
AP Chemistry Summer Assignment: 

Dear Future AP Chemistry Student, 


	 I look forward to meeting you in the fall and beginning our exciting, rigorous study of 
chemistry. Tucker High School AP Chemistry is a program that is building on its past success. 
By taking this course, you are both preparing for your future and joining a tradition of scholars 
that have come before you. Work hard, work honest, and the world is yours. If you have any 
questions or concerns, please contact me at the provided e-mail. 


	 	 	 	 	 	 	 	 Scientifically, 


	 	 	 	 	 	 	 	 Mr. Burr

	 	 	 	 	 	 	 	 e20097997@dekalbschoolsga.org


Unit One: Atomic Structure and Properties 

i. Moles and Molar Mass 

ENDURING UNDERSTANDING: The mole allows different units to be compared.  

One cannot count particles directly while performing laboratory work. Thus, there must be a 
connection between the masses of substances reacting and the actual number of particles 
undergoing chemical changes.


For example, when I measure out 15 grams of pure table salt (NaCl) there are actually 	 	 	
1.55 x1024 formula units (particles) of salt. If we tried to count these particles of salt at the rate 
of one billion per second, it would still take 49 million years before we were finished. 


Therefore, scientists came up with a principle to relate numbers we can measure in the 
laboratory to the huge numbers of extremely small atoms that actually exist. 


This is called Avogadro’s Relationship: 

1 mole of anything  	 =      molar mass in g =    6.02x1023 actual particles 
1

Using this relationship, we can relate amounts that we cannot really comprehend into 	 	 	
quantities that are measured in the lab. We use the periodic table (end of the packet) to 		 	
get the masses for the middle part of the relationship. 


Practice One: Calculating Molar Mass 
 

Before we work with Avogadro’s Relationship, we need to understand how to add up the molar 
mass of a compound. 


The molar mass of an element is found on the periodic table. If we have a compound, which is 
one or more elements combined, we simply add those elements. 


 Actual particles are atoms for elements (things like carbon, sulfur, and iron), molecules for 1

covalent compounds like water, H2O, and carbon dioxide, CO2, and formula units ionic 
compounds like table salt, NaCl, and calcium sulfate, CaSO4. 



Example One:  


What is the molar mass of krypton, Kr?  83.80 amu


We look up the mass of krypton from the periodic table; amu stands for atomic mass unit. 


What is the molar mass for water, H2O?  18.02 amu


We find the mass of Hydrogen, 1.01 amu, and multiply it by two. We add one oxygen, 16.00 
amu, and get the final answer. 


What is the molar mass for calcium nitrate, Ca(NO3)2? 164.10 amu 

We find the mass of one atom of calcium, 40.08 amu. We then add the mass of two nitrogen 
atoms (14.01 amu x 2) and six oxygen atoms (16.00 amu x 6). Anything in the parentheses is 
multiplied by the number on the outside, just like in math class. Notice we do not do anything 
to the calcium, because it is not in the parentheses. Also, the three in the formula applies only 
to oxygen, not the nitrogen. 


Practice: Add up the molar masses of the following elements and compounds. 
Please use the attached periodic table and be sure to include units! 

 
1. Fe, elemental iron ____________________________________________________


2. CO, carbon monoxide, a covalent compound .  __________________________
2

3. Na2S, sodium sulfide, an ionic compound  ______________________________
3

4. CuS copper(II) sulfide, an ionic compound  ______________________________
4

5. Fe(NO3)2 iron (II) nitrate, an ionic compound _____________________________


6. Fe(NO3)3 iron (III) nitrate, an ionic compound  _____________________________
5

7. C6H12O6 glucose, a covalent compound _________________________________


8. O2 oxygen, a common diatomic element ________________________________


9. Al2(SO4)3 aluminum sulfate, an ionic compound __________________________


 A covalent compound is made up of two nonmetals that share valence electrons. Covalent 2

compounds often use prefixes in their names. 

 An ionic compound is made of a metal and nonmetal that have formed ions. Metals lose 3

electrons and form positive ions. Nonmetals gain electrons and form negative ions. Ionic 
compounds are brittle, have extremely high melting points, and conduct electricity in solution. 

 The Roman numeral here is because copper is in located in the large middle part of the 4

periodic table. This is called the ‘d’ block and is home to the transition metals. 

 Iron, and many other of the transition metals can have more than one charge. The Roman 5

numeral denotes that charge.



