1.2 The Scientific Method

CHEMICAL IMPACT

A Note-able Achievement

PPost-it Notes, a product of the 3M Corporation, revolu-
M tionized casual written communications and personal

reminders. Introduced in the United States in 1980, these
sticky-but-not-too-sticky notes have now found countless
uses in offices, cars, and homes throughout the world.

The invention of sticky notes occurred over a period of
about 10 years and involved a great deal of serendipity. The
adhesive for Post-it Notes was discovered by Dr. Spencer F.
Silver of 3M in 1968. Silver found that when an acrylate
polymer material was made in a particular way, it formed
cross-linked microspheres. When suspended in a solvent and
sprayed on a sheet of paper, this substance formed a “sparse
monolayer” of adhesive after the solvent evaporated. Scan-
ning electron microscope images of the adhesive show that
it has an irregular surface, a little like the surface of a gravel
road. In contrast, the adhesive on cellophane tape looks
smooth and uniform, like a superhighway. The bumpy sur-
face of Silver's adhesive caused it to be sticky but not so
sticky to produce permanent adhesion, because the number
of contact points between the binding surfaces was limited.

When he invented this adhesive, Silver had no specific
ideas for its use, so he spread the word of his discovery to
his fellow employees at 3M to see if anyone had an appli-
cation for it. In addition, over the next several years devel-
opment was carried out to improve the adhesive’s proper-
ties. It was not until 1974 that the idea for Post-it Notes
popped up. One Sunday Art Fry, a chemical engineer for

3M, was singing in his church choir when he became an-
noyed that the bookmark in his hymnal kept falling out. He
thought to himself that it would be nice if the bookmark
were sticky enough to stay in place but not so sticky that it
couldn’t be moved. Luckily, he' remembered Silver's glue—
and the Post-it Note was born.

For the next three years Fry worked to overcome the
manufacturing obstacles associated with the product. By
1977 enough Post-it Notes were being produced to supply
3M’s corporate headquarters, where the employees quickly
became addicted to their many uses. Post-it Notes are now
available in 62 colors and 25 shapes.

In the years since their introduction, 3M has heard some
remarkable stories connected to the use of these notes. For
example, a Post-it Note was applied to the nose of a corpo-
rate jet, where it was intended to be read by the plane’s Las
Vegas ground crew. Someone forgot to remove it, however.
The note was still on the nose of the plane when it landed
in Minneapolis, having survived a take-off and landing and
speeds of 500 miles per hour at temperatures as low as
—56°F. Stories on the 3M Web site also describe how a Post-
it Note on the front door of a home survived the 140 mile
per hour winds of Hurricane Hugo and how a foreign official
accepted Post-it Notes in lieu of cash when a small bribe
was needed to cut through bureaucratic hassles.

Post-it Notes have definitely changed the way we com-
municate and remember things.

method. The coupling of observations and hypotheses occurs becanse once we begin to
proceed down a given theoretical path, our hypotheses are unavoidably couched in the
language of that theory. In other words, we tend to see what we expect to see and,pften
fail to notice things that we do not expect. Thus the theory we are testing helps us be-
cause it focuses our questions. However, at the very same time, this focusing process may
limit our ability to see other possible explanations.

It is also important to keep in mind that scientists are human. They have prejudices;
they misinterpret data; they become emotionally attached to their theories and thus lose
objectivity; and they play politics. Science is affected by profit motives, budgets, fads,
wars, and religious beliefs. Galileo, for example, was forced to recant his astronomical
observations in the face of strong religious resistance. Lavoisier, the father of modern
chemistry, was beheaded because of his political affiliations. Great progress in the chem-
istry of nitrogen fertilizers resulted from the desire to produce explosives to fight wars.
The progress of science is often affected more by the frailties of humans and their
institutions than by the limitations of scientific measuring devices. The scientific meth-
ods are only as effective as the humans using them. They do not automatically lead

lo progress.
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Soda is commonly sold in 2-liter bottles—
an example of the use of SI units in every-
day life.
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T A S :
ow important are conversions from one unit to another?
If you ask the National Aeronautics and Space Admin-

¥ istration (NASA), very important! In 1999 NASA lost a $125

million Mars Climate Orbiter because of a failure to convert
from English to metric units.

