  NH4HSO4 
       i.  Co(NO3)2 j.  Hg2Cl2 k.  KClO3  l.  NaH 
 

15.  a. HClO4  b. HNO3 c. HI  d. HC2H3O2  e. HIO3

 f. HNO2 g. HCl  h. HBr  i. HClO3  j. HBrO3  

 
16. Write chemical formulas for the following hydrates:  

a. Mg(ClO4)2•6H2O   b. CaCrO4•2H2O   c. AlCl3•6H2O  

d. CuSO4•5H2O   e. FeCl3•6H2O   f. BaCl2•2H2O  

 
17.   a.  1.0 mol N, 3.0 mol H    b.  2.0 mol N, 4.0 mol H 
       c.  2.0 mol N, 8.0 mol H, 2.0 mol Cr, 7.0 mol O 
 
18.  Al2O3  101.96 g/mol  Na3AlF6   209.95 g/mol 
 
19.   a.  1.40 x 10-2 mol  b.  8.41 x 10-2 g 
       c.  4.2 x 103 g   d.  4.653 x 10-23 g 
       e.  5.60 x 10-14 g  f.  5.04 x 10-10 g 
       g.  1.4 x 10-7 g 
 
20. Na3PO4    (NPCl2)3      P4O10      PH3 

 
21. CdS, 77.79 % Cd; CdSe, 58.73 % Cd;  CdTe, 46.83 % Cd 
 
22. a.  50.00 % C,  5.595 % H,  44.41 % O 
       b.  55.80 % C,  7.025 % H,  37.18 % O 
       c.  67.90 % C,  5.699 % H,  26.40 % N 
 
23. C3H6O2 
 
24. NO2,  N2O4 
 
25. a.  S4N4H4  b.  N3P3Cl6  c.  Co2C8O8  d.  S4N4 
 



26. a.  1,2,2,1  b.  1,2,1,1  c.  1,3,2,3  d.  1,2,1,1 
 

27. 4.4 kg 
 

28. a.  76 mg b.  52 mg 
 

29. 1.88 g (theoretical),  93.6 % 
 

30. a.  2.3 g  b.  1.7 g 
 

31. a.  150.89 g/ mol     b.  97.99 g/mol 
       c.  50,000 g/mol     d.  242.55 g/mol 

   

32. 207 g/mol,  Pb 
 
33. a.  (NH4)2CO3  heat 2 NH3 +  H2O  +   CO2 b.  0.874 L CO2 
 
34. a.  Cl2  +  2 Br -     2 Cl-  +  Br2   b.  0 the -1  
 The Na was aqueous the whole reaction and therefore didn’t change, thus 
it has been removed from the NET ionic equation. 
 
35.   a.  2 OH-  +  Pb2+  ↔  Pb(OH)2   b.  0.50 mol Pb(OH)2 

 The sodium and nitrate were aqueous the entire time and remove from 
the net ionic reaction. 