Now that we understand how to calculate molar mass, we are ready to write Avogadro’s 	
relationship for these compounds.


Example Two:  

Write Avogadro’s  relationship for krypton, Kr. 6

1 mole Kr = 83.80g Kr = 6.02x1023 atoms Kr


Avogadro’s Law always starts with 1 mole. The whole point is that we are finding one mole of 
something. We find the middle number from the periodic table. The last number is Avogadro’s 
number, and, since krypton is an element, is measured in atoms. 


Write Avogadro’s relationship for water, H2O. 

1 mole H2O = 18.02g H2O = 6.02x1023 molecules H2O


Notice that the numbers for moles and Avogadro’s number stay the same. Avogadro’s 	 	 	
number is measured in molecules, because water is a covalent compound. The mass is 

added from the periodic table. 


Write Avogadro’s relationship for calcium nitrate, Ca(NO3)2. 

1 mole Ca(NO3)2 = 164.10 g Ca(NO3)2 =  6.02x1023  formula units Ca(NO3)2


The pattern is the same here. The only difference is that Avogadro’s number is 	 	
measured in formula units because calcium nitrate is an ionic compound. 


Write Avogadro’s Relationship for the element and compounds from Example 1. 

1.


2.


3.


4.


5.


	 


6.


 Lorenzo Romano Amedeo Carlo Avogadro (1776-1856) was able to prove that under the 6

same temperature and pressure, one mole of any gas would have a volume of 22.4L. The 
number of particles in a mole is known as Avogadro’s Number as a tribute to him. 



7.  


8.


9.


ii. Using Avogadro’s relationship.  

	 We can use Avogadro’s relationship to turn the units of an element or a compound into 
a unit that we can use. This is mainly important when we need to switch between grams, which 
we can measure in the lab, and moles, which allow to relate the different substances we find in 
a chemical reaction. 


	 Take, for example, the following chemical reaction, where water is exposed to an 
electrical current and divided into hydrogen and oxygen gas :
7

	 	 	 	     Reactants	 	   Products


2H2O (l) + energy —> 2H2(g)  +  O2(g)


Two moles of water  +  Energy  yields  two moles of hydrogen gas and one mole of oxygen gas. 


The large numbers in front of of the water and hydrogen are called coefficients. The 
coefficients tell us how many moles of reactants and products are needed to balance the 
equation. We cannot, however, measure moles with a scale. In order to talk meaningfully about 
the reaction, we need to be able to switch grams into moles. 


Example Three: 

Convert moles of krypton to grams of krypton.  If we are given 3.53 moles of krypton, we are 
able to set up a ratio to convert these moles to grams (and also to atoms, should we choose to 
do so).


We know Avogadro’s relationship:

1 mole Kr = 83.80g Kr = 6.02x1023 atoms Kr


We take the 3.53 moles that we are given (this can be any number) and put it on the left- NOT 
in the ratio!  The only numbers that go in the ratio are from Avogadro’s relationship. 


	 	 	 3.53 moles Kr   x           83.80 g Kr    =   295.814g Kr = 296g Kr

	 	 	 	 	               1 mole Kr


We can do a similar calculation to switch from grams to moles:


	 	 	 15.6g Kr  x    1 mole Kr	 =   .186158 moles Kr = .186 mole Kr

	 	 	 	           83.80g Kr


 We will do this experiment in the laboratory this year. It will be awesome. 7



If we needed to know the number of atoms, molecules, or formula units, we would just put 
Avogadro’s number on top and the unit we have on the bottom:


	 	 	 1.57moles Kr   x           6.02x1023 atoms Kr    =   9.45x1023 Kr

	 	 	 	 	                     1 mole Kr	 


	 	 	 25.38g Kr        x           6.02x1023 atoms Kr    =   1.823x1023 Kr

	 	 	 	 	                     83.80g Kr

	 


Side Note on Sig Figs: 

Our calculators spit out a lot of numbers!  How do we know which numbers to keep for an 
answer?  In chemistry class, the answer is simple. We look at the numbers we are given (in 
a problem) or the precision of our instruments (in the laboratory). Here are some simple rules 
to remember:


1. All non-zero digits are significant. We use them. 

2. Zeroes in between non-zeroes are significant We use them. 

3. Final zeroes to the right of the decimal point are significant. We use them. 

4. Zeroes to the right of the decimal that come before non-zero digits are place holders. 

They are not significant. Hint: writing the number in scientific notation will get rid of 
these place holder zeroes. 