The problem arose because two teams working on the
Mars mission were using different sets of units. NASA’s sci-
entists at the Jet Propulsion Laboratory in Pasadena, Cali-
fornia, assumed that the thrust data for the rockets on the
Orbiter they received from Lockheed Martin Astronautics in
Denver, which built the spacecraft, were in metric units. In
reality, the units were English. As a result the Orbiter dipped
100 kilometers lower into the Mars atmosphere than planned
and the friction from the atmosphere caused the craft to
burn up.

NASA's mistake refueled the controversy over whether
Congress should require the United States to switch to the
metric system. About 95% of the world now uses the met-
ric system, and the United States is slowly switching from
English to metric. For example, the automobile industry has
adopted metric fasteners and we buy our soda in two-liter
bottles. .

[ —

Units can be very important. In fact, they can mean the
difference between life and death on some occasions. In 1983,
for example, a Canadian jetliner almost ran out of fuel when
someone pumped 22,300 pounds of fuel into the aircraft in-
stead of 22,300 kilograms. Remember to watch your units!

Artist’s conception of the lost Mars Climate Orbiter.

Units of Measurement

Making observations is fundamental to all science. A quantitative observation, or mea-
surement, always consists of two parts: a number and a scale (called a unir). Both parts
must be present for the measurement to be meaningful.

In this textbook we will use measurements of mass, length, time, temperature, elec-
tric current, and the amount of a substance, among others. Scientists recognized long ago
that standard systems of units had to be adopted if measurements were to be useful. If
every scientist had a different set of units, complete chaos would result. Unfortunately,
different standards were adopted in different parts of the world. The two major systems
are the English system used in the United States and the metric system used by most of
the rest of the industrialized world. This duality causes a good deal of trouble; for exam-
ple, parts as simple as bolts are not interchangeable between machines built using the two
systems. As a result, the United States has begun to adopt the metric system.

Most scientists in all countries have for many years used the metric system. In 1960,
an international agreement set up a system of units called the /nternational System (le
Systéme International in French), or the SI system. This system is based on the metric
system and units derived from the metric system. The fundamental SI units are listed in

Table 1.1. We will discuss how to manipulate these units later in this chapter.

Because the fundamental units are not always convenient (expressing the mass of a
pin in kilograms is awkward), prefixes are used to change the size of the unit. These are
listed in Table 1.2. Some common objects and their measurements in SI units are listed

in Table 1.3.




TABLE 1.1 The Fundamental S| Units

1.3 Units of Measureme,

1m’
F“[:D-t Physical Quantity Name of Unit Abbreviation
- [ e —
-.____HE:EE Mass . kilogram kg
TS Lengn -’ m
LT T Time secon $
-.ﬁ__:_"_':: Temperature kelvin K
T L - Electric current ampere A
T Amount of substance mole mol
j Luminous intensity candela cd

One physical quantity that is very important in chemistry is volume, which is not
damental SI unit but is derived from length. A cube that measures 1 meter (m) on eacl
. is represented in Fig. 1.6. This cube has a volume of(Imy=1m' Recognizing that
Sy are 10 decimeters (dm) in a meter, the volume of this cube is (1 m)’ = (10 dm)® =

vty dm’. A cubic.decimeter, that is (1 dm)’, is commonly called a liter (L), which isau
volume slightly larger than a quart. As shown in Fig. 1.6, 1000 liters are contained in a
lcm'=1mL with a volume of 1 cubic meter, Similarly, since | decimeter equals 10 centimeters |

the liter can be divided into 1000 cubes each with a volume of | cubic centimeter:
Lliter = (1dm)’ = (10 cm)’ = 1000 cm?

Also, since 1 cm? = | milliliter (mL),

lem L liter = 1000 cm® = 1000 mL.
FIGURE 1.6 be his'stdes 1 ot I length Thus 1 liter contains 1000 cubic centimeters, or 1000 milliliters,
I:; :’E‘i;‘mc: :f 1 m*. The middle-sized Chemical laboratory work frequently requires measurement of the volumes of liqu
cube has sides 1 dm in length and a vol- Several devices for the accurate determination of liquid volume are shown in Fig. |

ume of 1 dm?, or 1 L. The smallest cube

An important point concerning measurements is the relationship between mass g

: f < :
has sides 1 cm in length and a volume 0 weight. Although these terms are sometimes used interchangeably, they are not the sar

1cm?, or 1 mL

ABLE 1.2 The Prefixes Used in the SI System (Those most commonly
T. :
encountered are shown in blue.)

