
 

 

 

 

Hello! Advanced Chemistry Students I hope you are enjoying your summer break! Before diving 
into the assignment and completing the worksheets, make sure you read through the information 
below.  
 
Advanced Chemistry is a course that moves rather quickly. In order to meet the rigor and pace 
of the course, students are encouraged to address certain selected topics independently during 
the summer in order to prepare for the upcoming school year. Your assignment consists of the 
following: 

1. Work through the notes provided over units and measurements and 
2. Work through the attached worksheets (1) and (2) and be prepared to turn these in on the 

second Tuesday of school. *Feel free to work the problems on your own paper for more 
room and box in your final answers. No credit will be given without work shown. There 
will be a QUIZ on that day so that you can show me that you have mastered this unit of 
study. I will be grading select problems from the assignment for a daily grade on the first 
nine-weeks grading period. You will have tutorial time before and after school to ask 
questions and get clarification. Form study groups and work them together! 

 
This is new material – it’s called dimensional analysis – and you may have encountered a few of 
these problems in junior high. It is a very important skill to master early on, as we will be using it 
throughout the year to solve problems. You may NOT use ratios or any other form of problem 
solving technique for this assignment. YOU MUST USE DIMENSIONAL ANALYSIS or you will 
not get credit.  
To help you with the new material, I have a video of me teaching through the notes and then 
working practice problems from the worksheet. Be sure not to just DIVE IN. Take the time to 
learn the skill and then practice with me, before you complete the rest of the worksheets 
yourself.  
Go to the video link https://www.youtube.com/watch?v=4uSd3ImVUR8, and I will guide you 
through the problems in the notes and on the worksheets. I will be free to answer emails or 
phone calls, so please do not hesitate to contact me for help! If you choose to not work through 
the summer assignment, you will find the pace of the course somewhat overwhelming as school 
starts, as I will move through the material rather quickly.  
 
Thank you and good luck!  
 
Debra Nolte 
PAP Chemistry 
AP Chemistry 
AP Environmental Science 
Hargrave High School  
dnolte@huffmanisd.net 
409-673-3697 
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Summer Assignment 2020 Advanced Chemistry 

Matter, Measurements, and Calculations Notes 

 
I. Chemistry:  The branch of science that deals with the identification of the substances of which matter is composed; 

the investigation of their properties and the ways in which they interact, combine, and change; and the use of these 

processes to form new substances.  (Matter = anything that has mass and takes up space) 

II. Physical Properties of Matter - Physical properties of matter are categorized as either Intensive or Extensive: 

  Intensive - Properties that do not depend on the amount of the matter present.  

   Ex:  Color, Odor, Luster, Malleability, Ductility, Conductivity, Hardness, Melting/Freezing 

   Point, Boiling Point, Density 

  Extensive - Properties that do depend on the amount of matter present. 

   Ex:  Mass, Volume, Weight, Length 

 

What we can and cannot directly see constitutes two contrasting views which run through all of chemistry, which we 

call macroscopic and microscopic. 

 

 In the context of Chemistry, "microscopic" implies detail at the atomic or subatomic levels which cannot be seen directly 

(even with a microscope!) 

The macroscopic world is the one we can know by direct observations of physical properties such as mass, volume, etc. 

 
III.  Classification of Matter 

             Matter 

      Can it be physically separated?  

   Yes                                                                                  No 

Mixtures                                 Pure Substances 

Is the composition uniform?                   Can it be decomposed by an ordinary chemical reaction? 

Yes                                 No           Yes                            No 

Homogeneous    Heterogeneous     Compounds         Elements 

Mixtures       Mixtures    (water, sodium        (gold, oxygen, 

(Solutions)   (Suspensions or Colloids)   chloride, sucrose)  carbon) 

(air, sugar water,                 (granite, wood, 

salt water)      muddy water) 

 

Mixtures: matter that can be physically separated into component parts (pure substances).   

a.  homogeneous mixture –has uniform composition; also called a solution 

b.  heterogeneous mixture – does not have a uniform composition 

 

Techniques used for mixture separation: 

 Filtration (sand from water) 

 Centrifugation (butterfat from milk) 

 Evaporation (salt from water)  

 Distillation (water from salt) 

 Chromatography (separating pigments in ink)   

  

Pure Substances:  when component parts of a mixture can no longer be physically separated into simpler 

substances.  Pure substances are either compounds or elements. 

a.  Compounds – can be decomposed by a chemical change.  Two or more elements bonded. 

b.  Elements – cannot be decomposed by a chemical change.  Will appear on the periodic table. 
 

