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Chap 5 Notes Chemistry Calculations

5.1 How Should Data be Reported?  Chapter 2-5 pg 58
Objectives:  SWBAT

1. distinguish between the accuracy and the precision of a set of measurements.

2. understand the basic characteristics of quantitative measurements.

3. read laboratory instrument scales, no matter what type.

A) (Pg 60)  Reliability of measurements:  Are measurements being recorded properly and made using good laboratory techniques?

1) In this class we will use the smallest division of the scale of an instrument as the accuracy of the instrument.

2) Uncertainty in Measurement:
No matter how precise the measurement it could always be more precise.  These numbers can never be perfectly known.

a) Unknown:
The actual value, or true value, of a measurement is not only unknown, but unknowable.

b) Accuracy:  the extent to which a measurement approaches the true value of a quantity.

c) Precision:  the degree of exactness of refinement of a measurement.

d) Estimation:
All the numbers we use in measurements are actually estimates except for the following:

(i) Things that are counted.  Ex:  Number of students in the classroom.

(ii) Definitions are known perfectly.

B) Numbers Without Units are Meaningless!!!

1) Give any example of a number that has meaning, and it must have a unit in order to have meaning!

2) Quantitative:  Describing things using numbers and units.

a) Quantitative is the preferable method because it is empirical data.
b) Empirical Data:  data that is agreed upon by everyone, it has no bias.

3) Qualitative:  Describing things using adjectives and words.


C) Reading Instrument Scales

1) Golden Rule:  Always read laboratory equipment to the accuracy of the scale.

2) Calibration:  Instruments have to be calibrated to accepted standards in order to have accuracy.
3) Tare:  A method of measuring which finds the mass of an object by subtracting the mass of the container from the total mass.
4) Types of Instrument Scales:

a) Digital:
Measurement recorded in an electronic display.  The last digit of the display is the accuracy of the device.

b) Linear:
Measurement is read on a linear scale.  The accuracy of the instrument is the smallest division of the linear scale.

c) Vernier:
Measurement is read on a non-linear scale.  The accuracy of the instrument is the smallest division of the scale.

5) Linear Scales:  a scale with uniform, periodic divisions.

a) Determining the accuracy of a linear scale.

b) The accuracy of a linear scale is equal to the smallest increment of the scale.

c) Step 1:  Subtract the difference between two adjacent numbers on the scale.

d) Step 2:  Divide that value by the number of spaces between the two numbers.

e) The answer is the value of the smallest increment of the scale (or, the accuracy of the instrument).

f) For example (scale below):

(i) Step 1:  Difference of two adjacent numbers:  3 - 2 = 
(ii) Step 2:  Divide answer step one by number of spaces:  1/10 = .1 therefore the accuracy is .1 for this instrument.
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D) Reading Vernier Instrument Scales. 

1) Vernier scale must be read in two parts.  The primary portion of the scale is read for all but the last digit.  The last digit is always read from a secondary scale (which may be a part of the primary scale).
2) Examples of Instruments with vernier scales:  Barometer, and micrometer.
Reading Instruments Worksheet #1

5.2 Significant Figures  Section 2-5 pg and pg 805-807
Objectives:  SWBAT

1. distinguish infinitely significant numbers.

2. determine the number of significant figures that a number contains.

A) The following numbers are infinitely significant:

1) Things that are defined.  Ex: There are exactly 12 inches in a foot.

2) Numbers that are written out or counted.  One is considered to be infinitely significant.

B) The following figures are always significant:

1) All nonzero digits.  Ex: 2,342 has 4 significant digits.

2) All zeros between digits.  Ex: 1009 has 4, 202 has 3.

3) Zeros to the right of a nonzero digit and left of a written decimal place.  Ex: 3,000. has 4, 3,000 has 1, and 200. has 3.

4) Zeros to the right of a nonzero digit and to the right of a written decimal place.  Ex: 0.020 0 has 3, 0.011 00 has 4.

C) The following digits are never significant:

1) Zeros to the left of a decimal place in numbers smaller than one.  Ex: 0.23 has 2, .23 has 2.

2) Zeros to the right of a decimal place but to the left of the first nonzero digit.  Ex: 0.002 3 has 2, 0.23 has 2.