5. Unless there is a decimal point, large numbers are considered to be estimates and the 
zeroes are not significant. Hint: writing the number in scientific notation will get rid of 
these place holder zeroes.


6. When multiplying or dividing, report your answer with the same amount of significant 
digits as the number with the least amount of significant digits. 


7. When adding or subtracting, focus on the places to the right of the decimal. Report your 
answer with the same amount of decimal places as the number with the least places. 


Indicate the number of significant digits in the following numbers. 


a. .00675 ________________________                    e. 8.0 ______________________________


b. 5.750  _________________________                   f. .0000000003 _____________________


c.   707,778 _______________________	           g. 606070. _________________________


d.   7000 __________________________


Answer the following with a correct number or significant digits:


h. 45.3   +  1534.4567 ______________________


i.  65.3 x 234 ______________________________


j. 67 x 42   ________________________________


k. 78.4 +  67.234 __________________________

a. 3 b.4 c.6 d.1 e.2 f.1 g.6 h. 1579.8 i. 15,300 j. 2800 k.145.6  



Convert the given amounts using the relationships from example two. Be sure to pay 
attention to the significant digits: 

1. 25g of elemental iron to moles of elemental iron


2. 15.6moles of carbon monoxide to grams of carbon monoxide


3. 125g of sodium sulfide to moles of sodium sulfide


4. 1.25moles of copper(II) sulfide to grams of copper(II) sulfide


5. 3.34x1024 formula units iron(II) nitrate to moles of iron(II) nitrate


6. 1.345 grams of iron (III) nitrate to moles of iron(III) nitrate


7. 2.25 grams of glucose to molecules of glucose


8. 375 grams of oxygen to moles of oxygen


9.  25.3g of aluminum sulfate to formula units of aluminum sulfate


Put it all together to complete this problem:


10. A student measured out 75.8g of carbon dioxide, CO2, in the laboratory. How many moles 
of carbon dioxide did the student measure?




iii. Isotopes 

	 The three main parts of an atom are the proton, the neutron, and the electron. The 
proton and neutron exist together in a small, densely packed nucleus. The electrons irregularly 
orbit this nucleus in areas defined by the amount of energy they have. The more energy an 
electron has, the farther it is from the nucleus. If an electron absorbs enough energy, it will 
launch from the electron cloud  and become a free electron. 
8

	 Not all atoms of an element are the same. By definition, all atoms of an element have to 
have the same amount of protons. For example, all atoms of carbon have to have six protons. 
If there is a different number of protons, it is a different element. If there were five protons, the 
element would be Boron. If there were seven protons, the atom would be nitrogen.

	 Atoms are always losing and gaining electrons. We will cover that later. The main 
difference we are concerned with right now is a different number of neutrons. Atoms of an 
element having a different number of neutrons (neutral particles) in the nucleus are called 
isotopes. Every element has a few different isotopes. 


	 For example, carbon has three naturally occurring isotopes: carbon-12, carbon-13, and 
carbon-14. All of these isotopes must have six protons. That identifies them as carbon. Each 
neutral atom of carbon will also have six electrons, but more on that later. The difference 
between these isotopes is that carbon-12 has six neutrons (12 nucleons  - 6 protons = 6 9

neutrons), carbon-13 has seven neutrons (13 nucleons - 6 protons = 7 neutrons), and 
carbon-14 has eight neutrons (14 nucleons - 6 protons = 8 neutrons). Notice that there is 
always six protons when dealing with carbon. 


Indicate the number of protons, neutrons, and electrons in the following isotopes: 

Isotope Protons Neutrons Electrons

Chlorine-37

Chlorine-35

Phosphorus-33

Phosphorus-35

Oxygen-16

Oxygen-18

Iron-54

Iron-56

Gold-205

Gold-198

 The amount of energy needed to remove an electron from the nucleus is called the ionization 8

energy. This is a very important idea that we will use later. 

 A nucleon is anything that exists in the nucleus; protons and neutrons are nucleons. 9



Distribution of Isotopes: 

The isotopes of an element are not distributed evenly. There might a lot of a certain 
isotope and very few of some others. By taking this into account, we are able to calculate the 
average atomic mass. The average atomic mass is a decimal number, usually found under the 
chemical symbol on the periodic table. It is important to remember that no individual atom has 
this mass . Rather, it is a weighted average of all the isotopes of an element. 
10

Instructions for Taking a Weighted Average: 

1. Turn all given percents into decimals by dividing by 100. 
2. Multiply the decimal percents by the most precise mass available for its
    particular isotope. 
3. Sum the total of all the isotopes.  