IV.  Scientific Method - the process researchers use to carry out their investigations.  It is a logical approach to solving problems. 

A.  Steps 

1.  Ask a question 

2.  Observe and collect data 

3.  Formulate a hypothesis (a testable if-then statement).   



 

 

“When solving problems I will 

always put a 1 with the 

prefix.” 

4.  Test your hypothesis – Requires experimentation that provides data to support or refute your hypothesis. 

 

B.  Terms to Know 

1. Law vs. theory  

Scientific (natural) Law: a general statement based on the observed behavior of matter to which no exceptions are 

known. 

 Theory: a broad generalization that explains a body of facts or phenomena. 

    

2. Quantitative vs. qualitative data 

Quantitative: numerical (mass, density) 

Qualitative: descriptive (color, shape) 
 

V.  SI (System of International) Units of Measurements – adopted in 1960 by the General Conference on Weights and 

Measures. 

A.  Metric System – must know this 

Mass is measured in kilograms (other mass units: grams, milligrams) 

Volume in liters  

Length in meters 

 

B.  Prefixes are added to the stem or base unit to represent quantities that are larger or smaller then the stem or base unit.  You 

must know the following: 

    

    Prefix         Value/Meaning           Abbreviation      Example                

 

       Pico            l0-12 0.000000000001    p  pm, pg 

 

       Nano          l0-9 0.000000001  n  nm 

 

       Micro         l0-6 0.000001            g 

 

       Milli           l0-3       0.001   m  mm, mg 

 

       Centi          l0-2       0.01   c  cl, cg 

 

       Deci           l0-1       0.1   d  dl, dg 

(stem: liter, meter, gram) 

       Deka          l01        10   da  dag, dal ,  

 

       Hecto         l02 100   h  hl,hm 

 

       Kilo           l03 1000        k  kl, kg 

 

       Mega         l06 1000000        M  Mg, Mm 

 

  Starting from the largest value, mega, to the smallest value, pico, a way to remember the correct order is: 

     Miss Kathy Hall Drinks Gatorade, Milk, and Lemonade During Class on Monday Morning and Never Peed 

  

C.  Derived Units: combinations of quantities: area (m2), Density (g/cm3), Volume (cm3 or mL) 1cm3 = 1mL 

 

D.  Temperature- Be able to convert between degrees Celcius and Kelvin.  Absolute zero is 0 K, a temperature where all 

molecular motion ceases to exist.  Has not yet been attained, but scientists are within thousandths of a degree of 0 K.  No 

degree sign is used for Kelvin temperatures. 

 

  Celcius to Kelvin:   K =   C  + 273 

  

 Convert 98 ° C to Kelvin:  98° C + 273 = 371  K 

 

  Ex:  New materials can act as superconductors at temperatures above 250 K.  Convert 250 K to degrees Celsius. 

Examples:  

1Mm=1,000,000m 

1km=1000m 

1hm=100m 

1dam=10m 

1m=1m 

1dm=0.1m 

1cm=0.01m 

1mm=0.001m 

1μm=0.000001m 



 

 

 

 

VI. Density – relationship of mass to volume    D = m/V  Density is a derived unit (from both mass and volume) 

      For solids: D = grams/cm3 

      Liquids: D = grams/mL    Know these units 

      Gases:   D = grams/ liter 

 

Density is a conversion factor.  Water has a density of 1g/mL which means 1g=1mL! 

      

VII. Dimensional Analysis - When you finish this section, you will be able to: convert between English and metric units; 

convert values from one prefix to another. 

 

Dimensional analysis is the single most valuable mathematical technique that you will use in general chemistry. The 

method involves using conversion factors to cancel units until you have the proper unit in the proper place. A conversion 

factor is a ratio of equivalent measurements, so a conversion factor is equal to one. Example conversion factors:   

 4 quarters = $1.00 1 kg = 1000 g  1 kg = 2.2 lbs 

What is the mass in kilograms of a 125 pound box? 