D) When recording laboratory data, the last readable digit is considered to be the last significant digit.

E) Things to Consider with Significant Figures

1) Zeros are placed in front of the decimal for numbers that are smaller than one.  These are called leading zeros and it is done to make it easier to read the number.  These digits are never significant (Rule 3.A).

2) Zeros are place in front of numbers smaller than one and behind numbers ten or larger.  These numbers are used to locate the magnitude of the number and are called Placement Zeros.  These zeros are only significant if they are after a nonzero digit and are to the right of a written decimal place (Rule 2.C).

Number of Significant Figures:  Worksheet 2

(Pg 58)  Standard Units.

Graphing (See page 800, Appendix B)

5.3 Scientific Notation

Objectives:  SWBAT

1. change an Arabic number to scientific notation and visa versa.

2. make simple calculations with scientific notation without using a calculator.

3. make calculations with scientific notations.

4. determine the magnitude of a number.

A) Scientific Notation is an abbreviated way of writing numbers down based upon the exponents of 10.  The first part of a number written in scientific notation is called the mantissa.  The mantissa always has the decimal after the first digit.  The second half of a number in scientific notation is 10 to some whole numbered power.

2.345(1028) = 2.345 X 1028 = 234,50,000,000,000,000,000,000,000,000 = 2.345E28

Mantissa----             ---^             ^---------- Exponent of 10

The exponent is used to move the decimal after the first digit in the mantissa.

10-6 = 0.000 001

10-3 = 0.001

10-2 = 0.01                As you move the decimal to the right on the mantissa, the exponent

10-1 = 0.1                  gets smaller

100 = 1
101 = 10

102 = 100

As you move the decimal to the left on the mantissa, the 

103 = 1,000

exponent gets larger.

106 = 1,000,000

234 = 2.34 X 102     0.023 4 = 2.34 X 10-2     99,230,000,000 = 99.23 X 1010
B) Magnitude:
The exponent of 10 is considered a numbers magnitude.  Ex: 2.34E22 has a magnitude of 22 and 2.11E20 has a magnitude of 20.  The difference between these two numbers is a magnitude of 2.

1) Practical Application:
For X magnitude difference between two numbers the larger one is 10X larger than the smaller one.  Magnitude is an indicator of the size of a number.

C) Calculations with Exponents:

1) When multiplying exponents with the same base simply add the exponents.

a) Example:   2.00E23 X 3.00E45 = (2.00 X 3.00)E(23+45) = 6.00E48 
2) When dividing exponents with the same base simply subtract the exponents.

a) Example: 103 X 105 = 10(3+5) = 108
1010  103 = 10(10-3) = 107
D) Estimation:  Multiplication and/or Division

a) One of the easiest ways to estimate the answer is by rounding the mantissas to one digit and then multiplying/dividing the mantissas and adding the exponent.  Ex: 3.22 x 1022 x 5.32 x 10E22  15E44  1.5E45

2) Adding and Subtracting using Scientific Notation

a) When adding and subtracting numbers with scientific notation first change the exponent so that both exponents are the same as the larger number and then add the mantissas.

Converting to Scientific Notation and magnitude Worksheet #2

Addition and Subtraction w/ Scientific Notation  #22-27

Adding and Subtracting Significant Figures  Worksheet #3

Multiplication and Division with Scientific Notation Worksheet #4

Estimation:  Scientific Notation  Worksheet #5

Pg 807 #1-3

5.4 SI System of Measurement  Section 2-5 pg 58
Objectives:  SWBAT

1. convert SI units without a calculator or conversion factors for the units M through m.

2. convert between all SI prefixes.

3. memorize basic measurement conversions.

4. utilize the factor label method to convert units.

5. utilize dimensional analysis to double check answers.

6. convert between SI derived units.

A) In 1960 the scientific community adopted a subset of the metric system to use as the standard scientific system of measurement.  This is the “Systeme Internationale” (SI).

B) Like the metric system it is based upon powers of ten.

C) Unlike the metric system, each unit is able to be simplified down to one of seven base units (or combinations of the base units.