Example: 

Calculate the average atomic mass of sulfur if 95.00% of all sulfur atoms have a mass 
of 31.972 amu, 0.76% has a mass of 32.971amu and 4.22% have a mass of 
33.967amu.


Solution: For the first isotope, I divide the 95% by 100, which equals .95. I then 
multiply it by the isotope mass, 31.972. I repeat the process for the other two isotopes. 
My show work should look like this:


(.95)(31.972 amu)  + (.0076)(32.971 amu)  + (.0422)(33.967 amu) = 


Remembering what we learned about significant figures, we would report five total sig figs. The 
percents are not considered, only the measured masses. Helpful hints: Remember order of 
operations! Your answer should always fall between the smallest and largest isotope mass. 


Try These: 

The element copper has naturally occurring isotopes with mass numbers of 63 and 65. The 
relative abundance and atomic masses are 69.2% for a mass of 62.93 amu and 30.8% for a 
mass of 64.93 amu. Calculate the average atomic mass of copper.


Calculate the average atomic mass of bromine. One isotope of bromine has an atomic mass of 
78.92 amu and a relative abundance of 50.69%. The other major isotope of bromine has an 
atomic mass of 80.92 amu and a relative abundance of 49.31%. 

 All isotopes have masses that are whole numbers. Even when given very precise information, 10

the numbers correspond to whole number isotopes. This is a common question on chemistry 
tests. The answer is usually that no individual atom ever has the average mass. 



Apply Your Knowledge: 

 In AP Chemistry, you will often be asked to take familiar idea and use it in a new or 
different way.  

The four isotopes of lead are shown below, each with its percent by mass abundance and the 
composition of its nucleus. Using the following data, first calculate the approximate atomic mass 
of each isotope. (Assume that each proton and neutron has a mass of 1.00 amu. Disregard the 
mass of the electrons.) Finally, calculate the average atomic mass of lead. 

  82p    82p    82p    82p 
 122n    124n   125n   126n 
 1.37%   26.26%  20.82%  51.55% 

While traveling to a distant universe, you discover the hypothetical element “X”. You 
obtain a representative sample of the element and discover that it is made up of two 
isotopes, X-23 and X-25. To help your science team calculate the atomic mass of the 
substance, you send the following drawing of your sample with your report.In the report, 
you also inform the science team that the light atoms are X-23, which have an isotopic 
mass of 23.02u, and the dark atoms are X-25, which have an isotopic mass of 25.147u. 
What is the atomic mass of element X? 

There are three isotopes of silicon. They have mass numbers of 28, 29 and 30. The 
average atomic mass of silicon is 28.086amu. What does this say about the relative 
abundances of the three isotopes? 



Average Atomic Mass from Mass Spectrometry: 

	 A mass spectrometer is a device for separating atoms and molecules according to their 
mass. In a mass spectrometer, a substance is first heated in a vacuum and then ionized. The 
ions produced are accelerated through a magnetic field that separates ions of different 
masses. The height of each peak is proportional to the amount of each isotope present (i.e. it’s 
relative abundance). The m/z ratio for each peak is found from the accelerating voltage for 
each peak. Many ions have a +1 charge so that the m/z ratio is numerically equal to mass m of 
the ion.  

The graph below was produced when an element, lithium, was analyzed in a mass 
spectrometer. 


�  
	 

	 We can see by the peaks in the graph that there are two common isotopes of lithium. 
The first has a mass very close to 6 amu and the other is right at 7. The height of the peaks 
indicate that there are many more lithium-7 atoms than lithium-6 atoms. The average atomic 
mass of lithium is going to be closer to, but not quite 7 amu. Remember, electrons are so 
small, their mass does not count into the overall mass of the atom. Checking the periodic 
table, we find that lithium does indeed have an average mass of 6.941 amu. 


	 If we had a more precise graph, we could get our masses from the x-axis and the 
percents from the y-axis and set up the relative abundance problem we have been working up 
to this point. 


 



Try this: 

Part I:� 


What element is most likely represented on the graph?


How many isotopes does this element have?


What percent of the total isotopes are 185? What percent are 187?  Hint: Divide the intensity of 
each isotope by the total intensity. 


Part II:


                      �  

	 Here is a graph for bromine, a common diatomic element. Look at the intensities of the 
peaks. How does this prove bromine exists more often as Br2?