?kg→ 125lbs  X    1 kg  =   56.8 kg     

             1  2.2 lbs   Notice that the unit “lbs” cancel out and your answer is in “kg.” 

 

When you are setting up problems using dimensional analysis, you are more concerned with units than with numbers.  

How many atoms of copper are present in a pure copper penny?  The mass of the penny is 3.2 grams.   

Needed conversion factors:                

6.02X1023 atoms = 1 mole copper  

1 mole copper = 63.5 grams              

 

PROBLEM SOLVING STEPS  

1. List the relevant conversion factors 

 

2.  Rewrite the problem as follows  

 

?atoms→ 3.2 g X    1 mole  X    6.02X1023 atoms =                    

    1            63.5 g   1 mole 

 

   

2. Multiply all the values in the numerator and divide by all those in the denominator.  

3. Double check that your units cancel properly. If they do, your numerical answer is probably correct. if they don’t, your 

answer is certainly wrong. 

 

Density as a Conversion Factor 

 Density is a conversion factor that relates mass and volume.    

Example Problems: 

 The density of mercury is 13.6 g/mL.  What would be the mass of 0.75 mL of mercury? 

?g→ 0.75m L   X   13.6 g  =    

1  1 mL  

 

Solve using dimensional analysis. 

 1.  A gas has a density of 0.824 g/L and occupies a volume of 3.00 liters. What is the mass in 

grams? 

 

 

 

 2.  An unknown metal having a mass of 287.8 g was added to a graduated cylinder that contained 

31.47 mL of water.  After the addition of the metal, the water level rose to 58.85 mL.  Determine 

the volume of the metal.  Calculate the density of the metal using dimensional analysis. 



 

 

 

 

 

 3.  A solid with dimensions of 3.0 cm X 4.0 cm X 2.0 cm has a mass of 28 g.  Will this solid float 

in water? (water has a density of 1.00 g/mL) 

 

 

 

 
Remember:  UNITS ARE THE KEY TO PROBLEM SOLVING! 

More Practice with Dimensional Analysis  

1.  It takes exactly one egg to make 8 pancakes, including other ingredients.  A pancake eating contest was held at which the 

winner ate 74 pancakes in 6 minutes.  At this rate, how many eggs (in the pancakes) would be eaten by the winner in 1.0 hour? 

Conversion Factors:  

 1 egg = 8 pancakes 

(Keep in mind that this is exactly the same as 8 pancakes = 1 egg. You can therefore either use 1 egg/ 8 pancakes  or  

8pancakes/1egg.  However, it is NOT CORRECT to use 8 eggs/1pancake or 1 pancake/ 8 eggs!)  

 1 hour = 60 minutes 

(Although it is not stated in the problem, you need a conversion factor from minutes to hours.  60 minutes/ 1 hour or 

1hour/60minutes)  

 74 pancakes = 6 minutes 

(74 pancakes were eaten every 6 minutes and can be expressed as 74 pancakes/ 6 minutes or 6 minutes/ 74 pancakes)  

 

Setting up and solving the problem: 

  

 

 

 

 

 

Complete the following using dimensional analysis:   

1.  Convert the following metric units:  

a.  42  µm to m       b.  62.9 kg to g 

 

 

c.  49.8 ml  to  l       d.  33.9 pm to m 

 

 

 

2. Convert the following units: 

a.  7.51 miles to meters      b.  38 feet to cm 

 

 

 

3.  Your heart pumps 2,000 gallons of blood per day.  How long (in years) would your heart have been pumping if it pumped 

1,500,000 gallons of blood? 

 

 

4. Eggs are shipped from a poultry farm in trucks.  The eggs are packed in cartons of one dozen eggs each; the cartons  are 

placed in crates that hold 20 cartons each.  The crates are stacked in the trucks, 5 crates across, 25 crates deep, and 25 crates 

high.  How many eggs are in 11.0 truckloads?   

 

 

 

5.  How many atoms of carbon are present in a 56 gram sample of charcoal (carbon)?   

(1 mole = 12.01 grams, 1 mole = 6.02X1023atoms) 



 

 

 

VIII. Using Scientific Measurements 

A.  Precision and Accuracy 

1.  Precision – the closeness of a set of measurements of the same quantities made in the same way (how well repeated 

measurements of a value agree with one another). 