Base Units
Quantity
Name
Symbol

Length
meter
m

Mass
gram
g

Time
second
s

Electric current
ampere
A

Thermodynamic temperature
kelvin
K

Amount of substance
mole
mol

Luminous Intensity
candela
cd
Units Derived from SI Base Units
Quantity
Name
Symbol
Base Units

speed
meters/second
m/s

area
square meter
m2
volume
cubic meter

m3
density
grams/cubic centimeter
g/cm3
force

newton
N
kgm/s2
pressure
pascal
Pa
kg/ms2             (N/m2)

frequency
hertz

Hz
1/s

energy
joule
J
kgm3/s2
power
watt
W
kgm2/s3                 (J/s)

potential difference
volt
V
kgm2/As3

            (W/A)

electric charge
coulomb
C
As

Common Conversions
1 cm3 = 1 ml
1 dm3 = 1 L
H2O Density = 1.00 g/cm3
C = K – 273
K = C + 273
C = F - 32 (5/9)
F = (C * 9/5) + 32

SI Prefixes



Conversion

Prefix
Symbol
Meaning
Factor

tera
T
trillion
10-12

giga
G
billion
10-9
Move 3 decimal places

mega
M
million
10-6

kilo
k
thousand
10-3

hecto
h
hundred
10-2

deka
da
ten
10-1

Base Unit

one
100
Move 1 decimal place


deci
d
tenth
101
centi
c
hundredth
102
milli
m
thousandth
103
micro

millionth
106
nano
n
billionth
109
pico
p
trillionth
1012
Move 3 decimal places

femto
f
quadrillonth
1015
atto
a
quintrillonth
1018
Mnemonic Device for most commonly used Prefixes:

My
King
Henry
Drinks
Bad
Dark
Chocolate
Milk

mega
kilo
hecto
deca
base
deci
centi
milli

Derived Unit Conversions
If a unit is cubed or squared then the exponent conversion factor must be curbed or squared: To cube an exponent multiply the power by three.  To square an exponent multiply the power by two.

100 dm = 101 cm
100 dm2 = 102 cm2

100 dm3 = 103 cm3
The old metric unit for volume, litre, is not cubed and does not follow this pattern It can be treated like other units.  1 dL = 10 mL
103 L = 100 kL

D) Factor Label Method:
A method of solving simple proportion problems by canceling units algebraically. 

1) Starting Rules: 

a) Show all work.  This does not mean for students to show how they did long division, but rather what was divided.
b) Place units with all numbers.  Remember, a number without a unit is meaningless. 

c) Use the Factor Label Method to solve all proportional problems. 

(i) Write the number that is being converted in the top of the first box. 

(ii) Cancel the unit with the number by placing the unit at the bottom of the second box. 

(iii) Think of a proportion that can change the unit from the one you started with to the one you want to end up with.  Sometimes this may take several proportions. 

(iv) Multiply by the numbers on the top and divide by the numbers on the bottom.  Remember that this is essentially a large fraction that you are setting up.  If you place a fraction in the bottom you can move the reciprocal to the top. 

(v) The exponents that you learned will always go with the base unit. 

  1/10 dg | =          dg |                       mg | = 1,000 mg |
                                g|       10    g |              1/1,000 g|                  g |

Example #1
87 kg   | 1,000  g  | = 87,000 g

                      |            kg |

Example #2
950 mg | 1/1,000 g | = 950 mg   |               g | = .950 g

                       |            mg |                    | 1,000 mg |

5.5 The Mole

Objectives:  SWBAT

1. calculate the average atomic mass of an element when given relative abundances of it’s isotopes.

2. calculate the MM, FM, GMM, and GFM for substances.

3. calculate the percent composition of a compound.

4. demonstrate complete understanding of the unit mole by calculating the number of moles, number of molecules, mass, and or number of atoms when given one of the other values.

5. calculate the empirical and/or molecular formula of a compound.

A) Atomic Mass (AM):  the mass of one atom of an element.  (amu).

1) Atomic mass is always recorded as the average atomic mass of all isotopes.

a) Isotope:  Has the same number of protons but different number of neutron.

2) Atomic Mass Unit (amu):  1/12th the mass of a Carbon 12 atom.

B) Molecular Mass (MM):  the sum of the atomic masses of a compound.

1) Atomic masses are always rounded to the 0.1 amu for class purposes.