Exponential
bol ‘Meaning - Notation*

Prefix Sym : 5

000,000,000 , 10
b lwomoomonon o
g G " 1,000,000,000,000 : A
tera g 1,000,000,000 1 gﬁ
e Y serr R 10
mega 1, 3
kilo k 100 10?
hecto h 0 . 10
deka da 1 10°
o — 0.1 107!
deci d 0.0l ok y 10°2
centi ¢ 0.001 : 107
milli m 0.000001 ‘ 10-6
micro K 0.000000001 10~
nano n ' 0.000000000001 10712
pico P 0.000000000000001 10713
femto f 0.000000000000000001 1071
atto a 3

‘ i tion.
*See Appendix 1.1 if you need a review of exponential notatio

TABLE 1.3  Some Examples of

. Commonly Used Units

Length A dime is | mm thick.
A quarter is 2.5 cm in
diameter,

The average height of an
adult man is 1.8 m.

Mass A nickel has a mass of
about 5 g,
A 120-1b person has a
mass of about 55 kg.

Voiume A 12-0z can of soda
has a volume of about
360 mL.

R ———
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Calibration
: mark indicates : “ﬂa |‘]
25-mL vol x
] - q
100 o= 2 0
= ||
= 3
— | = |
sofl = | I§
s 47 ig
40 f— 48 [
= Valve 49 =
P [ =
== (stopcock) 50 |
20 =~ controls the \‘
10 E. liquid lljlti} '
100-mL 25-mL pipet 50-mL buret
graduated cylinder volumetric flask FIGURE 1.8

An electronic analytical balance.

FIGURE 1.7
Common types of laboratory equipment used to measure liquid volume,

Mass is a measure of the resistance of an object to a change in its state of motion. Mass
is measured by the force necessary to give an object a certain acceleration. On earth we
use the force that gravity exerts on an object to measure its mass. We call this force the
object’s weight. Since weight is the response of mass to gravity, it varies with the strength
of the gravitational field. Therefore, your body mass is the same on the earth or on the
‘moon, but your weight would be much less on the moon than on earth because of the
moon’s smaller gravitational field.

Because weighing something on a chemical balance (see Fig. 1.8) involves compar-
ing the mass of that object to a standard mass, the terms weight and mass are sometimes
used interchangeably, although this is incorrect.

1.4 Uncertainty in Measurement

The number associated with a measurement is obtained using some measuring device. For
example, consider the measurement of the volume of a liquid using a buret (shown in Fig. 1.9
with the scale greatly magnified). Notice that the meniscus of the liquid occurs at about
20.15 milliliters. This means that about 20.15 mL of liquid has been delivered from the bu-
ret (if the initial position of the liquid meniscus was 0.00 mL). Note that we must estimate
the last number of the volume reading by interpolating between the 0.1-mL marks. Since
the last number is estimated, its value may be different if another person makes the same
measurement. If five different people read the same volume, the results might be as follows:

Person Results of Measurement
1 20.15 mL
2 20.14 mL
FIGURE 1.9 3 20.16 mL
Measurement of volume using a buret. The 4 20.17 mL
volume is read at the bottom of the liquid 5 20.16 mL

curve (called the meniscus).
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These results show that the first three numbers (20.1) remain the same regardless of who
makes the measurement; these are called certain digits. However, the digit to the right of
the 1 must be estimated and therefore varies; it is called an uncertain digit. We custom-
arily report a measurement by recording all the certain digits plus the firsr uncertain digit.
In our example it would not make any sense to try to record the volume of thousandths
of a milliliter because the value for hundredths of a milliliter must be estimated when
using the buret.

It is very important to realize that a measurement always has some degree of uncer-
tainty. The uncertainty of a measurement depends on the precision of the measuring de-
vice. For example, using a bathroom scale, you might estimate the mass of a grapefruit
to be approximately 1.5 pounds. Weighing the same grapefruit on a highly precise bal-
ance might produce a result of 1.476 pounds. In the first case, the uncertainty occurs in
the tenths of a pound place; in the second case, the uncertainty occurs in the thousandths
of a pound place. Suppose we weigh two similar grapefruits on the two devices and obtain
the following results:

Bathroom Scale Balance
Grapefruit 1 1.51b 1.476 Ib
Grapefruit 2 1.51b 1.518 Ib

Do the two grapefruits have the same mass? The answer depends on which set of results
you consider. Thus a conclusion based on a series of measurements depends on the cer-
tainty of those measurements. For this reason, it is important to indicate the uncertainty
in any measurement. This is done by always recording the certain digits and the first un-
certain digit (the estimated number). These numbers are called the significant figures of
a measurement.