  

 2.  Accuracy – is determined by the agreement between the measured quantity and the correct value.   

 

Ex:  Throwing Darts 

 
B.  Percent Error-is calculated by subtracting the experimental value from the accepted value, then dividing the difference by 

the accepted value. Multiply this number by 100.  Accuracy can be compared quantitatively with the accepted value using 

percent error. 

 

Percent error = accepted value  -  experimental value       X 100 

                                  Accepted value 

 

C. Counting Significant Figures  

When you report a measured value it is assumed that all the numbers are certain except for the last one, where there is an 

uncertainty of ±1.  

Example of nail on page 46:  the nail is 6.36cm long.  The 6.3 are certain values and the final 6 is uncertain!  There are 3 

significant figures in the value 6.36cm (2 certain and 1 uncertain).  All measured values will have one (and one only) uncertain 

number (the last one) and all others will be certain.  The reader can see that the 6.3 are certain values because they appear on the 

ruler, but the reader has to estimate the final 6. 

 

The rules for counting the number of significant figures in a value are: 

1.  All numbers other then zero will always be counted as significant figures. 

2.  Leading zeros do not count.           3.  Captive zeros always count.        4.  Trailing zeros count only if there is a decimal. 

 

Give the number of significant figures in the following values:  

a. 38.4703 mL     b. 0.00052 g      c. 0.05700 s     d. 500 g  

If your value is expressed in proper scientific notation, all of the figures in the pre-exponential value are significant, with the last 

digit being the least significant figure.  

“7.143 x 10-3 grams” contains 4 significant figures  

If that value is expressed as 0.007143, it still has 4 significant figures. Zeros, in this case, are placeholders. If you are ever in 

doubt about the number of significant figures in a value, write it in scientific notation.  

 

Give the number of significant figures in the following values:  

a. 6.19 x 101 years b.  7.40 x 106 years c.  3.80 x 10-19 J 

Helpful Hint : Convert to scientific notation f you are not certain as to the proper number of significant figures.  

When solving multiple-step problems DO NOT ROUND OFF THE ANSWER UNTIL THE VERY END OF THE PROBLEM.  

D. Significant Figures in Calculations  

 1.  In addition and subtraction, your answer should have the same number of decimal places as the measurement with the 

least number of decimal places.  

 

 Example:  12.734mL - 3.0mL = __________   

Solution: 12.734mL has 3 figures past the decimal point. 3.0mL has only 1 figure past the decimal point.  

Therefore, your final answer should be rounded off to one figure past the decimal point.  

 



 

 

12.734 mL - 3.0 mL       =        9.734 --------  9.7 mL 

 

a. 32.3mL – 25.993mL = ___________ 

b. 84g + 34.99g = __________ 

c. 43.222mL  – 38.12834mL = ___________ 

 

2.  In multiplication and division, your answer should have the same number of significant figures as the least precise 

measurement (or the measurement with the fewest number of SF). 

 61cm x 0.00745cm =  0.45445cm2 = 0.45cm2           2SF           

a. 32m x 0.00003987m = _______________  

b. 5cm x 1.882cm = ______________ 

c. 47. 8823g ÷ 9.322mL = ______________ 

 

In multiple step problems if addition or subtraction AND multiplication or division is used the rules for rounding are based off of 

multiplication and division (it “trumps” the addition and subtraction rules). 

 

3.  There is no uncertainty in a conversion factor; therefore they do not affect the degree of certainty of your answer.  The 

answer should have the same number of SF as the initial value. 

   

  a.  Convert 25. meters to millimeters. 

 

 

  b.  Convert 0.12L to mL. 

 

 

 

E.  Real World Connections  
A shocking number of patients die every year in United States hospitals as the result of medication errors, 

and many more are harmed. One widely cited estimate (Institute of Medicine, 2000) places the toll at 

44,000 to 98,000 deaths, making death by medication "misadventure" greater than all highway accidents, 

breast cancer, or AIDS. If this estimate is in the ballpark, then nurses (and patients) beware: Medication 

errors are the forth to sixth leading cause of death in America. 

 

Actual problems encountered in nursing practice 

You are to give "grain 5 FeSO4" but the available bottle gives only the milligrams of iron sulfate per tablet 

(325 mg/tab). How many milligrams is the order for?  

