
Mrs. Lee 
 
Integrated  
 
Week 4 2nd semester 
 
This week will be the continuation of atoms and the periodic table.  Please read 9.4, 9.5 and 9.6 
and answer the questions at the end of the section.  Please turn in all work to 
mlee@floydbroncos.com or 575-562-0154.  Have a great week!  
 

9.4 Identifying Atoms Using the 

Spectroscope 

Learning Objective 

Describe how an atom reveals its identity by the light it emits. 

By passing white light through a prism or through a diffraction grating, we can separate 
the color components of the light. A spectroscope, is an instrument used to observe 
the color components of any light source. The spectroscope allows us to analyze the 
light emitted by atoms as they are made to glow. 

Light is given off by atoms subjected to various forms of energy, such as heat or 
electricity. However, the atoms of a given element emit only certain frequencies of light. 
As a consequence, each element emits a distinctive glow when energized. Sodium 
atoms appear bright yellow light, which makes them useful as the light source in 
streetlamps because our eyes are very sensitive to yellow light. To name just one more 
example, neon atoms emit a brilliant red-orange light, and so they are useful in neon 
signs. 

When we view the light from a glowing element through a spectroscope, we see that the 
light consists of a number of discrete (separate from one another) frequencies rather 
than a continuous spectrum. The pattern of frequencies formed by a given element is 
referred to as that element’s atomic spectrum. The atomic spectrum is an element’s 
fingerprint. You can identify the elements in a light source by analyzing the light through 
a spectroscope and looking for the characteristic patterns. 
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fyi 
A star’s age is revealed by its elemental makeup. The first and oldest stars were 
composed of hydrogen and helium because those were the only elements available at 
that time. Heavier elements were produced after many of these early stars exploded in 
supernovae. Later stars incorporated these heavier elements in their formation. In 
general, the younger a star, the greater amounts of these heavier elements it contains. 

9.4 Identifying Atoms Using the 

Spectroscope 

10.What does a spectroscope do to the light coming from an atom? 
11.What causes an atom to emit light? 
12.Why do we say that atomic spectra are like the fingerprints of elements? 

9.5 The Quantum Hypothesis 

Learning Objective 

Recount how the quantum nature of energy led to Bohr’s planetary model of the 
atom. 

An important step toward our present understanding of atoms and their spectra was 
taken by the German physicist Max Planck (1858–1947). In 1900, Planck hypothesized 
that light energy is quantized in much the same way matter is. The mass of a gold brick, 
for example, equals some whole-number multiple of the mass of a single gold atom. 
Similarly, an electric charge is always some whole-number multiple of the charge on a 
single electron. Mass and electric charge are therefore said to be quantized in that they 
consist of fundamental units. 



Planck identified each discrete parcel of light energy as a quantum. A few years later, 
Einstein recognized that a quantum of light energy behaves much like a tiny particle of 
matter. To emphasize its particulate nature, each quantum of light was called a photon, 
a name coined because of its similarity to the word electron. 

Using Planck’s quantum hypothesis, the Danish scientist Niels Bohr (1885–1962) 
explained the formation of atomic spectra as follows. When an atom absorbs a photon 
of light, it is absorbing energy. This energy is acquired by one of the electrons. Because 
this electron has gained energy, it must move away from the nucleus. This is analogous 
to the greater potential energy an object has when it is held higher above the ground. 
 
Bohr also realized that the opposite is true: When a high-potential-energy electron in an 
atom loses some of its energy, the electron falls closer to the nucleus and the energy 
lost from the electron is emitted from the atom as a photon of light.  
 
Bohr reasoned that because light energy is quantized, the energy of an electron in an 
atom must also be quantized. In other words, an electron cannot have just any amount 
of potential energy. Rather, within the atom there must be a number of distinct energy 
levels, analogous to steps on a staircase. Where you are on a staircase is restricted to 
where the steps are—you cannot stand at a height that is, say, halfway between any 
two adjacent steps. Similarly, an atom has only a limited number of permitted energy 
levels, and an electron can never have an amount of energy between these permitted 
energy levels. 
 
Bohr gave each energy level a quantum number n, where n is always some integer. 
The lowest energy level has a principal quantum number n = 1. An electron for which n 
= 1 is as close to the nucleus as possible, and an electron for which n = 2, n = 3, and so 
forth is farther away, in a stepwise fashion, from the nucleus. 