2) The NAVY periodic chart is always considered the standard for class purposes.


Sodium Chloride:  NaCl


Calcium Hydroxide:  Ca(OH)2
Na
     23.0 amu



Ca
    40.1 amu

Cl
+   35.5 amu



O X 2
    32.0 amu

H X 2
+   2.0 amu 

NaCl
     58.5 amu  MM 


Ca(OH)2  72.1 amu  MM

C) Atomic Masses and Molecular Masses are both measured in amu’s.  These amu’s are such small units that they are impractical units.

1) To make it larger proportionally, they simply changed the unit to gram and called it Gram Atomic Mass (GAM) and Gram Molecular Mass (GMM).

a) Let’s compare two elements for this process, Mercury (element 80) and Lithium (element 3).

2) 1 atom of Li
Atomic Mass = 6.9 amu


3) 1 atom of Hg
Atomic Mass = 200.6 amu

(i) Notice that even though each has only one atom, they have different atomic masses.

(ii) If we increase the atomic mass proportionally, we will also increase the number of atoms proportionally.  For example, if we increased the atomic mass by 10.

4) 10 atoms of Li

Atomic Mass = 69 amu

5) 10 atoms of Hg
Atomic Mass = 2,006 amu

(i) By changing the unit to grams we are proportionally changing the mass, hence the number of atoms will be the same for both samples (even if we don’t know what that value is).

6) X atoms of Li

Gram Atomic Mass = 6.9 g

7) X atoms of Hg

Gram Atomic Mass = 200.6 g

8) An Italian scientist, Amedeo Avogadro, had the number of atoms in an Atomic Mass named in honor of him.  Later it was calculated to be 6.022E23 (N) atoms in an atomic mass.

9) The same could be done to Molecular Mass, so there are N number of molecules in a Gram Molecular Mass.

10) Gram Atomic Mass (GAM):  The atomic mass changed to grams.  Contains Avogadro’s Number of atoms.

11) Gram Molecular Mass (GMM):  The molecular mass changed to grams.  Contains Avogadro’s Number of molecules.

12) To make this easier to discuss scientists arbitrarily invented a new unit called a mole.

a) Mole:  an amount of a substance contained in Avogadro’s Number of that substance.

b) Since the Gram Atomic Mass and Gram Molecular Mass can be measured in grams, this made the mole a very practical measurement.

D) Percentage Composition
1) Percent (%) is parts per hundred.  The following is the model formula for percentage:

Part       X 100 % = Percent

Whole

a) In order to properly calculate the theoretical composition of a compound, it is important to calculate the Molecular Mass (MM) for molecules, or Formula Mass (FM) for ionic compounds.

b) Calculate the Molecular Mass (MM) of the compound.

c) Molecular Mass = Sum of the atomic masses for each atom of a molecule.

d) Example:  H2O MM =   1.0 g X 2 =    2.0 amu  hydrogen atomic mass X 2

     2.0 amu

+ 16.0 amu
   18.0 amu

e) Divide the sum of the masses for an element by the total mass of the compound and multiply by 100 %

2) Percent Composition = Part      X 100 %         ***** Model Equation *****

                                         Whole

Percent Composition of Hydrogen in Water =     2.0 amu  X  100 %  =  13% H in H2O

                                        18.0 amu

Sample Problem:  What is the percent composition of nitrogen in N2O?

Determine the MM.

   14.0 amu X 2 =    28.0 amu  nitrogen atomic mass X 2

+ 16.0 amu  oxygen

   44.0 amu

Divide the sum of the atomic masses of nitrogen by the MM of N2O and multiply by 100.

Percent Composition = Part      X 100 %  =  28.0 amu X 100 % = 63.3 % nitrogen in N2O

  Whole                      44.0 amu

E) Calculations Using Percent
1) One of the uses of percent composition is to determine the amount of an element that can be obtained from a mineral.  This is particularly important in the mining industry where a change of just a part of a percent can be the difference between a successful mining operation or a financial failure.  This is also important in pharmaceuticals.  The same logic can be used whenever one finds a component of a mixture.

2) If it is not given, calculate the percent composition of the element of interest.

3) Use percent as a ratio, and multiply the percent composition of the element by the total mass of the ore.