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 



 

 

 

 
Measurements and Calculations Worksheet #1 

 

Mixed Metric and American Conversions:  Show ALL work using dimensional analysis. 
1.  4.305 liters to microliters 

 

 

2.  3.80 km to meters 

 

 

3.  3.88 miles to meters 

 

 

4.  2.994 ounces to milligrams 

 

 

5.  926 tons to Megagrams 

 

 

6.  How many centimeters are there in 7.88 x 102 feet? 

 

 

7.  Convert 6.775 yards to picometers. 

 

 

8.  Convert 5.47 x 10-2 hectograms to ounces 

 

 

9.  How many centimeters are there in 51.004 miles? 

 

 

Density:  Show ALL work using dimensional analysis. 

14.  If an unknown solid weighs 84.0 grams and occupies 30.0 cm3 of space, what is its density? 

 

 

 

 

15.  What is the mass, in grams, of a liquid having a density of 1.50 g/ml and a volume of 3.5 liters? 

 

 

 

 

16.  What volume, in cm3, would a 200. gram sample of gold have if its density is known to be 20.5 g/cm3? 

 

 

 

 

17.  A solid block of substance is 74.0 cm by 55.0 cm by 29.0 cm and it weighs 625 kg.  Assuming that it did not chemically 

react with water nor dissolve in it, would it float in water?  The density of water is 1 g/mL.  Show your work. 

 

 

 

 

18.  A gas has a volume of 7.0 liters and a mass of 4.44 X 105 micrograms.  What is its density in g/L? 

 

 

 

19.  A certain liquid has a density of 0.855 g/mL.  How many LITERS would have a mass of 1.00 kg? 

 

 

 

1 mile = 5280 feet 

1 inch = 2.54 cm 

1 gram = 0.0353 ounces 

2000 pounds = 1 ton 

1 pound = 454 grams 

1 yard = 3 feet 

1 km = 0.621 miles 

1 yard = 0.914 m 

1 ton = 907.2 kg 

1 ft = 12 in 

1 gallon = 3.785 L 

1 m = 39.37 inch 

1 m3 = 35.31 ft3 

1 grain = 0.00229 ounces 

1 grain = 0.0648 grams 

***Look to notes for all 

metric conversions. 

 

 

 



 

 

 

Measurements and Calculations Worksheet #2 

Dimensional Analysis (Exercising Problem Solving Skills) 

  

Show ALL work, using dimensional analysis, Report answers using the correct number of significant figures.   

1.  The record long jump is 349.5 inches.  Convert this to meters.   

 

 

2.  A car traveling 55.0 miles per hour.  Convert this to meters per second.   

 

 

 

3.  How many milligrams are there in a 5.00 grain aspirin tablet?   

 

 

 

4.  What is the volume, in mL, of 100. grams of mercury?  Mercury has a density of 13.54 g/mL (which means 

1mL=13.54 g).   

 

 

 

5.  In 1980, the US produces 18.4 billion pounds (1.84 X 1010 lbs) of phosphoric acid to be used in the manufacture 

of fertilizer.  The average cost of the acid is $318/ton.  What was the total value of the phosphoric acid produced? 

 

 

 

 

6.  On planet Zizzag, city Astric is 35.0 digs from city Betrek.  The latest in teenage transportation is a Zeka which 

can travel a maximum of 115 millidigs/zip.  On Zizzag their time system divides each dyne into 25.0 zips.  How 

many dyne will it take Pezzi to get from Astric to Betrek to see his girlfriend? 

 

 

 

 

7.  While prospecting in the North Woods, Joe found a gold nugget which had a density of 19.2 g/cm3.  Joe dropped 

the gold into water in a graduated cylinder, the water level increased by 15.0 mL.  How many grams of gold did he 

have? 

 

 

 

8.  Light travels at a speed of 3.00 X 1010 cm/sec.  What is the speed of light in km/hr? 

 

 

 

9.  A cheetah has been clocked at 112 km/hr over a 100. meter distance.  What is this speed in m/sec? 

 

 

 

10.  After removing 68.1 kilograms of old copper tubing from air conditioning units Mark takes his load to a 

recycling yard.  There he is paid $2.50 per pound.  How much money did he make? 

 

 

 

b.  If 1 mole copper = 63.45 grams and 6.02X1023 atoms = 1 mole, how many atoms of copper did Mark recycle? 

 

 