Topic 1.3: Elemental Composition of Pure Substances 

Chemical formulas identify substances by their unique combination of atoms.


Some pure substances are composed of individual molecules (covalent compounds like water 
or carbon dioxide), while others consist of atoms or ions held together in fixed proportions as 
described by a formula unit (ionic compounds like table salt or baking soda). 


According to the law of definite proportions, the ratio of the masses of the constituent 
elements in any pure sample of that compound is always the same.


The chemical formula that lists the lowest whole number ratio of atoms of the elements in a 
compound is the empirical formula.


Empirical Formula: Lowest ratio of elements in a compound.    Example:  CH2O

	 If we use a LEGO metaphor, this would be an individual brick. 


Molecular Formula: Actual ratio of elements in a compound.     Example:  C3H6O3


	 This would be more than one brick stuck together. 


Finding empirical formula.

1. Switch grams to moles. Hint: If percents are given, just assume there is a hundred gram 

sample. 

2. Divide everything by the smallest number of moles.

3. Adjust to whole numbers with multiplication. 


Example I: A compound is found to be 66g of Ca and 31g of P. What is the empirical formula?


Step One: Switch grams to moles!


66g Ca  x 1 mole Ca = 1.50 moles Ca	 	 	 31g P   x 1 mole P = 1.00 moles P

                 40.08g Ca	 	 	 	 	 	 	        30.97g P


Step Two: Divide by the smallest number of moles.


	 	 1.50/1.00 = 1.5 	 	 	 	 	 1.00 / 1.00 = 1.00


Step Three: Adjust with multiplication. You want to make whole numbers!


	 	    1.5 x 2 = 3	 	 	 	 	 	 1.00 x 2 = 2


	 	 The answer is the empirical formula:  Ca3P2




Example II: A compound is found to be 40.00% C, 6.72% H, 53.29% O. What is the empirical 
formula of the compound?


Step One: Switch grams to moles!


40.00g C x 1mole C = 3.33 moles C	 	 	 	 6.72g H x 1 mole H = 6.67 moles H

	        12.01g C	 	 	 	 	 	 	      1.008g H


53.29g O x 1 moles O = 3.33 moles O

   	         16.00g O


Step Two: Divide by the smallest number of moles


              3.33/ 3.33 = 1	 	 	 6.67/3.33 = 2 		 	 3.33 / 3.33 = 1


Step Three: Adjust with multiplication. You want to make whole numbers!


	 Since this one came out in whole numbers, we don’t need to adjust it. 


	 The answer is the empirical formula CH2O


Example Three: The molecular mass of the compound in Example II is found to be 180 amu. 
What is the molecular formula of the compound?


The molecular formula is the actual formula of the compound. The molecular formula is always 
a multiple of the empirical formula. 


Step One: We take the mass of the empirical from the periodic table:


	 	 1x 12.01 amu C   +    2x 1.008 amu H    + 1x 16.00 amu O  = 30.026 amu. 


Step Two: Divide the molecular mass (larger) by the empirical mass ( smaller) 


	 	 	 	 180 amu / 30.026 amu = 5.99 = 6


Step Three:  Adjust the formula. 


	 In this case, multiply everything in the empirical formula by 6.


	 	 CH2O   x 6  = C6H12O6  The answer is the molecular formula of the compound. 




You Try It! 

1. The percent composition of a compound was found to be 63.5 % silver, 8.2 % nitrogen, 
and 28.3 %  oxygen.  Determine the compound’s empirical formula.


2. A 60.00 g sample of tetraethyl lead, a gasoline additive, is found to contain 38.43 g 
lead, 17.83 g carbon, and 3.74 g hydrogen.  Find its empirical formula.


3. A compound containing 5.9265 % H and 94.0735 % O has a molar mass of 34.01468 
g/mol.  Determine the empirical and molecular formula of this compound.


4. Determine the molecular formula of a compound with an empirical formula of NH2 and 
a formula mass of 32.06 amu.


5. The empirical formula of a hydrocarbon (compound that contains only C and H) is found 
to be CH.  Laboratory procedures have found that the molar mass of the compound is 
78 g/mol.  What is the molecular formula of this compound?


6. The molar mass of nicotine is 162.1 g/mol.  It contains 74.0 % carbon, 8.7 % hydrogen, 
and 17.3 % nitrogen.  Determine nicotine’s empirical formula and molecular formula.






	  