Sample Problem:
A certain ore of iron contains 23.4 % iron by mass.  How much iron can be removed from a 1.00 kg sample of the ore?

a) 1.00 kg Iron Ore | 23.4 % Iron        | = 0.234 kg of Iron
   | 100 % Iron Ore  |

F) Mole Calculations

1) Practical Problems:
a) Since the formula mass (or molecular mass) of a compound like NaCl is so small, it cannot be measured by typical laboratory equipment.  This created practical problems since we normally measure mass in grams.
Na       23.0 amu

Cl     + 35.5 amu
58.5 amu

b) Using a little bit of simple math scientists said this:  If we take NaCl and take large multiples eventually it would add up to 58.5 g.  Why not create a unit that would have this amount of mass in it (they called the unit a mole)?  If we used this same multiple (called N) for all elements and compounds we could do the same thing for them.  One mole of any substance contains the same number
2) Mole:  When there is 6.023E23 molecules (compounds) of a substance.
3) Gram Molecular Mass (GMM) or Molar Mass:  The formula mass of a compound changed to grams.  This is the mass of one mole and contains 6.023E23 molecules (compounds) of a substance.
4) Avogadro’s Number (N):  The number of compounds that compose a mole (6.023E23).
A Mole of a substance has a Molar Mass and contains 6.023E23 molecules of the substance.
In Ratio Form:  
Molar Mass :  Moles  :  N Molecules (Formula Units)

One Mole of NaCl has a Molar Mass of 58.5 g, and has 6.023X1023 Formula Units of NaCl

Sample Problems:

1. Calculate the mass of 2.34 moles of NaCl.

2.34 moles NaCl | 58.5 g NaCl        | =  137 g NaCl

                            | mole NaCl          |

2. Calculate the number of moles in 3.44 g of NaCl.

 3.44 g NaCl | mol NaCl    |   =  5.88E-2 mol NaCl

                     | 58.5 g NaCl |

3. Calculate the number of formula units in 36.4 g of NaCl.

36.4 g NaCl | 6.023E23 formula units NaCl | =  3.75E23 formula units NaCl

                    | 58.5 g NaCl                             |

4. Calculate the mass in 8.34E22 formula units of NaCl.

8.34E22 formula units NaCl | 58.5 g NaCl                 |  =  8.10 g NaCl

                                              | N formula units NaCl |

5. Calculate the number of moles in 3.23E23 formula units of NaCl.

3.23 E 23 formula units NaCl | mol NaCl                    |  =  0.536 mol NaCl

                                                | N formula units NaCl |

6. Calculate the number of formula units in 4.30 moles of NaCl.

4.30 moles NaCl | N formula units NaCl |  =  2.59 E 24 formula units NaCl

                           | mol NaCl                     |

G) Calculating the Empirical Formula
1) Empirical Formula:  the smallest whole number ratio of elements in a compound.

a) All ionic compounds are written with empirical formulas.

2) The key to doing this is understanding the molar relationship.

a) Since there is a constant number of particles in a mole (N) then if a mole to mole ratio is determined, an atom to atom ratio is also determined!

3) The problems come in two formats:

a) The mass of the components of a substance are given.

(i) Calculate the number of moles of each element.

(ii) Take the smallest number of moles for the compound and divide all numbers by that number to get the molar ratio.

(iii) The molar ratio is the same as the element ratio.

Sample Problem:  

b) The percents of the components of a substance are given.

(i) This is the same steps as above except first assume that there is exactly 100 g of the substance, so each percent composition is then changed into grams and the molar ratio is able to be calculated.

H) Calculating Molecular Formulas

1) Molecular Formula:  the actual ratio of elements in a compound.

2) All molecules (covalently bonded) are written in Molecular Formulas

a) The molecular formula and the empirical formulas could be the same.

b) The molecular formula is always a whole number multiple of the empirical formula.

(i) Multiplier:  the whole number ratio that the molecular formula is of the empirical formula.

c) The basic strategy is to determine the empirical formula, and then determine the multiplier by dividing the molecular mass by the empirical mass.

Multiplier = Molecular Mass


          Empirical Mass

d) Once the multiplier is known, multiply the empirical formula by the multiplier to obtain the molecular formula.

Example:

e) cxzv
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