The convention of significant figures automatically indicates something about the un-
certainty in a measurement. The uncertainty in the last number (the estimated number)
is usually assumed to be *1 unless otherwise indicated. For example, the measurement
1.86 kilograms can be taken to mean 1.86 * 0.01 kilograms.

In analyzing a sample of polluted water, a chemist measured out a 25.00-mL water sample
with a pipet (see Fig. 1.7). At another point in the analysis, the chemist used a graduated
cylinder (see Fig. 1.7) to measure 25 mL of a solution. What is the difference between
the measurements 25.00 mL and 25 mL?

Solution

Even though the two volume measurements appear to be equal, they really convey
different information. The quantity 25 mL means that the volume is between 24 mL and
26 mL, whereas the quantity 25.00 mL means that the volume is between 24.99 mL and
25.01 mL. The pipet measures volume with much greater precision than does the grad-
uated cylinder.

See Question 1.8.

When making a measurement, it is important to record the results to the appropriate
number of significant figures. For example, if a certain buret can be read to *=0.01 mL,
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(b)

(c)

FIGURE 1.10

The results of several dart throws show the
difference between precise and accurate.

(a) Neither accurate nor precise (large ran-
dom errors). (b) Precise but not accurate
(small random errors, large systematic error).
(c) Bull's-eye! Both precise and accurate
(small random errors, no systematic error),

Sample Exercise 1.2

you should record a reading of twenty-five milliliters as 25.00 mL, not 25 mL. This way
at some later time when you are using your results to do calculations, the uncertainty in
the measurement will be known to you.

Precision and Accuracy

Two terms often used to describe the reliability of measurements are precision and accu-
racy. Although these words are frequently used interchangeably in everyday life, they have
different meanings in the scientific context. Accuracy refers to the agreement of a par-
ticular value with the true value. Precision refers to the degree of agreement among sev-
eral measurements of the same quantity. Precision reflects the reproducibility of a given
type of measurement. The difference between these terms is illustrated by the results of
three different dart throws shown in Fig. 1.10.

Two different types of errors are illustrated in Fig. 1.10. A random error (also called
an indeterminate error) means that a measurement has an equal probability of being high
or low. This type of error occurs in estimating the value of the last digit of a measure-
ment. The second type of error is called systematic error (or determinate error). This
type of error occurs in the same direction each time: it is either always high or always
low. Figure 1.10(a) indicates large random errors (poor technique). Figure 1.10(b) indi-
cates small random errors but a large systematic error, and Figure 1.10(c) indicates small
random errors and no systematic error.

In quantitative work, precision is often used as an indication of accuracy; we assume
that the average of a series of precise measurements (which should “average out” the ran-
dom errors because of their equal probability of being high or low) is accurate, or close
to the “true” value. However, this assumption is valid only if systematic errors are absent.
Suppose we weigh a piece of brass five times on a very precise balance and obtain the
following results:

Weighing Result
1 2486 ¢
2 2487 g
3 2485¢
4 2484 g
5 2488 ¢

Normally, we would assume that the true mass of the piece of brass is very close to
2.486 grams, which is the average of the five results:
2486 g + 2487 g + 24859 + 2484 g + 2488 ¢

= 2486 ¢
5 g

However, if the balance has a defect causing it to give a result that is consistently 1.000 gram
too high (a systematic error of + 1.000 gram), then the measured value of 2.486 grams
would be seriously in error. The point here is that high precision among several mea-
surements is an indication of accuracy only if systematic errors are absent.

Precision and Accuracy

To check the accuracy of a graduated cylinder, a student filled the cylinder to the 25-mL
mark using water delivered from a buret (see Fig. 1.7) and then read the volume deliv-
ered. Following are the results of five trials:
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1.5 Significant Figures and Calculations

Volume Shown by Volume Shown
Trial Graduated Cylinder by the Buret
1 25 mL 26.54 mL
2 25 mL 26.51 mL
3 25 mL 26.60 mL
4 25 mL 26.49 mL
3 25 mL 26.57 mL
Average 25 mL 26.54 mL

Is the graduated cylinder accurate?