Using these ideas, Bohr developed a conceptual model in which an electron moving 
around the nucleus is restricted to certain distances from the nucleus, with these 
distances determined by the amount of energy the electron has. Bohr saw this as 
similar to how the planets are held in orbit around the Sun at given distances from the 
Sun. The allowed energy levels for any atom, therefore, could be graphically 
represented as orbits around the nucleus. Bohr’s quantized model of the atom thus 
became known as the planetary model. 

Bohr used his planetary model to explain why atomic spectra contain only a limited 
number of light frequencies. According to the model, photons are emitted by atoms as 
electrons move from higher-energy outer orbits to lower-energy inner orbits. The energy 
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of an emitted photon is equal to the difference in energy between the two orbits. 
Because an electron is restricted to discrete orbits, only particular light frequencies are 
emitted, as atomic spectra show. 
 
Interestingly, any transition between two orbits is always instantaneous. In other words, 
the electron doesn’t “jump” from a higher to a lower orbit the way a squirrel jumps from 
a higher branch in a tree to a lower one. Rather, an electron takes no time to move 
between two orbits. Bohr was serious when he stated that electrons could never exist 
between permitted energy levels. 
 
Bohr’s planetary atomic model proved to be a tremendous success. By utilizing Planck’s 
quantum hypothesis, Bohr’s model solved the mystery of atomic spectra. Despite its 
successes, though, Bohr’s model was limited because it did not explain why energy 
levels in an atom are quantized. Bohr was quick to point out that his model was to be 
interpreted only as a crude beginning, and the picture of electrons whirling about the 
nucleus like planets about the Sun was not to be taken literally (a warning to which 
popularizers of science paid no heed). 
 

9.5 The Quantum Hypothesis 

13.What was Planck’s quantum hypothesis? 
14.Which has more potential energy—an electron close to an atomic 

nucleus or one far from an atomic nucleus? 
15.Did Bohr think of his planetary model as an accurate representation of 

what an atom looks like? 

9.6 Electron Waves 

Learning Objective 

Summarize how electrons, when confined to an atom, behave like self-reinforcing 
wavelike entities. 



If light has both wave properties and particle properties, why can’t a material particle, 
such as an electron, also have both? This question was posed by the French physicist 
Louis de Broglie (1892–1987) while he was still a graduate student in 1924. His 
revolutionary answer was that every moving particle of matter is endowed with the 
characteristics of a wave. 

We now speak of waves as an essential feature of any bit of matter. An electron, or any 
particle, can show itself as a wave or as a particle, depending on how we examine it. 
This is called the wave–particle duality. Just a few years after de Broglie’s suggestion, 
researchers in Great Britain and the United States confirmed the wave nature of 
electrons by observing diffraction and interference effects when electrons bounced from 
crystals. 

Unifying Concept 
Waves Section 8.1 

A practical application of the wave properties of electrons is the electron microscope, 
which focuses not light waves but rather electron waves. Because electron waves are 
much shorter than visible-light waves, electron microscopes can show far greater detail 
than optical microscopes.  An electron’s wave nature can be used to explain why 
electrons in an atom are restricted to particular energy levels. Permitted energy levels 
are a natural consequence of electron waves having to form closed circular patterns 
around the atomic nucleus. 

Fyi 
Electron waves are three-dimensional, which makes them difficult to visualize, but 
scientists have come up with ways of visualizing them, including probability clouds 

and atomic orbitals. 

This loop is affixed to a mechanical vibrator that can be adjusted to create waves of 
different wavelengths in the wire. Waves that are some multiple of the length of the wire 
are able to meet up with themselves after traveling around the wire. This results in a 
stationary wave pattern called a standing wave. This pattern results because the peaks 
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and valleys of successive waves are perfectly matched. With other wavelength 
successive waves are not synchronized. As a result, the waves do not build to great 
amplitude. 
The only waves that an electron exhibits while confined to an atom are those that are 
self-reinforcing. These resemble a standing wave centered on the atomic nucleus. Each 
standing wave corresponds to one of the permitted energy levels. Only the frequencies 
of light that match the difference between any two of these permitted energy levels can 
be absorbed or emitted by an atom. 

The wave nature of electrons also explains why they do not spiral closer and closer to 
the positive nucleus that attracts them. By viewing each electron orbit as a 
self-reinforcing wave, we see that the circumference of the smallest orbit can be no 
smaller than a single wavelength. 

9.6 Electron Waves 

16.Who first proposed that electrons exhibit the properties of a wave? 
17.What is a practical application of the wave nature of an electron? 
18.An electron confined to an atom has waves that are what? 

 

 