Solution
Precision is an indication of accuracy The results of the trials show very good precision (for a graduated cylinder). The stude
only if there are no systematic errors. has good technique. However, note that the average value measured using the buret is si

nificantly different from 25 mL. Thus this graduated cylinder is not very accurate. It pt
duces a systematic error (in this case, the indicated result is low for each measuremen

See Question 1.1

1.5 significant Figures and Calculations

Calculating the final result for an experiment usually involves adding, subtracting, muli
plying, or dividing the results of various types of measurements. Since it is very impo
tant that the uncertainty in the final result is known correctly, we have developed rules fi
counting the significant figures in each number and for determining the correct numbs
of significant figures in the final result.

Rules for Counting Significant Figures
1. Nonzero integers. Nonzero integers always count as significant figures.

2. Zeros. There are three classes of zeros:

Leading zeros are never significant a. Leading zeros are zeros that precede all the nonzero d igits. These do not count as

figures. . significant figures. In the number 0.0025, the three zeros simply indicate the po-
sition of the decimal point. This number has only two significant figures.

Captive zeros are always significant b. Captive zeros are zeros between nonzero digits. These always count as significant

figures. figures. The number 1.008 has four significant figures.

Trailing zeros are sometimes significant C. Trailing zeros are zeros at the right end of the number. They are significant only if

figures. the number contains a decimal point. The number 100 has only one significant

figure, whereas the number 1.00 X 10 has three significant figures. The number
one hundred written as 100. also has three significant figures.

Exact numbers never limit the number of 3. Exact numbers. Many times calculations involve numbers that were not obtained us-

significant figures in a calculation. ing measuring devices but were determined by counting: 10 experiments, 3 apples,
8 molecules. Such numbers are called exact numbers. They can be assumed to have
an infinite number of significant figures. Other examples of exact numbers are the
2 in 27 (the circumference of a circle) and the 4 and the 3 in $7r? (the volume of
a sphere). Exact numbers also can arise from definitions. For example, one inch is
defined as exactly 2.54 centimeters. Thus, in the statement 1 in = 2.54 cm, neither
the 2.54 nor the 1 limits the number of significant figures when used in a calculatiori.

Exponer;tlal notation is reviewed in Note that the number 1.00 X 10? above is written in exponential notation. This type
Appendix 1.1, of notation has at least two advantages: the number of significant figures can be easily
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indicated, and fewer zeros are needed to write a very large or very small number. For
example, the number 0.000060 is much more conveniently represented as 6.0 X 10%. (The
number has two significant figures.)

Significant Figures

Give the number of significant figures for each of the following results.

Sample’Exercise:1.3

a. A student’s extraction procedure on tea yields 0.0105 g of caffeine.
b. A chemist records a mass of 0.050080 g in an analysis.
¢. In an experiment a span of time is determined to be 8.050 X 1077 s.

Solution

a. The number contains three significant figures. The zeros to the left of the 1 are lead-
ing zeros and are not significant, but the remaining zero (a captive zero) is significant.
b. The number contains five significant figures. The leading zeros (to the left of the 5) are
not significant. The captive zeros between the 5 and the 8 are significant, and the trail-
ing zero to the right of the 8 is significant because the number contains a decimal point.
¢. This number has four significant figures. Both zeros are significant.

See Exercises 1.25 through 1.28.

To this point we have learned to count the significant figures in a given number. Next,
we must consider how uncertainty accumulates as calculations are carried out. The detailed
analysis of the accumulation of uncertainties depends on the type of calculation involved
and can be complex. However, in this textbook we will employ the following simple rules
that have been developed for determining the appropriate number of significant figures in
the result of a calculation.

Rules for Significant Figures in Mathematical Operations’

1. For multiplication or division, the number of significant figures in the result is the
same as the number in the least precise measurement used in the calculation. For
example, consider the calculation

| 456 X 1.4 = 638 Conedted, 6.4
5 1 1
i Limiting term has Two significant
two significant figures
. : figures

The product should have only two significant figures, since 1.4 has two significant figures.

2. For addition or subtraction, the result has the same number of decimal places as the
i least precise measurement used in the calculation. For example, consider the sum

i 1.1
18.0 <« Limiting term has one dedmal place

‘ 1.013
31123 Somend 341

T
One decimal place
The correct result is 31.1, since 18.0 has only one decimal place.

*Although these simple rules work well for most cases, they can give misleading results in certain cases.
For more information, see L. M. Schwartz, “Propagation of Significant Figures,” J. Chem. Ed. 62 (1985):
693; and H. Bradford Thompson, “Is 8°C equal to 50°F?" J. Chem. Ed. 68 (1991): 400.




